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Thermochemistry

Chapter 5
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THE NATURE OF ENERGY
The concept of matter has always been easy to grasp because 

matter can be seen and touched. By contrast, although the 
concept of energy is a familiar one, it is challenging to deal with 
in a precise way. Energy is commonly defined as the capacity 
to do work or transfer heat. This definition requires us to 
understand the concepts of work and heat.

Work is the energy used to cause an object to move against a 
force, and heat is the energy used to cause the temperature of 
an object to increase. 

Physical and chemical changes are usually accompanied by 
energy changes.

Even though Chemistry is the study of matter, energy affects 
matter.

3

All forms of energy are either:
– Kinetic
– Potential

Work is a force acting over a distance.
Work = Force * Distance

Energy can be exchanged between objects through: 
• Contact
• Collisions

Let’s begin our study of energy by examining the ways 
in which matter can possess energy and how that 
energy can be transferred from one piece of matter 
to another.

Thermochemistry and Thermodynamics
Thermochemistry is the science studying energy 

changes accompanying some physical and chemical 
changes.

A broader concept of energy changes is dealt with 
through a branch of science called thermodynamics, 
{therme (heat), and dy’namis (power), from Greek}.

Thermodynamics will be studied as a separate topic in 
the next Semester “in General Chemistry B”.

4
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Kinetic Energy
Objects, whether they are baseballs or molecules, can possess 

kinetic energy, the energy of motion. The magnitude of the 
kinetic energy, Ek, of an object depends on its mass, m, and 
speed, v:

Ek = ½ mv2

We see that the kinetic energy of an object increases as its speed 
increases. For example, a car moving at 55 miles per hour 
(mph) has greater kinetic energy than it does at 25 mph. For a 
given speed the kinetic energy increases with increasing mass. 
Thus, a large truck traveling at 55 mph has greater kinetic 
energy than a small car traveling at the same speed because 
the truck has the greater mass.

In chemistry, we are interested in the kinetic energy of atoms and 
molecules. Although too small to be seen, these particles have 
mass and are in motion and, therefore, possess kinetic energy.
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Potential Energy
The energy stored in a stretched spring, in a 

weight held on a shelve, or in a chemical bond, 
for example are forms of potential energy.

An object has potential energy by virtue of its 
composition and position relative to other 
objects. Potential energy is “stored” energy that 
arises from the attractions and repulsions an 
object experiences in relation to other objects.

7

Interconversion of Energy
We are all familiar with instances in which 

potential energy is converted into kinetic 
energy. For example, think of a cyclist 
balanced at the top of a hill. Because of the 
attractive force of gravity, the potential 
energy of the cyclist and her bicycle is 
greater at the top of the hill than at the 
bottom. As a result, the bicycle easily moves 
down the hill with increasing speed. As it 
does so, the potential energy initially stored 
in it is converted into kinetic energy. The 
potential energy decreases as the bicycle 
rolls down the hill, but its kinetic energy 
increases as the speed increases.

8
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Chemical Energy
Gravitational forces play a negligible role in the ways that 

atoms and molecules interact with one another. Forces 
that arise from electrical charges are more important 
when dealing with atoms and molecules. 

One of the most important forms of potential energy in 
chemistry is electrostatic potential energy, Eel, which 
arises from the interactions between charged particles. 

This energy is proportional to the electrical charges on the 
two interacting objects, Q1 and Q2, and inversely 
proportional to the distance, d, separating them:

10

Here k is simply a constant of proportionality, 8.99*109

J m/C2. [C is the coulomb, a unit of electrical charge 
and J is the joule, a unit of energy]. 

At the molecular level, the electrical charges Q1 and Q2
are typically on the order of magnitude of the charge 
of the electron (1.6*10-19 C).

The electrostatic potential energy goes to zero as d 
becomes infinite; in other words, the zero of 
electrostatic potential energy is defined as infinite 
separation of the charged particles.

1112

Units of Energy
The SI unit for energy is the  joule (pronounced “jool”), 

J, in honor of James Joule, a British scientist who 
investigated work and heat. 

A mass of 2 kg moving at a speed of (1m/s) possesses 
a kinetic energy of 1 J:

Ek = ½ mv2 = ½ (2kg)(1m/s)2 = 1 kg m2/s2 = 1 J

A joule is the amount of work done on a body by a one 
Newton force (1N = 1 kg m/s2) that moves the body a 
distance of one meter, in the direction of the force.

1J = work = force * distance = 1 kg m/s2 * m = 1 kg m2/s2
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The Newton is the Standard International (SI) unit of force 
(usually abbreviated N).

One Newton is the force required to cause a mass of one 
kilogram to accelerate at a rate of one meter per second 
squared (1N = 1 kg m/s2). In general, force (F) in Newtons, 
mass (m) in kilograms, and acceleration (g) in meters per 
second squared are related by the formula:

F = mg

Because a joule is not a large amount of energy, we 
often use kilojoules (kJ) in discussing the energies 
associated with chemical reactions. In physics, a 
smaller unit (erg = 10-7J) is routinely used.

1314

Traditionally, energy changes accompanying 
chemical reactions have been expressed in 
calories, a non–SI unit still widely used in 
chemistry, biology, and biochemistry. A 
calorie (cal) was originally defined as the 
amount of energy required to raise the 
temperature of 1 g of water from 14.5 oC to 
15.5 oC. A calorie is now defined in terms of 
the joule:

1 cal = 4.184 J (exact)
A related energy unit used in nutrition is the 

nutritional Calorie (note the capital C):
1 Cal = 1000 cal = 1 kcal

15

System and Surroundings
When analyzing energy changes, we need to focus on 

a limited and well-defined part of the universe to 
keep track of the energy changes that occur. This 
limited and well-defined part we examine is called 
the system; everything else is called the 
surroundings. 

When we study the energy change that accompanies a 
chemical reaction in the laboratory, the reactants 
and products constitute the system. The container 
and everything else are considered the 
surroundings.

16

Closed and Open Systems
Systems may be open, closed, or isolated. An open 

system is one in which matter and energy can be 
exchanged with the surroundings. 

An uncovered pot of boiling water on a stove, is an 
open system: Heat comes into the system from the 
stove, and water is released to the surroundings as 
steam.

The systems we can most readily study in 
thermochemistry are called  closed systems; these 
are systems that can exchange energy but not 
matter with their surroundings. 
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Isolated Systems
An isolated system is one in which neither 

energy nor matter can be exchanged with the 
surroundings. An insulated thermos 
containing hot coffee approximates an 
isolated system. We know, however, that the 
coffee eventually cools, so it is not perfectly 
isolated.

Is a human being an isolated, closed, or open 
system?

Since human body exchanges heat and matter 
(Sweating), it is an open system.

19

We experience energy changes in our 
everyday lives in two ways;  in the form 
of work and in the form of heat. 

Causing the motion of an object against a 
force, and causing a temperature 
change in a water pot by a stove are the 
two general ways that energy can be 
transferred.

In the side Figure  work is done as energy 
is transferred from the player’s arm to 
the ball, at high speed.

When a force forces an object to move, we 
have:

w = F * d
The magnitude of this work equals the 

product of the force, F, and the 
distance, d, the object moves.

Transferring Energy: Work and Heat

20

We perform work, for example, when we lift an object 
against the force of gravity. If we define the object as 
the system, then we, as part of the surroundings, are 
performing work on that system, transferring energy 
to it.

The other way in which energy is transferred is as heat. 
Heat is the energy transferred from a hotter object to 
a colder one. A combustion reaction, such as the 
burning of natural gas, releases the chemical energy 
stored in the molecules of the fuel. If we define the 
substances involved in the reaction as the system 
and everything else as the surroundings, we find 
that the released energy causes the temperature of 
the system to increase. Energy in the form of heat is 
then transferred from the hotter system to the cooler 
surroundings.
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Describing and Calculating Energy 
Changes

A bowler lifts a 5.4-kg (12-lb) bowling ball from ground 
level to a height of 1.6 m (5.2 ft) and then drops it. (a) 
What happens to the potential energy of the ball as it 
is raised?  (b) What quantity of work, in J, is used to 
raise the ball? (c) After the ball is dropped, it gains 
kinetic energy. If all the work done in part (b) has 
been converted to kinetic energy by the time the ball 
strikes the ground, what is the ball’s speed just 
before it hits the ground? (Note: The force due to 
gravity is 9.8 m/s2).

(a) Because the ball is raised above the ground, its 
potential energy relative to the ground increases.

