
2
Thermochemistry

2.1 Factors that control reactions

Much of chemistry is concerned with chemical reactions. The factors that

control whether a reaction will or will not take place fall into two categories:

thermodynamic and kinetic. Thermodynamic concepts relate to the energetics

of a system, while kinetics deal with the speed at which a reaction occurs.

Observations of reaction kinetics are related to the mechanism of the

reaction, and this describes the way in which we believe that the atoms and

molecules behave during a reaction. We look in detail at kinetics in Chapter

15. We often write equations for chemical reactions with a forward arrow

(e.g. equation 2.1) in order to indicate that the reactants take part in a

reaction that leads to products, and that the process goes to completion.

ZnðsÞ þH2SO4ðaqÞ ��" ZnSO4ðaqÞ þH2ðgÞ ð2:1Þ
However, many reactions do not reach completion. Instead, reactants

and products lie in a state of equilibrium in which both forward and back

reactions take place. Actually, all reactions are equilibria and no reaction

under equilibrium conditions goes completely to the right-hand side. We

consider equilibria in detail in Chapter 16. The position of an equilibrium is

governed by thermodynamic factors. Whether a reaction is favourable, and

to what extent it will reach completion, can be assessed from the sign and

magnitude of the change in Gibbs energy, �G, for the overall reaction.

Chemical thermodynamics is the topic of Chapter 17. Although, strictly, it is

the change in Gibbs energy that gives us information about the favourability

of a reaction, we can also gain some insight from thermochemical data, i.e. the

changes in heat that accompany chemical reactions. The study of heat

changes for chemical reactions is called thermochemistry. The heat change

that accompanies a reaction can be readily determined experimentally
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by measuring the associated change in temperature. As a consequence,

thermochemistry is usually the first introduction that a student has to the

more detailed subject of thermodynamics. In this chapter, we look at

changes in heat (enthalpy), not only for chemical reactions, but also for

phase transitions. We also give a brief introduction to the enthalpy terms

that are associated with interactions between molecules.

2.2 Change in enthalpy of a reaction

When most chemical reactions occur, heat is either taken in from the

surroundings, causing the temperature of the reaction mixture to rise, or is

given out to the surroundings. Many common chemical reactions are carried

out at constant pressure (e.g. in an open beaker or flask) and under these

conditions, the heat transfer, q, is equal to the enthalpy change, �H. The

terms heat and enthalpy are often used interchangeably although, strictly,

this is only true under conditions of constant pressure.

The enthalpy change, �H, that accompanies a reaction is the amount of heat
liberated or absorbed as a reaction proceeds at a given temperature, T , at
constant pressure.

The SI units of enthalpy, H, are joules, J. Usually, we work with molar
quantities and then the units of H and �H are Jmol�1 or kJmol�1.

Standard enthalpy change

The standard enthalpy change of a reaction refers to the enthalpy change when

all the reactants and products are in their standard states. The notation for

this thermochemical quantity is �rH
oðTÞ where the subscript ‘r’ stands for

‘reaction’, the superscript ‘o’ means ‘standard state conditions’, and ðTÞ
means ‘at temperature T ’. This type of notation is found for other thermo-

dynamic functions that we meet later on.

The standard state of a substance is its most thermodynamically stable state

under a pressure of 1 bar (1:00� 105 Pa) and at a specified temperature, T .

Most commonly, T ¼ 298:15K, and the notation for the standard enthalpy

change of a reaction at 298.15K is then �rH
o(298.15K). It is usually

sufficient to write �rH
o(298K). Do not confuse standard thermodynamic

temperature with the temperature used for the standard temperature and

pressure conditions of a gas (Section 1.9). We return to standard states in

Section 2.4.

Exothermic and endothermic processes

When reactions occur, they may release heat to the surroundings or may

absorb heat from the surroundings. By definition, a negative value of �H

corresponds to heat given out during a reaction (equation 2.2). Such a

The symbol � is used to

signify the ‘change in’ a
quantity, e.g. �H means
‘change in enthalpy’.