22

(b) The ball has a mass of 5.4 kg and is lifted 1.6 m. To 
calculate the work performed to raise the ball, we 
use the equation: w = F*d and F = m*g for the force 
that is due to gravity. This gives: w = m*g*d
W = 5.4kg*(9.8m/s2)*1.6m = 85 kg.m2/s2 or 85 J

Thus, the bowler has done 85 J of work to lift the ball to 
a height of 1.6 m.

c) When the ball is dropped, its potential energy is 
converted to kinetic energy. We assume that the 
kinetic energy just before the ball hits the ground is 
equal to the work done in part (b), 85J.

Ek = ½ mv2

V = {2*Ek/m)1/2

V = {2*85 (kg m2/s2)/5.4kg}1/2 = 5.6 m/s

23

What is the kinetic energy, in J, of (a) an Ar 
atom moving at a speed of 650 m/s, (b) a 
mole of Ar atoms moving at 650 m/s? 

Hint: 1 amu = 1.66 * 10-27 kg

a. Mass of 1 Ar atom = 39.9 amu*1.66 * 10-27 kg 
= 6.6*10-26 kg

Ek = ½ mv2 = ½ * 6.6*10-26 kg*(650 m/s)2 = 1.4*10-20 J

b. Mass of 1 mol of argon = 39.9 g = 0.0399 kg

Ek = ½ mv2 = ½ * 0.0399 kg*(650 m/s)2 = 8.4*103 J

24

THE FIRST LAW OF THERMODYNAMICS

We have seen that the potential energy of a system can 
be converted into kinetic energy, and vice versa. We 
have also seen that energy can be transferred back 
and forth between a system and its surroundings in 
the forms of work and heat. All of these conversions 
and transfers proceed in accord with one of the most 
important observations in science:

“Energy can be neither be created nor destroyed”

Any energy that is lost by a system must be gained by 
the surroundings, and vice versa. This important 
observation, that energy is conserved, is known as 
the first law of thermodynamics. 



17/01/1436

7

25

Internal Energy
We define the internal energy, E, of a system as the 

sum of all the kinetic and potential energies of the 
components of the system. 

For a reaction system, the internal energy includes not 
only the motions and interactions of the reacting 
molecules but also the motions and interactions of 
their nuclei and electrons. We generally do not know 
the numerical value of a system’s internal energy. 

In thermodynamics, fortunately, we are mainly 
concerned with the changes in energy, ∆E , that 
accompanies a change in the system.

26

Imagine that we start with a system with an initial 
internal energy,  Einitial. The system then undergoes a 
change, which might involve work being done or 
heat being transferred. After the change, the final 
internal energy of the system is Efinal. We define the 
change in internal energy, denoted ∆E (read “delta 
E”), as the difference between Efinal and Einitial

∆E = Efinal - Einitial

We generally can’t determine the actual values of Efinal 
and Einitial for any system of practical interest. 
Nevertheless, one of the strong  aspects of the first 
law of thermodynamics is that we need only the 
value of ∆E in order to apply the law. We can often 
determine the value of ∆E even though we don’t 
know the specific values of Efinal and Einitial

2728

Thermodynamic quantities such as ∆E have three 
parts: (1) a number and (2) a unit, which together 
give the magnitude of the change, and (3) a sign that 
gives the direction. A positive value of  ∆E results 
when Efinal>Einitial, indicating that the system has 
gained energy from its surroundings. A negative 
value of ∆E results when Efinal<Einitial, indicating that 
the system has lost energy to its surroundings. 

We need to remember, however, that any increase in 
the energy of the system is accompanied by a 
decrease in the energy of the surroundings, and vice 
versa. 
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In a chemical reaction, 
2H2(g) + O2(g) g 2 H2O(l)
the initial state of the system 

refers to the reactants and the 
final state refers to the 
products. In the reaction, for 
instance, the initial state is 
the (2H2(g) + O2(g)) and the 
final state is the 2 H2O(l).

When hydrogen and oxygen 
form water at a given 
temperature, the system loses 
energy to the surroundings. 
Because energy is lost from 
the system, the internal 
energy of the products (final 
state) is less than that of the 
reactants (initial state), and 
∆E for the process is 
negative. 

30

Relating ∆E to Heat and Work
As we noted earlier, a system may exchange energy 

with its surroundings in two general ways: as heat or 
as work. 

The internal energy of a system changes in magnitude 
as heat is added to or removed from the system or 
as work is done on or by the system.

If we think of internal energy as the system’s bank 
account of energy, we see that deposits or 
withdrawals can be made either in increments of 
heat or in increments of work. Deposits increase the 
energy of the system (positive ∆E), whereas 
withdrawals decrease the energy of the system 
(negative ∆E).

31

Sign Conventions for Heat and Work

32

When heat is added to a system or work is done on a 
system, its internal energy increases.

Therefore, when heat is transferred to the system from 
the surroundings, q has a positive value. Adding 
heat to the system is like making a deposit to the 
energy account, the energy of the system increases. 

Likewise, when work is done on the system by the 
surroundings, w has a positive value. 

Conversely, both the heat lost by the system to the 
surroundings and the work done by the system on 
the surroundings have negative values; that is, they 
lower the internal energy of the system. 
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We can use these ideas to write a useful 
algebraic expression of the first law of 
thermodynamics. 

When a system undergoes any chemical or 
physical change, the accompanying change in 
internal energy, ∆E, is the sum of the heat added 
to or liberated from the system, q, and the work 
done on or by the system, w:

∆E = q + w

34

The Sign Conventions for q, w

35

Gases A(g) and B(g) are confined in a 
cylinder-and-piston arrangement like 
that shown in the Figure and react to 
form a solid product C(s):

A(g) + B(g) g C(s)
As the reaction occurs, the system loses 

1150 J of heat to the surroundings. The 
piston moves downward as the gases 
react to form a solid. As the volume of 
the gas decreases under the constant 
pressure of the atmosphere, the 
surroundings do 480 J of work on the 
system. What is the change in the 
internal energy of the system?

Heat is transferred from the system to the 
surroundings (-ve q), and work is done 
on the system by the surroundings (+ve 
w), so q is negative and w is positive: 

∆E = q + w = -1150 + 480 = -670 J

This means that overall, energy was 
transferred from the system to 
surroundings.

36

Endothermic Processes

Because transfer of heat to and from the system is 
central to our discussion in this chapter, we have 
some special terminology to indicate the direction of 
transfer. 

When a process occurs in which the system absorbs 
heat, the process is called  endothermic (endo-
means “into”). During an endothermic process, such 
as the melting of ice, heat flows into the system from 
its surroundings. 

If we, as part of the surroundings, touch a container in 
which ice is melting, heat is transferred from our 
hand to the container. When ammonium thiocyanate 
and barium hydroxide octahydrate are mixed at room 
temperature, the temperature drops.
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Exothermic Processes
A process in which the system 

loses heat is called exothermic 
(exo- means “out of ”). 

During an exothermic process, 
such as the combustion of 
gasoline, heat exits or flows out 
of the system into the 
surroundings, such as touching 
boiling water where heat is 
transferred to your hand and 
feels hotness. 

The reaction of powdered 
aluminum with Fe2O3 (the 
thermite reaction) proceeds 
vigorously, releasing heat and 
forming Al2O3 and molten iron.

38

State Functions
Although we usually have no way of knowing the 

precise value of the internal energy of a system, E, it 
does have a fixed value for a given set of conditions. 

The conditions that influence internal energy include 
the temperature and pressure. Furthermore, the 
internal energy of a system is proportional to the 
total quantity of matter in the system because 
energy is an extensive property.

Suppose we define our system as 50 g of water at 25 
oC. The system could have reached this state by 
cooling 50 g of water from 100 oC to 25 oC or by 
melting 50 g of ice and subsequently warming the 
water to 25 oC. The internal energy of the water at 25 
oC is the same in either case. 

39

Suppose you drive from Gaza shore, which is say 30 ft above 
sea level, to shijaia , which is say 280 ft above sea level. No 
matter which route you take, the altitude change is 250 ft. The 
distance you travel, however, depends on your route. Altitude 
is analogous to a state function because the change in altitude 
is independent of the path taken. Distance traveled is not a 
state function, because it depends on the route.

Internal energy is an example of a state function, a 
property of a system that is determined by 
specifying the system’s condition, or state (in terms 
of temperature, pressure, and so forth). 

The value of a state function depends only on the 
present state of the system, not on the path the 
system followed to reach that state. 

Because E is a state function, ∆E depends only on the 
initial and final states of the system, not on how the 
change occurs.

40
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We have seen that E is a state function, 
however, q and w are not. This means that, 
although ∆E = q + w does not depend on how 
the change occurs (from Ei to Ef), the specific 
amounts of heat and work used depend on 
the way in which the change occurs. 

Nevertheless, if changing the path by which a 
system goes from an initial state to a final 
state increases the value of q, that path will 
also decrease the value of w by exactly the 
same amount. The result is that ∆E is the 
same for the two paths. 

∆E, q, and w

42

Let us consider two possible ways of discharging a 
battery. If a wire resiatance shorts out the battery, no 
work is accomplished because nothing is moved 
against a force. All the energy lost from the battery is 
in the form of heat. (The wire gets hot and releases 
heat to the surroundings).  If the battery is used to 
make a motor turn, the discharge produces work. 
Some heat is released, but less than when the 
battery is shorted out. 

We see that the magnitudes of q and w must be 
different for these two cases. If the initial and final 
states of the battery are identical in the two cases, 
however, then ∆E = q + w must be the same in both 
cases because E is a state function. 

The battery discharged in a flash light (heat and light) 
or a toy car (heat and work) is another example. 

4344

Enthalpy
A system that consists of a gas confined to a container 

can be characterized by several different properties. 
Among the most important are the pressure of the 
gas, P, and the  volume of the container, V. Like 
internal energy  E, both P and V are state functions, 
they depend only on the current state of the system, 
not on the path taken to reach that state.

We can combine these three state functions, E, P, and 
V, to define a new state function called enthalpy 
(from the Greek enthalpein, “to warm”). This new 
function is particularly useful for discussing heat 
flow in processes that occur under constant (or 
nearly constant) pressure. Enthalpy, which we 
denote by the symbol H, is defined as the internal 
energy plus the product of the pressure and volume 
of the system:
H = E + PV
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Most commonly, the only kind of work produced by 
chemical or physical changes open to the atmosphere 
(i.e. at constant pressure) is the mechanical work 
associated with a change in volume. 

For example, when the reaction of zinc metal with 
hydrochloric acid solution,

Zn(s) + 2 H+(aq) g Zn2+(aq) + H2(g)
is run at constant pressure in an appropriate apparatus, the 

piston moves up to maintain a constant pressure in the 
vessel. If we assume for simplicity that the piston has no 
mass, the pressure in the apparatus is the same as 
atmospheric pressure. 

As the reaction proceeds, H2 gas forms, and the piston 
rises. The gas within the flask is thus doing work on the 
surroundings by lifting the piston against the force of 
atmospheric pressure.

46
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The work involved in the expansion or compression of gases is 
called pressure-volume work (or P-V work). When pressure is 
constant in a process, as in our preceding example, the sign 
and magnitude of the pressure-volume work are given by:
W = -P∆V

where P is pressure and  ∆V = Vfinal - Vinitial
∆V is the change in volume of the system. 

The negative sign in the equation is necessary to conform to the 
sign conventions. If the volume of the system expands, then ∆V 
is positive. 

Because the expanding system does work on the surroundings, w 
is negative, energy leaves the system as work. Notice that if the 
gas is compressed, ∆V is negative (the volume decreases), and 
the equation W = (+)P∆V  indicates that w is positive, meaning 
work is done on the system by the surroundings. 

48

Let’s now return to our discussion of enthalpy. When a 
change occurs at constant pressure, the change in 
enthalpy, ∆H, is given by the relationship:

∆H =∆(E + PV)
∆H = ∆E + P∆V + V∆P
∆H = ∆E + P∆V  (constant pressure)

That is, the change in enthalpy equals the change in 
internal energy plus the product of the constant 
pressure times the change in volume.

Recall that ∆E = q + w and the work involved in the 
expansion of a gas is w = –P∆V (at constant 
pressure). 
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Substituting (-w) for P∆V and (q + w) for ∆E into the ∆H 
equation, we have:

∆H = ∆E + P∆V

∆H = (qp + w) – w = qp

The subscript p on qp indicates that the process occurs 
at constant pressure. Thus, the change in enthalpy 
equals the heat qP gained or lost at constant 
pressure. Because qP is something we can either 
measure or readily calculate and because so many 
physical and chemical changes of interest to us 
occur at constant pressure, enthalpy is a more 
useful function for most reactions than is internal 
energy. 

Using another approach, for expansion work:
Since work is being done by the system on the surroundings,

w = –P∆V
Using the first law of thermodynamics,

∆E = q – P∆V
If the reaction is carried out under constant volume,

∆V = 0 and ∆E = qv

If the reaction is carried out under constant pressure,
∆E = qp – P∆V, or
qp = ∆E + P∆V
but ∆H = ∆E + P∆V

Then ∆H =  qp
50

51

The Sign of ∆H
When ∆H is positive (that is, when qP is positive), the 

system has gained heat from the surroundings, which 
means the process is endothermic. When ∆H is negative
(that is, when qP is negative), the system has released 
heat to the surroundings, which means the process is 
exothermic. 

Because ∆H is a state function, (which equals qP) ∆H 
depends only on the initial and final states of the system, 
not on how the change occurs. 

At first glance this statement might seem to contradict our 
discussion that q is not a state function. There is no 
contradiction, however, because the relationship 
between ∆H and qP has the special limitations that only P-
V work is involved and that the pressure is constant.

52
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Examples: Determining the 
Sign of ∆H

Indicate the sign of the enthalpy change, ∆H, in these 
processes carried out under atmospheric pressure 
and indicate whether each process is endothermic 
or exothermic: (a) An ice cube melts; (b) 1 g of 
butane (C4H10) is combusted in sufficient oxygen to 
give complete combustion to CO2 and H2O.

a. When an ice cube melts, heat is absorbed by the 
system. This makes ∆H +ve , endothermic process

b. When 1 g of butane is combusted it gives off heat 
to surroundings, this makes ∆H –ve and the 
process is exothermic.

54

Molten gold poured into a mold solidifies at 
atmospheric pressure. With the gold defined as the 
system, is the solidification an exothermic or 
endothermic process?

In order to solidify, the gold must cool to below its 
melting temperature. It cools by transferring heat to 
its surroundings. The air around the sample would 
feel hot because heat is transferred to it from the 
molten gold, meaning the process is exothermic.

You may notice that solidification of a liquid is the 
reverse of the melting we analyzed in the previous 
exercise. As we will see, reversing the direction of a 
process changes the sign of the heat transferred.

55

Value of ∆E versus ∆H
The change in internal energy is equal to the heat 

gained or lost at constant volume, and the change in 
enthalpy is equal to the heat gained or lost at 
constant pressure. 

∆H = ∆E + P∆V
The difference between ∆E and ∆H  is the amount of P-

V work when the process occurs at constant 
pressure.

The volume change accompanying many reactions is close 
to zero, which makes P∆V and, therefore, the difference 
between ∆E and ∆H small. Under most circumstances, it 
is generally satisfactory to use ∆H as the measure of 
energy changes during most chemical processes.

56

ENTHALPY OF REACTION
Because ∆H = Hfinal - Hinitial, the enthalpy change for a chemical 

reaction is given by:
∆H = Hproducts – Hreactants

The enthalpy change that accompanies a reaction is called either 
the enthalpy of reaction or the heat of reaction and is 
sometimes written as ∆Hrxn , where “rxn” is a commonly used 
abbreviation for “reaction”.

When we give a numerical value for ∆Hrxn, we must specify the 
reaction and states involved. For example, when 2 mol H2(g) 
burn to form 2 mol H2O(g) at a constant pressure, the system 
releases 483.6 kJ of heat. We can summarize this information 
as:

2H2(g) + O2(g) g 2H2O(g)    ∆H = -483.6 kJ

Balanced chemical equations that show the associated enthalpy 
change in this way are called thermochemical equations.
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Guidelines for Using Thermochemical Equations
The following guidelines are helpful when using 

thermochemical equations and enthalpy diagrams:
1. Enthalpy is an extensive property. The magnitude of 

∆H is proportional to the amount of reactant 
consumed in the process. For example, 890 kJ of 
heat is produced when 1 mol of CH4 is burnt in a 
constant-pressure system:

CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(l)   ∆H = -890 kJ

Because the combustion of 1 mol of CH4 with 2 mol of 
O2 releases 890 kJ of heat, the combustion of 2 mol 
of CH4 with 4 mol of O2 releases twice as much heat, 
1780 kJ.