The standard state of a

substance is its most stable
state under a pressure of
1 bar (1:00� 105 Pa) and at

a specified temperature, T .
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reaction is said to be exothermic. Whenever a fuel is burnt, an exothermic

reaction occurs.

MgðsÞ þ 1
2 O2ðgÞ ��"MgOðsÞ �rH

oð298KÞ ¼ �602 kJmol�1 ð2:2Þ

Although we avoided the use of fractional coefficients when balancing

equations in Chapter 1, we now need to use 1
2O2 on the left-hand side of

equation 2.2 because we are considering the enthalpy change for the forma-

tion of one mole of MgO. The notation kJmol�1 refers to the equation as it is

written. If we had written equation 2.3 instead of equation 2.2, then

�rH
oð298KÞ ¼ �1204 kJmol�1.

2MgðsÞ þO2ðgÞ ��" 2MgOðsÞ ð2:3Þ

A positive value of �H corresponds to heat being absorbed from the

surroundings and the reaction is said to be endothermic. For example, when

NaCl dissolves in water, a small amount of heat is absorbed (equation 2.4).

NaClðsÞ ���"

H2O

NaClðaqÞ �rH
oð298KÞ ¼ þ3:9 kJmol�1 ð2:4Þ

Consider a general reaction in which reactants combine to give products,

and for which the standard enthalpy change is �rH
o(298K). If the heat

content of the reactants is greater than the heat content of the products,

heat must be released and the reaction is exothermic. On the other hand,

if the heat content of the products is greater than that of the reactants, heat

must be absorbed and the reaction is endothermic. Each of these situations

is represented schematically in the enthalpy level diagrams in Figure 2.1.

2.3 Measuring changes in enthalpy: calorimetry

The heat that is given out or taken in when a chemical reaction occurs can be

measured using a calorimeter. A simple, constant-pressure calorimeter for

measuring heat changes for reactions in solution is shown in Figure 2.2.

The container is an expanded polystyrene cup with a lid. This material

provides insulation which ensures that heat loss to, or gain from, the

surroundings is minimized; the outer cup in Figure 2.2 provides additional

insulation. As the reaction takes place, the thermometer records any

change in temperature. The relationship between the temperature change

and the heat change is given in equation 2.5 where C is the specific heat

capacity of the solution. Since the reaction is carried out at constant pressure,

Heat is given out (liberated)

in an exothermic reaction

(�H is negative).

Heat is taken in (absorbed)
in an endothermic reaction

(�H is positive).

A calorimeter is used to
measure the heat transfer

that accompanies a
chemical reaction. The
technique is called

calorimetry.

Fig. 2.1 Enthalpy level diagrams for exothermic and endothermic reactions.
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the heat change is equal to the enthalpy change. For dilute aqueous solutions,

it is usually sufficient to assume that the specific heat capacity of the solution

is the same as for water: Cwater ¼ 4:18 JK�1 g�1. Worked examples 2.1–2.3

illustrate the use of a simple calorimeter to measure enthalpy changes of

reaction. In each worked example, we assume that changes in enthalpy of

the reaction affect only the temperature of the solution. We assume that no

heat is used to change the temperature of the calorimeter itself. Where a calori-

meter is made from expanded polystyrene cups, this is a reasonable assump-

tion because the specific heat capacity of the calorimeter material is so

small. However, the approximation is not valid for many types of

calorimeter and such pieces of apparatus must be calibrated before use. Meas-

urements made in the crude apparatus shown in Figure 2.2 are not accurate,

andmore specialized calorimeters must be used if accurate results are required.

Heat change in J ¼ (Mass in g)

� (Specific heat capacity in JK�1 g�1Þ
� (Change in temperature in K)

Heat change in J ¼ ðm gÞ � ðC JK�1 g�1Þ � ð�T KÞ ð2:5Þ

Before using equation 2.5, we must emphasize that a rise in temperature

occurs in an exothermic reaction and corresponds to a negative value of

�H; a fall in temperature occurs in an endothermic reaction and corresponds

to a positive value of �H.