2CH4(g) + 4 O2(g) g 2CO2(g) + 4 H2O(l)   ∆H = - 1780 kJ

59

2. The enthalpy change for 
a reaction is equal in 
magnitude, but opposite 
in sign, to ∆H for the 
reverse reaction. For 
example, ∆H for the 
reverse reaction:

CO2(g) + 2 H2O(l) g CH4(g) 
+ 2 O2(g) ∆H = +890 kJ

We see that reversing the 
products and reactants 
leads to the same 
magnitude of ∆H but a 
change in sign.

60

3. The enthalpy change for a reaction depends on the states of the 
reactants and products. If the product in the equation:

CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(l)   ∆H =-890 kJ

were H2O(g) instead of H2O(l), ∆Hrxn would be -802kJ instead of      
-890 kJ. Less heat would be available for transfer to the 
surroundings because the enthalpy of H2O(g) is greater than 
that of H2O(l). 

One way to see this is to imagine that the product is initially liquid 
water. The liquid water must be converted to water vapor, and 
the conversion of 2 mol H2O(l) to 2 mol H2O(g) is an 
endothermic process that absorbs 88 kJ:

2H2O (l) g 2 H2O (g) ∆H = +88 kJ

Thus, it is important to specify the states of the reactants and 
products in thermochemical equations. In addition, we will 
generally assume that the reactants and products are both at 
the same temperature, 25 oC , unless otherwise indicated.
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Examples: Relating ∆H to Quantities of 
Reactants and Products

In the following reaction, how much heat is released 
when 4.50 g of methane gas is burned in a constant-
pressure system?

CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(l)   ∆H = -890 kJ

mol methane = {4.50 g/(16.0g/mol)} = 0.281

Heat released = No. of mol * heat released per mol

Heat released = 0.281 mol*(-890 kJ/mol) = -250 kJ

62

Hydrogen peroxide can decompose to water 
and oxygen by the reaction:
2 H2O2(l) g 2 H2O(l) + O2(g)    ∆H = -196 kJ

Calculate the quantity of heat released when 
5.00 g of H2O2(l) decomposes at constant 
pressure.

mol H2O2 = {5.00 g/(34.0 g/mol)} = 0.147

Quantity of heat released = mol*(Heat/mol)
Quantity of heat released = 0.147*(-196 kJ/2 mol) = -14.4 

kJ

63

Given the thermochemical equation:
SO2 (g)  + ½ O2 (g) g SO3 (g) ∆H = -99.1 kJ

Find the heat evolved when 74.0 g SO2 (g) (FW = 
64.07g/mol) is converted to SO3 (g).

1 mol SO2 (g) generates 99.1 kJ. Therefore, we 
should find the number of moles of SO2 and 
multiply it by 99.1 kJ.

mol SO2 = Wt/FW = 74.0 g/(64.07 g/mol)
Amount of heat released = {74.0 g/(64.07 g/mol)}* (-

99.1 kJ/mol) = - 114.5 kJ

64

Find the heat evolved when 266 g of solid P4 is 
burnt in oxygen according to the 
thermochemical equation:

P4 (s)  + 5 O2 (g) g P4O10 (g) ∆H = -3013 kJ

Heat evolved = mol P4 * ∆H/mol P4

Heat evolved = {266 g/(124 g/mol P4)} * (-3013 
kJ/mol P4) = -6463 kJ
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CALORIMETRY
The value of ∆H can be determined 

experimentally by measuring the heat flow 
accompanying a reaction at constant 
pressure. 

Typically, we can determine the magnitude of 
the heat flow by measuring the magnitude of 
the temperature change the heat flow 
produces. The measurement of heat flow is 
“calorimetry”; the device used to measure 
heat flow is a calorimeter.

66

Heat Capacity
The more heat an object gains, the hotter it gets. All 

substances change temperature when they are heated, 
but the magnitude of the temperature change produced 
by a given quantity of heat varies from substance to 
substance. The temperature change experienced by an 
object when it absorbs a certain amount of heat is 
determined by its heat capacity, denoted C. The heat 
capacity of an object is the amount of heat required to 
raise its temperature by 1 K (or 1 oC). The greater the heat 
capacity of an object, the greater the heat required to 
produce a given increase in temperature.

For pure substances the heat capacity is usually given for a 
specified amount of the substance. The heat capacity of 
one mole of a substance is called its molar heat capacity, 
Cm.

67

Specific Heat
The heat capacity of one gram of a substance is called 

its specific heat. The specific heat, Cs, of a 
substance can be determined experimentally by 
measuring the temperature change, ∆T, that a known 
mass m of the substance undergoes when it gains or 
loses a specific quantity of heat q:

68

Assume 209 J is required to increase the 
temperature of 50.0 g of water by 1.00 K. 
Calculate the specific heat of water.

Cs = 209 J/(50.0 g * 1 K) = 4.18 J/g-K

A temperature change in kelvins is equal in 
magnitude to the temperature change in 
degrees Celsius: Therefore, this specific heat 
for water can also be reported as 4.18 J/g-°C.
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Because the specific heat values for a given substance 
can vary slightly with temperature, the temperature 
is often precisely specified. The 4.18 J/g-K value we 
use here for water, for instance, is for water initially 
at 14.5 °C. 

Water’s specific heat at this temperature is used to 
define the calorie at the value given where 1 cal = 
4.184 J exactly. 

Rearranging the specific heat equation, we get:
q = Cs * m *∆T

Thus, we can calculate the quantity of heat a substance 
gains or loses by using its specific heat together 
with its measured mass and temperature change.

70

Which substance in the Table undergoes the greatest 
temperature change when the same mass of each substance 
absorbs the same quantity of heat?

0.14 J are required to raise the temperature of 1g mercury 1 K. 
Therefore, mercury undergoes the greatest temperature change 
when a specific mass absorbs the same quantity of heat as other 
substances listed.

71

Examples: Relating Heat, Temperature Change, 
and Heat Capacity

a) How much heat is needed to warm 250 g of 
water (about 1 cup) from ( 22 oC ) to (98 
oC)? (b) What is the molar heat capacity of 
water?

a. 
q = Cs * m *∆T
q = (4.18 J/g-oC) * 250g * (98 – 22) oC = 7.9*104 J

b. Cm (J/mol-oC) = Cs (J/g-oC) * FW (g/mol)
Cm = 4.18 J/g-oC * (18.0 g/mol) = 75.2 kJ/mol-oC

72

a) The specific heat of some rocks is 0.82 J/g-K. 
Calculate the quantity of heat absorbed by 50.0 kg 
of rocks if their temperature increases by 12.0 °C. 
(b) What temperature change would these rocks 
undergo if they emitted 450 kJ of heat?

a. q = Cs * m *∆T
q = (0.82 J/g-oC) * 5.00*104 g * 12 oC = 4.9*105 J

b. ∆T = q/(Cs * m)
∆T = 4.50*105 J/(0.82 J/g-oC * 5.00*104 g) = 11 K
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a. 5 g of copper was heated from 20°C to 80°C.  How 
much energy was used to heat the Cu?

q = Cs * m *∆T
= 0.38 J/(g°C) * 5 * (80-20) °C = 114 J

b. If a 3.1 g ring is heated using 10.0 J, its temperature 
rises by 17.9 °C.  Calculate the specific heat of the 
ring.  Is the ring pure gold?
Cs = q/ m *∆T

The ring is not pure. Cs for gold is 0.13 J/(g°C)

10.0 J

3.1 g x 17.9°C
= 0.18 J/(g°C)=q = Cs * m *∆T

74

Constant-Pressure Calorimetry
Coffee Cup Calorimeter

The techniques and equipment employed in 
calorimetry depend on the nature of the process 
being studied. For many reactions, such as those 
occurring in solution, it is easy to control pressure 
so that ∆H is measured directly. 

Although the calorimeters used for highly accurate 
work are precision instruments, a simple “coffee-
cup” calorimeter is often used in general chemistry 
laboratories to illustrate the principles of 
calorimetry. 

Because the calorimeter is not sealed, the reaction 
occurs under the essentially constant pressure of 
the atmosphere.

75

Imagine adding two aqueous 
solutions, each containing 
a reactant, to a coffee-cup 
calorimeter. Once mixed, 
the reactants can react to 
form products. The 
temperature inside the 
calorimeter will change if 
reaction can release or 
absorb heat.

The reactants and products 
of the reaction are the 
system, and the water in 
which they are dissolved is 
part of the surroundings. 
(The calorimeter apparatus 
is also part of the 
surroundings).

76

If we assume that the calorimeter is perfectly insulated, 
then any heat released or absorbed by the reaction 
will raise or lower the temperature of the water in the 
solution. Thus, we measure the temperature change 
of the solution and assume that any changes are due 
to heat transferred from the reaction to the water (for 
an exothermic process) or transferred from the water 
to the reaction (endothermic). 

In other words, by monitoring the temperature of the 
solution, we are seeing the flow of heat between the 
system (the reactants and products in the solution) 
and the surroundings (the water that forms the bulk 
of the solution). Then use the equation:

qsoln = Cs * m *∆T = -qrxn
To calculate the quantity of heat transferred 
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For an exothermic reaction, heat is “lost” by the reaction and 
“gained” by the water in the solution, so the temperature of 
the solution rises. The opposite occurs for an endothermic 
reaction: Heat is gained by the reaction and lost by the 
water in the solution, and the temperature of the solution 
decreases. The heat gained or lost by the solution, qsoln, is 
therefore equal in magnitude but opposite in sign to the heat 
absorbed or released by the reaction, qrxn: 

qsoln = -qrxn.

The value of qsoln is readily calculated from the mass of the 
solution, its specific heat, and the temperature change:

qsoln = (specific heat of solution) * (grams of solution) *∆T = -qrxn

A temperature increase (∆T > 0) means the reaction is exothermic         
(qrxn < 0).

For dilute aqueous solutions we usually assume that the 
specific heat of the solution is the same as that of water, 
4.18 J/g-K.

78

Examples: Measuring ∆H Using a Coffee-
Cup Calorimeter

When a student mixes 50 mL of 1.0 M HCl and 50 mL of 1.0 M NaOH in a 
coffee-cup calorimeter, the temperature of the resultant solution 
increases from 21.0 °C to 27.5 °C. Calculate the enthalpy change for 
the reaction  in kJ/mol HCl, assuming that the calorimeter loses only a 
negligible quantity of heat, that the total volume of the solution is 100 
mL, that its density is 1.0 g/mL, and that its specific heat is 4.18 J/g-K.

HCl(aq) + NaOH(aq) g H2O(l) + NaCl(aq)

Mass of solution = 100 mL*(1.0g/mL) = 100 g
qsoln = (specific heat of solution) * (grams of solution) *∆T = -qrxn

∆H = qrxn = qp = -qsoln

∆H = qrxn = - (4.18 J/g-K)* 100g * (27.5 °C -21.0 °C) = - 2.71 kJ

mol HCl = 1.0 mol/L * 0.05 L = 0.05
∆H = 2.71 kJ/(0.05 mol HCl)  = - 54.3 kJ/mol

79

When 50.0 mL of 0.100 M AgNO3 and 50.0 mL of 0.100 
M HCl are mixed in a constant-pressure calorimeter, 
the temperature of the mixture increases from 22.30 
°C to 23.11 °C. The temperature increase is caused 
by the following reaction:

AgNO3(aq) + HCl(aq) g AgCl(s) + HNO3(aq)
Calculate ∆H for this reaction in kJ/mol AgNO3, 

assuming that the combined solution has a mass of 
100.0g and a specific heat of 4.18 J/g °C.

qsoln = (specific heat of solution) * (grams of solution) *∆T = -qrxn
∆H = qrxn qrxn = qp = -qsoln
∆H = - (4.18 J/g-K)* 100.0g * (23.11 °C -22.3 °C) = -339 J = 0.339kJ 

(resulting from 0.0050 mol)

mol AgNO3 = (0.100 mol/L) * 0.0500 L = 0.00500
∆H = -0.339 kJ/(0.00500 mol AgNO3)  = -67.8 kJ/mol

80

Bomb Calorimetry (Constant-Volume 
Calorimetry)

An important type of reaction studied using 
calorimetry is combustion, in which a 
compound reacts completely with excess 
oxygen.

Combustion reactions are most accurately 
studied using a bomb calorimeter. The 
substance to be studied is placed in a small 
cup within an insulated sealed vessel called 
a bomb. The bomb, which is designed to 
withstand high pressures, has an inlet valve 
for adding oxygen and electrical leads to 
ignite the reaction. 
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After the sample has 
been placed in the 
bomb, the bomb is 
sealed and pressurized 
with oxygen. It is then 
placed in the calorimeter 
and covered with an 
accurately measured 
quantity of water. The 
combustion reaction is 
initiated by passing an 
electrical current 
through a fine wire in 
contact with the sample. 
When the wire becomes 
sufficiently hot, the 
sample ignites.

82

The heat released when combustion occurs is absorbed by the 
water and the various components of the calorimeter (which all 
together make up the surroundings), causing the water 
temperature to rise. The change in water temperature caused 
by the reaction is measured very precisely.

To calculate the heat of combustion from the measured 
temperature increase, we must know the total heat capacity of 
the calorimeter, Ccal. This quantity is usually known for each 
calorimeter. Once we know Ccal  we can calculate the heat 
evolved in the reaction, qrxn:

qrxn = -Ccal * ∆T

Measurements made with a bomb calorimeter are generally more 
precise than those made with a coffee-cup calorimeter.
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Examples: Measuring qrxn Using a Bomb 
Calorimeter

The combustion of methylhydrazine (CH6N2), a liquid rocket fuel, 
produces N2(g), CO2(g), and H2O(l):

2 CH6N2(l) + 5 O2(g) g 2 N2(g) + 2 CO2(g) + 6 H2O(l)
When 4.00 g of methylhydrazine is combusted in a bomb 

calorimeter, the temperature of the calorimeter increases from 
25.00 °C to 39.50 oC. In a separate experiment the heat capacity 
of the calorimeter is measured to be 7.794 kJ/°C. Calculate the 
heat of reaction for the combustion of a mole of CH6N2.

qrxn = -Ccal * ∆T

qrxn = - (7.794 kJ/oC)*(39.50-25.00) = -113.0 kJ (resulting from 4.00g)

mol methylhydrazine = 4.00 g/(46.1g/mol) = 0.0868
qrxn/mol = -(113.0 kJ/0.0868 mol) = 1.30*103 kJ/mol

84

Because reactions in a bomb calorimeter are carried 
out at constant volume, the heat transferred 
corresponds to the change in internal energy, ∆E , 
rather than the change in enthalpy, ∆H. 

∆E = q - P∆V = q - P(0) = qV (constant volume)

For most reactions, however, the difference between 
∆E and ∆H is very small. For the reaction discussed 
in the previous example, the difference between ∆E 
and ∆H is about 1 kJ/mol, a difference of less than 
0.1%.

It is possible to correct the measured heat changes to 
obtain ∆H values, and these form the basis of the 
tables of enthalpy used in the following sections. We 
need not concern ourselves with how these small 
corrections are made.
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A 0.5865-g of lactic acid (HC3H5O3) is burned in a bomb 
calorimeter whose heat capacity is 4.812 kJ/oC. The 
temperature increases from 23.10 °C to 24.95 °C. 
Calculate the heat of combustion of lactic acid (a) 
per gram and (b) per mole.

qrxn = -Ccal * ∆T

a. qrxn = -4.812 kJ/oC * (24.95 °C - 23.10 °C) = -8.902 kJ 
(resulting from combustion of 0.5865 g)

qrxn/g = -8.902 kJ/0.5865 g = -15.18 kJ/g

b. mol lactic acid = 0.5865 g/(90.0 g/mol) = 6.52*10-3

qrxn/mol = -8.902 kJ/(6.52*10-3 mol) = - 1.37*103 kJ/mol
86

HESS’S LAW
It is often possible to calculate the ∆H for a reaction 

from the tabulated ∆H values of other reactions. 
Thus, it is not necessary to make calorimetric 
measurements for all reactions.

Because enthalpy is a state function, the enthalpy 
change, ∆H, associated with any chemical process 
depends only on the amount of matter that 
undergoes change and on the nature of the initial 
state (the reactants) and the final state (the 
products). This means that whether a particular 
reaction is carried out in one step or in a series of 
steps, the sum of the enthalpy changes associated 
with the individual steps must be the same as the 
enthalpy change associated with the one-step 
process. 

87

Hess’s law states that if a reaction is carried out in a 
series of steps, ∆H for the overall reaction equals the 
sum of the enthalpy changes for the individual steps. 
The overall enthalpy change for the process is 
independent of the number of steps and independent 
of the path by which the reaction is carried out. This 
law is a consequence of the fact that enthalpy is a 
state function.