Worked example 2.1 Heating a known mass of water

Calculate the heat required to raise the temperature of 85.0 g of water from

298.0K to 303.0K. [Data: Cwater ¼ 4:18 JK�1
g
�1
]

The rise in temperature ¼ 303:0K� 298:0K ¼ 5:0K

The specific heat capacity,
C, of a substance is the heat
required to raise the

temperature of unit mass of
the substance by one kelvin.

SI units of C are JK�1 kg�1,

but units of JK�1 g�1 are
often more convenient.

For water,
C ¼ 4:18 JK�1 g�1.

Fig. 2.2 A simple, constant-pressure calorimeter used for measuring heat changes for
reactions in solution. The outer container provides additional insulation.
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The heat required is given by:

Heat in J ¼ ðm gÞ � ðC JK�1 g�1Þ � ð�T KÞ
¼ ð85:0 gÞ � ð4:18 JK�1 g�1Þ � ð5:0KÞ
¼ 1800 J or 1.8 kJ (to 2 sig. fig.)

Worked example 2.2 Estimation of the enthalpy of a reaction

When 100.0 cm
3
of an aqueous solution of nitric acid, HNO3 (1.0mol dm

�3
), is

mixed with 100.0 cm
3
of an aqueous solution of sodium hydroxide, NaOH

(1.0mol dm
�3
), in a calorimeter of the type shown in Figure 2.2, a temperature

rise of 6.9K is recorded. (a) Is the reaction exothermic or endothermic? (b)

What is the value of �H for this reaction in kJ per mole of HNO3?

[Data: density of water ¼ 1:00 g cm�3
; Cwater ¼ 4:18 JK�1

g
�1
]

(a) A rise in temperature is observed. Therefore, the reaction is exothermic.

(b) Total volume of solution ¼ 100:0þ 100:0 ¼ 200:0 cm3:

Assume that the density of the aqueous solution � density of water.

Mass of solution in g ¼ ðVolume in cm3Þ � ðDensity in g cm�3Þ
¼ ð200:0 cm3Þ � ð1:00 g cm�3Þ
¼ 200 g (to 3 sig. fig.)

The heat change can now be found:

Heat change ¼ ðm gÞ � ðC JK�1 g�1Þ � ð�T KÞ
¼ ð200 gÞ � ð4:18 JK�1 g�1Þ � ð6:9KÞ
¼ 5800 J (to 2 sig. fig.)

To find�H per mole of HNO3, first determine how many moles of HNO3

are involved in the reaction:

Amount of HNO3 in moles ¼ ðVolume in dm3Þ
� ðConcentration in mol dm�3Þ

¼ ð100:0� 10�3 dm3Þ � ð1:0mol dm�3Þ
¼ 0:10mol

When 0.10 moles of HNO3 react, the heat released is 5800 J.

Therefore when 1.0 mole of HNO3 reacts:

Heat released ¼ 5800

0:10
¼ 58 000 J

The reaction is carried out at constant pressure, and therefore the heat

change equals the enthalpy change. The reaction is exothermic and �H

is negative.

�H ¼ �58 000 Jmol�1 ¼ �58 kJmol�1 (to 2 sig. fig.)
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Worked example 2.3 Estimation of the enthalpy of dissolution of NH4NO3

When 2.0 g of ammonium nitrate, NH4NO3, dissolves in 100.0 g of water

contained in a simple, constant-pressure calorimeter, a fall in temperature of

1.5K is recorded. (a) Is the process exothermic or endothermic? (b) Determine

the enthalpy change for the dissolution of 1 mole of NH4NO3.

[Data: Cwater ¼ 4:18 JK�1
g
�1
; values of Ar are in the inside cover of the book]

(a) The temperature falls. Therefore, heat is absorbed by the solution. The

dissolution of NH4NO3 is endothermic.

(b) When 2.0 g NH4NO3 dissolves in 100.0 g of water, we can approximate

the heat capacity of the solution to that of 100.0 g of pure water.

Heat change ¼ ðm gÞ � ðC JK�1 g�1Þ � ð�T KÞ
¼ ð100:0 gÞ � ð4:18 JK�1 g�1Þ � ð1:5KÞ
¼ 627 J

¼ 630 J (to 2 sig. fig.)