We can therefore calculate ∆H for any process as long 
as we find a route for which ∆H is known for each 
step. This means that a relatively small number of 
experimental measurements can be used to 
calculate ∆H for a vast number of reactions.

88
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Manipulating Thermochemical 
Equations

Manipulating thermochemical equations is rather 
simple; however few rules should be carefully 
followed, in order to use these rules effectively in 
solving problems on Hess’s law:

1. Look at the target equation and check its 
components “one by one”. Do not perform any 
operation on components that show up in more 
than one equation at this point.

2. Start performing mathematical operations so that 
each operation results in one component of the 
target equation. Remember to do suitable changes 
on ∆H.

3. Add all equations up to get the target equation.
90

As an example, combustion of methane gas, CH4(g), to form 
CO2(g) and H2O(l) can be thought of as occurring in one step,

CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(l)   ∆H = -890 kJ

or in two steps, 
CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(g)   ∆H1 = -802 kJ

2 H2O(g) g 2 H2O(l)   ∆H2 = -88 kJ
 _____________________________________________

CH4(g) + 2O2(g) + 2H2O(g) g CO2(g) + 2H2O(l) + 2H2O(g) ∆Hrxn =-890 kJ

(1) Combustion of CH4(g) to form CO2(g) and H2O(g) and (2) 
condensation of H2O(g) to form H2O(l). The enthalpy change for 
the overall process is the sum of the enthalpy changes for 
these two steps:

The net equation is
CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(l)   ∆H =-890 kJ

∆Hrxn = ∆H1 + ∆H2

9192

Another approach
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Hess’s law provides a useful means of calculating energy 
changes that are difficult to measure directly. For 
instance, it is impossible to measure directly the enthalpy 
for the combustion of carbon to form carbon monoxide. 
Combustion of 1 mol of carbon with 0.5 mol of O2
produces both CO and CO2, leaving some carbon 
unreacted. 

However, solid carbon and carbon monoxide can both be 
completely burnt in O2 to produce CO2. We can therefore 
use the enthalpy changes of these reactions to calculate 
the heat of combustion of carbon.

Remember:
a. reversing the reaction reverses the sign of ∆H 
b. multiplying or dividing the coefficients of the equation for 

the reaction by a factor results in ∆H multiplied or divided 
by the same factor.

94

Examples: Using Hess’s Law to 
Calculate ∆H

The enthalpy of reaction for the combustion of C(s) to CO2 is          
-393.5 kJ/mol C, and the enthalpy for the combustion of CO to 
CO2 is -283.0 kJ/mol CO: 

1. C(s) + O2(g) g CO2(g)      ∆H =-393.5 kJ
2. CO(g) + ½ O2(g) g CO2(g)   ∆H =-283.0 kJ
Using these data, calculate the enthalpy for the combustion of 

C(s) to CO(g):
3. C(s) + ½ O2(g) g CO(g)    ∆Hrxn = ?

To obtain the required equation (3), keep eq 1 as is and reverse 
equation 2 (the sign of ∆H is also reversed), then sum-up:

3. C(s) + O2(g) g CO2(g)   ∆H = -393.5 kJ
4. CO2(g) g CO(g) + ½ O2(g) ∆H = +283.0 kJ

-----------------------------------------------------------------------------
C(s) + ½  O2(g) g CO(g) ∆Hrxn = -110.5 kJ

Therefore, the enthalpy of combustion of C(s) to CO(g) is -110.5 kJ

95

Given the thermochemical equations:
2C2H2 (g)  + 5O2 (g) g 4 CO2 (g) + 2H2O (l) ∆H1 = -2602 kJ (1)

2C2H6 (g)  + 7O2 (g) g 4 CO2 (g) + 6H2O (l) ∆H2 = -3123 kJ (2)

H2 (g) + ½ O2 (g) g H2O (l) ∆H3 = -286 kJ (3)

Find the ∆H for the reaction:
C2H2 (g)  + 2H2 (g) g C2H6 (g) ∆Hrxn = ??

Applying the rules above, we can easily perform this calculation:
1. The first term in the target equation is 1 mol C2H2(g) which requires

division of equation 1 by 2.
2. The second term in the target equation is 2 mol H2(g) which requires

multiplying equation 3 by 2.
3. The third term in the target equation is 1 mol C2H6(g) in the product 

side. Inspection of equation 2 would suggest that equation 2 should be 
divided by 2 and reversed

96

Results of these operations will give:

C2H2 (g)  + 5/2 O2 (g) g 2 CO2 (g) + H2O (l)   ∆H4 = -1301 kJ (4)

2CO2 (g) + 3H2O (l) g C2H6 (g)  + 7/2 O2 (g)  ∆H5 = +1561 kJ (5)

2H2 (g) + O2 (g) g 2H2O (l) ∆H6 = -572 kJ (6)

C2H2 (g)  + 2H2 (g) g C2H6 (g) ∆Hrxn = -312 kJ

Summation gives: ∆Hrxn = ∆H4 + ∆H5 + ∆H6
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Calculate ∆H for the reaction: 2 Fe(s) + 3/2 O2(g) g Fe2O3(s), given:
Fe2O3(s) +3CO(g) g 2Fe(s) + 3CO2(g) ∆H = -6.39 kcal (1)
CO(g) + 1/2 O2(g) g CO2(g) ∆H = -67.6 kcal (2)

To reach the target equation, we first need to take the reverse of the first 
reaction and switch the sign of its enthalpy. So it becomes,

2Fe(s) + 3CO2(g) g Fe2O3(s) +3CO(g) ∆H = 6.39 kcal (3)
Next, we multiply the second equation coefficients by three and also 

multiply the enthalpy of the reaction by three. So the second equation 
becomes,

3CO(g) + 3/2 O2(g) g 3CO2(g) ∆H = -202.8 kcal (4)
Summing equations 3 and 4 yields our target equation 
2Fe(s) + 3/2 O2(g) g Fe2O3(s).
∆Hrxn =  (6.39 kcal + -202.8 kcal) = -196.5 kcal
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Calculate ∆H for the reaction: 2NO2(g) g N2O4(g), given:
N2(g) + 2O2(g) g 2NO2(g) ∆H = 67.7 kJ (1)
N2(g) + 2O2(g) g N2O4(g) ∆H = 9.7 kJ (2)

1. Reverse the first equation and switch the sign of the 
enthalpy.

2NO2(g) g N2(g) + 2O2(g) ∆H = -67.7 kJ (3)
2. Leave equation 2 as is
Summing equations 2 and 3 yields our target equation. 

Summing the enthalpy of the two equations,
∆H = (-67.7 kJ + 9.7 kJ) = -58.0 kJ 
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Carbon occurs in two forms, graphite and diamond. The 
enthalpy of the combustion of graphite is -393.5 
kJ/mol, and that of diamond is -395.4 kJ/mol:

1. C(diamond) + O2(g) g CO2(g)   ∆H =-395.4 kJ
2. C(graphite) + O2(g) g CO2(g)   ∆H =-393.5 kJ
Calculate ∆H for the conversion of graphite to diamond:
3. C(graphite) g C(diamond)   ∆H = ?

Reverse equation 1 and keep eq 2 as is, then sum-up 
the two equations to get eq 3:
4. CO2(g) g C(diamond) + O2(g)  ∆H =+395.4 kJ
2. C(graphite) + O2(g) g CO2(g)   ∆H =-393.5 kJ

-----------------------------------------------------------------------
C(graphite) g C(diamond)   ∆H = 1.9 kJ

100

Calculate ∆H for the reaction
2 C(s) + H2(g) g C2H2(g)

given the following chemical equations and their respective enthalpy 
changes:

Looking at the required equation, it is clear that:
1. Reverse eq 1: 2CO2(g) + H2O(l) g C2H2(g) + 5/2 O2(g)   ∆H = 1299.6 kJ
2. Multiply eq 2 by 2 gives: 2C(s) + 2 O2(g) g 2 CO2(g)      ∆H = (2*226.8 kJ)
3. Keep  eq 3 as is: H2(g) + ½O2(g) g H2O(l)        ∆H = -285.8 kJ
Summing the three modified equations gives:

2 C(s) + H2(g) g C2H2(g) ∆Hrxn = {1299.6 + 2*(-393.5) + (-285.8)} = 226.8 kJ
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Look carefully at the required eq: It is obvious that we 
should keep equations 1 as is and reverse equation 3 and 
divide it by 2 and finally reverse equation 2 .

Summation of the new equations results in the required 
equation, with a ∆H = {-198.9 + 142.3 + (-247.5) = -304.1 kJ

102

Given the following information:
2 NO(g) + O2(g) → 2 NO2(g) ∆H1° = -173 kJ

2 N2(g) + 5 O2(g) + 2 H2O(l) → 4 HNO3(aq) ∆H2° = -255 kJ
N2(g) + O2(g) → 2 NO(g) ∆H3° = +181 kJ

Calculate the ∆H° for the reaction below:
3 NO2(g) + H2O(l) → 2 HNO3(aq) + NO(g) ∆H° = ?

[2 NO2(g) → 2 NO(g) + O2(g)] x 1.5 ∆H° = 1.5(+173 kJ)
[2 N2(g) + 5 O2(g) + 2 H2O(l) → 4 HNO3(aq)] x 0.5   ∆H° = 0.5(-255 kJ)

[2 NO(g) → N2(g) + O2(g)] ∆H° = -181 kJ

[3 NO2(g) → 3 NO(g) + 1.5 O2(g)] ∆H4° = (+259.5 kJ)
[1 N2(g) + 2.5 O2(g) + 1 H2O(l) → 2 HNO3(aq)] ∆H5° = (-128 kJ)

[2 NO(g) → N2(g) + O2(g)] ∆H6° = -181 kJ

3 NO2(g) + H2O(l) → 2 HNO3(aq) + NO(g) ∆H°rxn = - 49 kJ

103

Given the following equations:
H3BO3(aq)   → HBO2(aq)   +  H2O(l) ∆Hrxn = −0.02 kJ
H2B4O7(aq)  +  H2O(l)  → 4 HBO2(aq) ∆Hrxn = −11.3 kJ
H2B4O7(aq)    → 2 B2O3(s)   + H2O(l) ∆Hrxn = 17.5 kJ
Find the ∆H for this overall reaction.
2H3BO3(aq)   → B2O3(s)   +  3H2O(l)

2H3BO3(aq) → 2HBO2(aq) + 2H2O(l) x 2
∆Hrxn = 2(−0.02 kJ) = −0.04 kJ

2HBO2(aq) → ½ H2B4O7(aq) + ½ H2O(l) reverse, ÷2
∆Hrxn = +11.3 kJ/2 = 5.65 kJ 

½ H2B4O7(aq) → B2O3(s)+ ½ H2O(l)           ÷ 2
∆Hrxn = 17.5 kJ/2 = 8.75 kJ

2H3BO3(aq)   → B2O3(s)   +  3H2O(l) ∆Hrxn = 14.36 kJ

104

ENTHALPIES OF FORMATION
We can use the methods just discussed to calculate 

enthalpy changes for a great many reactions from 
tabulated ∆Hf values. For example, extensive tables 
exist of enthalpies of vaporization (∆Hv for 
converting liquids to gases), enthalpies of fusion 
(∆Hfus for melting solids), enthalpies of combustion 
(∆Hcomb for combusting a substance in oxygen), and 
so forth. 

A particularly important process used for tabulating 
thermochemical data is the formation of a compound 
from its constituent elements. The enthalpy change 
associated with this process is called the enthalpy of 
formation (or heat of formation), ∆Hf, where the 
subscript f indicates that one mole of substance has 
been formed from its constituent elements.
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The magnitude of any enthalpy change depends 
on the temperature, pressure, and state (gas, 
liquid, or solid crystalline form) of the reactants 
and products. To compare enthalpies of different 
reactions, we must define a set of conditions, 
called a  standard state, at which most 
enthalpies are tabulated. 

The standard state of a substance is its pure form 
at atmospheric pressure (1 atm) and the 
temperature of interest, which we usually 
choose to be 298 K (25 oC). The standard 
enthalpy change of a reaction is defined as the 
enthalpy change when all reactants and 
products are in their standard states. We de-
note a standard enthalpy change as ∆H°, where 
the superscript indicates standard-state 
conditions.106

Standard Heat of Formation, ∆Hf
o

The standard enthalpy of formation of a compound, 
∆Hf

o , is the change in enthalpy for the reaction that 
forms one mole of the compound from its elements 
with all substances in their standard states:

∆H° = ∆Hf
o

When elements at their standard states (T=298 oC, P=1 atm, 
Concentration = 1 M), are used to form a substance at its 
standard state, the heat evolved or absorbed is called the 
standard heat of formation or standard enthalpy of 
formation. When water in its standard state (liquid state, 
T=298 oC, P = 1 atm) is formed from its elements H2 (g) at 
its standard state (gaseous state, T=298 oC, P = 1 atm) and 
O2 (g) at its standard state (gaseous state, T=298 oC, P = 1 
atm), the heat involved in this reaction is the standard 
enthalpy, or heat, of formation, ∆Hf

o.

107108
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If an element exists in more than one form under 
standard conditions, the most stable form of the 
element is usually used for the formation reaction. 
For example, the standard enthalpy of formation for 
ethanol, C2H5OH (l), is the enthalpy change for the 
reaction:
2 C(graphite) + 3 H2(g) + ½ O2(g) g C2H5OH(l)  ∆H°f =-277.7 kJ

The elemental source of oxygen is O2, not O or O3, 
because O2 is the stable form of oxygen at 298 K and 
atmospheric pressure. Similarly, the elemental 
source of carbon is graphite not diamond.

By definition, the standard enthalpy of formation of the 
most stable form of any element is zero because 
there is no formation reaction needed when the 
element is already in its standard state. Thus, the 
values of ∆Ho

f for C(graphite), H2(g), O2(g), and the 
standard states of other elements are zero by 
definition.

110

For which of these reactions at 25 °C does the enthalpy change 
represent a standard enthalpy of formation? For each that does 
not, what changes are needed to make it an equation whose ∆H 
is an enthalpy of formation?

Reaction 1 represents a standard enthalpy of formation since one 
mol of Na2O is formed from its elements in their standard state

In reaction 2, K is a liquid which is not the standard state and 2 
moles of KCl(s), rather than 1 are formed, therefore divide by 2.

Reaction 3 is not a formation reaction. Reversing the equation and 
using C(graphite) instead of C(diamond) results in a formation 
reaction

111

What do we mean by the standard enthalpy of 
formation equation?

This is the formation of one mole of a compound from its 
elements under standard conditons. Example:

S(s) + O2(g) g SO2(g) 
The energy associated with this reaction is its ∆H°f
Is the following equation a standard enthalpy of formation 

equation?
S(s) + O2(l) g SO2(l) No, since the standard state for oxygen 

and  SO2 is the gaseous state
Is the following equation a standard enthalpy of formation 

equation?
2H2(g) + O2(g) g 2H2O(g) No, since the standard state of 

water is the liquid state, and one mole only should be 
produced.

112

Using Enthalpies of Formation to Calculate 
Enthalpies of Reaction

We can use Hess’s law and tabulations of ∆Ho
f

values, to calculate the standard enthalpy 
change for any reaction for which we know 
the ∆Ho

f values for all reactants and 
products. 

Remember that the standard heat of formation of
any element, in its standard state, from itself is
zero. For chemical reactions we may write:

∆H (Reaction) = Σ n∆Hf (Products) − Σ n∆Hf (Reactants)
∆Ho

(Reaction) = Σ n∆Hf
o (Products) − Σ n∆Hf

o (Reactants)
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Consider the combustion of propane:
C3H8 (g) + 5O2(g) g 3CO2(g) + 4H2O(l)
Find ∆Ho

rxn given the following equations:
1. C3H8(g) g 3C(graphite) + 4H2(g) ∆H1= -∆Ho

f
2. 3C(graphite) + 3O2(g)g 3CO2(g)    ∆H2 = 3 ∆Ho

f 
3. 4H2(g) + 2O2(g) g 4H2O(l)           ∆H3 = 4 ∆Ho

f 

Summing-up the three equations gives the 
target equation. Therefore, 

∆Ho
rxn = ∆H1 + ∆H2 + ∆H3

∆Ho
rxn = [-∆Ho

f (1)] + [3 ∆Ho
f (2)] + [4 ∆Ho

f (3)] 
∆Ho

rxn = -(-103.85 kJ) + 3(-393.5 kJ) + 4(-285.8 
kJ) =-2220 kJ

114
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In the reaction:
2 C6H6 (l)  + 15 O2 (g) g12 CO2 (g) + 6H2O (l) ∆Ho = -6542 

kJ
If ∆Hf

o (H2O (l)) = -286 kJ and ∆Hf
o (CO2 (g)) = -394 kJ, find

∆Hf
o (C6H6 (l)).