For the number of moles of NH4NO3, we need to find Mr for NH4NO3:

Mr ¼ ð2� 14:01Þ þ ð4� 1:008Þ þ ð3� 16:00Þ ¼ 80:052 gmol�1

¼ 80:05 gmol�1 (to 2 dec. pl.)

The amount of NH4NO3 ¼
2:0 g

80:05 gmol�1
¼ 0:025mol (to 2 sig. fig.)

630 J of heat are absorbed when 0.025 moles of NH4NO3 dissolve.

Therefore
630

0:025
J of heat are absorbed when 1.0 mole of NH4NO3

dissolves.

Heat absorbed ¼ 630

0:025
Jmol�1

¼ 25 200 Jmol�1

¼ 25 kJmol�1 (to 2 sig. fig.)

The calorimeter is at constant pressure: heat change¼enthalpy change

The dissolution is endothermic, and so �H is positive.

�H ¼ þ25 kJmol�1

Calorimeters are also used to measure the specific heat capacity of solid

materials. The solid is heated to a temperature above room temperature.

The heated material is then dropped into a known mass of water contained

in a well-insulated calorimeter at constant pressure. Assuming that there is

no heat loss to the surroundings, all the heat lost by the solid is gained by

the water. As a result, the temperature of the water rises. The method

shown in worked example 2.4 can be used provided that the solid does not

react with or dissolve in water. Table 2.1 lists the specific heat capacities, C,

of selected elements and compounds. The high value of C for water is

significant for life on Earth: large lakes or seas freeze only slowly because

freezing such a large mass of water requires the removal of a huge amount

of heat.
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Worked example 2.4 Determining the specific heat capacity of copper

100.0 cm
3
of water was placed in a constant-pressure calorimeter of the type

shown in Figure 2.2. The temperature of the water was recorded as 293.0K.

A 20.0 g block of copper metal was heated to 353.0K and then dropped into

the water in the calorimeter. The temperature of the water rose and the

maximum temperature attained was 294.1K. (a) Why must the water be

constantly stirred during the experiment? (b) Determine the specific heat capacity

of copper, CCu.

[Data: density of water ¼ 1:00 g cm�3
; Cwater ¼ 4:18 JK�1

g
�1
]

(a) Constant stirring ensures that the heat lost by the copper is evenly

distributed throughout the water. Therefore, the measured tempera-

ture rise reflects the true rise for the bulk water and can justifiably be

related to the heat loss from the copper.

(b) The heat lost by the copper equals the heat gained by the water.

This assumes that the calorimeter is well insulated and that the spe-

cific heat capacity of the calorimeter is so small that it can be

neglected.

The temperature rise of the water ¼ 294:1� 293:0 ¼ 1:1K

The temperature fall of the copper ¼ 353:0� 294:1 ¼ 58:9K

Table 2.1 Specific heat capacities, C, of selected elements and solvents at 298 K and
constant pressure.

Element C / J K
�1

g
�1

Solvent C / J K
�1

g
�1

Aluminium 0.897 Acetone 2.17

Carbon (graphite) 0.709 Acetonitrile 2.23

Chromium 0.449 Chloroform 0.96

Copper 0.385 Dichloromethane 1.19

Gold 0.129 Diethyl ether 2.37

Iron 0.449 Ethanol 2.44

Lead 0.129 Heptane 2.25

Magnesium 1.02 Hexane 2.26

Mercury 0.140 Methanol 2.53

Silver 0.235 Pentane 2.32

Sodium 1.228 Tetrahydrofuran 1.72

Sulfur (rhombic) 0.710 Toluene 1.71

Zinc 0.388 Water 4.18
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The mass of water ¼ ðVolume in cm3Þ � ðDensity in g cm�3Þ
¼ ð100:0 cm3Þ � ð1:00 g cm�3Þ
¼ 100 g