∆Ho
(Reaction) = Σ n∆Hf

o (Products) − Σ n∆Hf
o (Reactants)

∆Ho
(Reaction) = {6 ∆Hf

o (H2O (l)) + 12 ∆Hf
o (CO2 (g))} – {( 2

∆Hf
o (C6H6 (l)) + 15 ∆Hf

o (O2 (g)) }
−6542 = {6*(-286) + 12* (-394)} – { 2 ∆Hf

o (C6H6 (l)) + 15* (0)}
2 ∆Hf

o (C6H6 (l)) = + 89 kJ
∆Hf

o (C6H6 (l)) = 98/2 = 49 kJ

116

Given the following equations:
H2 (g) + ½ O2 (g) g H2O (l) ∆Hf = -283 kJ (1)
H2 (g) + ½ O2 (g) g H2O (g) ∆Hf = -242 kJ (2)
H2O (l) g H2O (g) ∆H = ?? (3)
Find the ∆H for changing liquid water to gaseous water.

∆H rxn = Σ n∆Hf (Products) − Σ n∆Hf (Reactants)
∆H rxn = Σ ∆Hf (H2O (g)) − Σ ∆Hf (H2O (l))

Equation 1 is really the heat of formation of liquid water and equation 2 is 
the heat of formation of gaseous water. Therefore, we substitute in the 
relation above:

∆H = -242 – (-283) = + 41 kJ
Therefore, 41 kJ are needed to convert water from the liquid to gaseous 

state. 
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Find ∆Hf
o for CS2(l) provided that:

C (graphite) + O2 (g) g CO2(g) ∆Ho
rxn = -393.5 kJ (1)

S (rhombic) + O2 (g) g SO2(g) ∆Ho
rxn = -296.4 kJ (2)

CS2 (l) + 3 O2 (g) g 2 SO2(g) + CO2(g) ∆Ho
rxn = -1073.6 kJ (3)

Few steps should be followed in such problems:
Construct the equation for the formation of CS2 (l) from its elements: the

equation is:
C (graphite) + 2 S(rhombic) g CS2(l) ∆Ho

f = ??

Manipulate equations 1 through 3 so that the target equation is obtained. 
This requires the following:

1. Equation 1 should be left as is since in the target equation we need 1 
mole of C(graphite) and equation 1 has one mole of C(graphite).

2. Equation 2 must be multiplied by 2 since in the target equation we need 
2 moles of S(rhombic) and equation 2 has one mole of S(rhombic) only.

118

3. The third equation should just be reversed since CS2 shows up in the
reactants side while it is the product in the target equation. The result
of these processes appears below:

C (graphite) + O2 (g) g CO2(g) ∆Ho
rxn = -393.5 kJ (1)

2 S (rhombic) + 2 O2 (g) g 2 SO2(g) ∆Ho
rxn = -592.8 kJ (4)

2 SO2(g) + CO2(g) g CS2 (l) + 3 O2 (g) ∆Ho
rxn = +1073.6 kJ (5)

Adding equations 1, 4, and 5 gives the target equation. Therefore:

∆Hf
o = Σ ∆Ho

(Reactions 1, 4 and 5)

∆Hf
o = (-393.5 + (-592.8) + (+1073.6) = 87.3 kJ
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In the reaction:
2 NaHCO3 (s) g Na2CO3 (s) + H2O (g) + CO2 (g)
Find ∆Ho

rxn if ∆Hf
o (Na2CO3 (s)) = -1131 kJ/mol, ∆Hf

o

(NaHCO3 (s)) = -947.7 kJ/mol, ∆Hf
o (H2O (g)) = -242

kJ/mol, and ∆Hf
o (CO2 (g)) = -394 kJ/mol.

∆Ho
(Reaction) = Σ ∆Hf

o (Products) − Σ ∆Hf
o (Reactants)

∆Ho
(Reaction) = {∆Hf

o (Na2CO3 (s)) + ∆Hf
o (H2O (g)) + ∆Hf

o

(CO2 (g))}- 2∆Hf
o( NaHCO3(s))

∆Ho
(Reaction) = {-1131 + (-242) + (-394)} – 2*(-947.7) = +128 kJ

120

Calculate ∆Ho
(Reaction) :

2 Na2O2 (s) + 2 H2O (l) g 4 NaOH (s) + O2 (g)
Provided that: ∆Hf

o (Na2O2 (s)) = -504.6 kJ, ∆Hf
o (NaOH (s)) = -426.8 kJ,

∆Hf
o (H2O (l) = -286 kJ. How many kJ are liberated when 25.0 g Na2O2

(s) (FW = 78.0 g/mol) react according to abovementioned equation?

∆Ho
(Reaction) = Σ ∆Hf

o (Products) − Σ ∆Hf
o (Reactants)

∆Ho
(Reaction) = {4 ∆Hf

o (NaOH (s)) + ∆Hf
o (O2 (g)) } – {2 ∆Hf

o (Na2O2 (s)) +
2 ∆Hf

o (H2O (l))}
∆Ho

(Reaction) = {4*(-426.8) + (0)} – {2*(-504.6) + (2*(-286)} = -126 kJ
2 moles of Na2O2 (s) liberate 126 kJ therefore we can find number of

moles in 25.0 grams Na2O2 (s):

mol Na2O2 (s) = Wt/FW = 25.0/78.0
Amount of energy liberated = {25.0/78.0 mol Na2O2 (s)} * {-126 kJ/2 mol

Na2O2 (s)} = -20.2 kJ
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The standard enthalpy change for the reaction
CaCO3(s) g CaO(s) + CO2(g)

is 178.1 kJ. Use Table to calculate the standard 
enthalpy of formation of CaCO3(s)

∆Ho
rxn = Σ n∆Hf

o (Products) − Σ n∆Hf
o (Reactants)

∆Ho
rxn = {∆Hf

o (CaO (s)) + ∆Hf
o (CO2 (g))}- ∆Hf

o( CaCO3(s))

178.1 kJ = -635.5 kJ +(- 393.5 kJ) - ∆Ho
f [CaCO3(s)] 

∆Ho
f [CaCO3(s)] = -1207.1 kJ/mol
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Foods and Fuel
Most of the energy our bodies need comes from 

carbohydrates and fats. The carbohydrates known 
as starches are decomposed in the intestines into 
glucose, C6H12O6.

Glucose is soluble in blood, and in the human body, it 
is known as blood sugar. It is transported by the 
blood to cells where it reacts with O2 in a series of 
steps, eventually producing CO2(g), H2O(l) (same 
products as combustion reactions!!!), and energy:

C6H12O6(s) + 6 O2(g) g 6 CO2(g) + 6 H2O(l)   ∆H° = -2803 kJ
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Because carbohydrates break down rapidly, their 
energy is quickly supplied to the body.

The average fuel value of carbohydrates is 17kJ/g or 4 
kcal/g.

Like carbohydrates, fats produce CO2 and H2O when 
metabolized. The reaction of tristearin, C57H110O6, a 
typical fat, is

C57H110O6(s) + 163 O2(g) g 114 CO2(g) + 110 H2O(l)  ∆H° =-75,520 kJ

The average fuel value of fats is 38kJ/g or 9 kcal/g

124
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A 28-g (1-oz) serving of a popular breakfast 
cereal served with 120 mL of skim milk 
provides 8 g protein, 26 g carbohydrates, 
and 2 g fat. Using the average fuel values of 
these substances, estimate the fuel value 
(caloric content) of this serving. 

Energy (kJ) = (8g protein*17kJ/g) + (26 g 
carbohydrate*17 kJ/g) + (2 g fat*38kJ/g) = 
650kJ

Energy (kcal = Cal) = 650kJ/(4.18kJ/kcal) = 156 
Cal
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Coal, petroleum, and natural gas, which are the world’s major 
sources of energy, are known as fossil fuels. All have formed 
over millions of years from the decomposition of plants and 
animals and are being depleted far more rapidly than they are 
being formed.

Natural gas consists of gaseous hydrocarbons, compounds of 
hydrogen and carbon. It contains primarily methane (CH4), with 
small amounts of ethane (C2H6), propane (C3H8), and butane 
(C4H10).

Petroleum is a liquid composed of hundreds of compounds, most 
of which are hydrocarbons, with the remainder being chiefly 
organic compounds containing sulfur, nitrogen, or oxygen. 

Coal, which is solid, contains hydrocarbons of high molecular 
weight as well as compounds containing sulfur, oxygen, or 
nitrogen. 
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