Heat lost by copper ¼ ðm gÞ � ðCCu JK
�1 g�1Þ � ð�T KÞ

¼ ð20:0 gÞ � ðCCu JK
�1 g�1Þ � ð58:9KÞ

Heat gained by water ¼ ðm gÞ � ðCwater JK
�1 g�1Þ � ð�T KÞ

¼ ð100 gÞ � ð4:18 JK�1 g�1Þ � ð1:1KÞ
Heat lost by copper ¼ Heat gained by water

ð20:0 gÞ � ðCCu JK
�1 g�1Þ � ð58:9KÞ ¼ ð100 gÞ � ð4:18 JK�1 g�1Þ � ð1:1KÞ

CCu ¼ ð100 gÞ � ð4:18 JK�1 g�1Þ � ð1:1KÞ
ð20:0 gÞ � ð58:9KÞ

¼ 0:39 JK�1 g�1 (to 2 sig. fig.)

This value compares with 0.385 JK�1 g�1 listed in Table 2.1.

2.4 Standard enthalpy of formation

The standard enthalpy of formation of a compound, �fH
o(298K), is the

enthalpy change at 298K that accompanies the formation of a compound

in its standard state from its constituent elements in their standard states.

The standard state of an element at 298K is the thermodynamically most

stable form of the element at 298K and 1:00� 105 Pa. Some examples of

the standard states of elements under these conditions are:

. hydrogen: H2(g)

. oxygen: O2(g)

. nitrogen: N2(g)

. bromine: Br2(l)

. iron: Fe(s)

. copper: Cu(s)

. mercury: Hg(l)

. carbon: C(graphite)

. sulfur: S8(s)

The one exception to the definition of standard state of an element given

above is phosphorus. The standard state of phosphorus is defined§ as being

white phosphorus, P4(white), rather than the thermodynamically more

stable red and black allotropes. By definition, the standard enthalpy of forma-

tion of an element in its standard state is 0 kJmol�1.

Equations 2.6 and 2.7 describe the formation of carbon monoxide and

iron(II) chloride from their constituent elements in their standard states.

The values of �fH
o are given ‘per mole of compound’. In equation 2.6,

the notation ‘�fH
o(CO, g, 298K)’ indicates that the standard enthalpy of

�fH
o(298K) is the enthalpy

change of formation of a
compound in its standard

state from its constituent
elements in their standard
states, all at 298K.

�fH
o(298K) for an element

in its standard state is

defined to be 0 kJmol�1.

§ The definition of standard state and the exceptional case of phosphorus have been laid down by
the National Bureau of Standards.
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formation refers to gaseous CO at 298K. In equation 2.7, ‘�fH
o(FeCl2, s,

298K)’ means ‘the standard enthalpy of formation of solid FeCl2 at 298K’.

CðgraphiteÞ þ 1
2 O2ðgÞ ��"COðgÞ �fH

oðCO; g; 298KÞ ¼ �110:5 kJmol�1

ð2:6Þ
FeðsÞ þ Cl2ðgÞ ��"FeCl2ðsÞ �fH

oðFeCl2; s; 298KÞ ¼ �342 kJmol�1 ð2:7Þ
The values of�fH

o for CO(g) and FeCl2(s) show that a significant amount of

heat is liberated when these compounds are formed from their constituent

elements at 298K and 1:00� 105 Pa. Such compounds are described as

being exothermic. Under these conditions, CO(g) and FeCl2(s) are both

thermodynamically stable with respect to their constituent elements.

Not all compounds are formed from their constituent elements in exothermic

reactions. Equation 2.8 shows the formation of ClO2. The relatively large,

positive value of �fH
o(298K) indicates that, at 298K, ClO2 is not stable

with respect to its elements. Indeed, ClO2 is explosive, decomposing to Cl2
and O2.

1
2Cl2ðgÞ þO2ðgÞ ��"ClO2ðgÞ

�fH
oðClO2; g; 298KÞ ¼ þ102:5 kJmol�1 ð2:8Þ

Appendix 11 at the end of the book lists values of �fH
o(298K) for selected

organic and inorganic compounds.

2.5 Calculating standard enthalpies of reaction

Figure 2.1 showed enthalpy level diagrams for general exothermic and

endothermic reactions. The value of the standard enthalpy change for a

reaction, �rH
o(298K), is the difference between the sum of the standard

enthalpies of formation of the products and the sum of the standard

enthalpies of formation of the reactants (equation 2.9).

�rH
oð298KÞ ¼

X
�fH

oðproducts; 298KÞ �
X

�fH
oðreactants; 298KÞ

ð2:9Þ
If we apply this equation to reaction 2.6, then:

�rH
oð298KÞ ¼ �fH

oðCO; g; 298KÞ
�½�fH

oðC; graphite; 298KÞ þ 1
2�fH

oðO2; g; 298KÞ�

Since both of the reactants are elements in their standard states, their

standard enthalpies of formation are zero. In the special case where a

reaction represents the formation of a compound in its standard state,

�rH
oð298KÞ ¼ �fH

oðproduct; 298KÞ:

Worked example 2.5 Determination of �rH
o(298K) for the formation of HBr

Using appropriate values of �fH
o
(298K) from Appendix 11, calculate the

value of �rH
o
(298K) for the following reaction:

H2ðgÞ þ Br2ðlÞ ��" 2HBrðgÞ
The reaction:

H2ðgÞ þ Br2ðlÞ ��" 2HBrðgÞ ðat 298KÞ

The true guide to
thermodynamic stability is

the change in Gibbs energy,
rather than the change in
enthalpy: see Chapter 17

P
means ‘summation of’

"

"
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refers to the formation of two moles of HBr(g) from its constituent

elements in their standard states.

�rH
oð298KÞ ¼ 2�fH

oðHBr; g; 298KÞ
�½�fH

oðH2; g; 298KÞ þ�fH
oðBr2; l; 298KÞ�

" "
¼ 0 kJmol�1 ¼ 0 kJmol�1

¼ 2�fH
oðHBr; g; 298KÞ

From Appendix 11, �fH
oðHBr; g; 298KÞ ¼ �36 kJmol�1

�rH
oð298KÞ ¼ 2ð�36Þ ¼ �72 kJ per mole of reaction

Worked example 2.6 Determination of �rH
o(298K) for the decomposition of NH3 to N2 and H2

Use data in Appendix 11 to determine�rH
o
(298K) for the following reaction:

NH3ðgÞ ��"
1
2
N2ðgÞ þ 3

2
H2ðgÞ

The reaction:

NH3ðgÞ ��"
1
2N2ðgÞ þ 3

2H2ðgÞ
is the reverse of the formation of one mole of NH3.

From Appendix 11, �fH
oðNH3; g; 298KÞ ¼ �45:9 kJmol�1

�rH
oð298KÞ ¼

X
�fH

oðproducts; 298KÞ �
X

�fH
oðreactants; 298KÞ

¼ ½12�fH
oðN2; g; 298KÞ þ 3

2�fH
oðH2; g; 298KÞ�

��fH
oðNH3; g; 298KÞ

¼ ��fH
oðNH3; g; 298KÞ

¼ �ð�45:9ÞkJmol�1

¼ þ45:9 kJmol�1

Equation 2.9 can be applied to any reaction in which the standard

enthalpies of formation of reactants and products are known. In contrast

to worked examples 2.5 and 2.6, the next two worked examples show the

application of equation 2.9 to reactions that do not simply have elements

in their standard states on one side of the equation.

Worked example 2.7 Chlorination of ethene

Determine the standard enthalpy change for the following reaction at 298K:

C2H4ðgÞ
Ethene

þ Cl2ðgÞ ��" 1;2-C2H4Cl2ðlÞ
1;2-Dichloroethane

[Data: �fH
oð1;2-C2H4Cl2, l, 298KÞ ¼ �167 kJmol

�1
; �fH

oðC2H4, g,

298KÞ ¼ þ53 kJmol
�1
]

For a reaction in which one

mole of a compound in its
standard state decomposes

into its constituent elements

in their standard states:

�rH
oð298KÞ
¼ ��fH

oð298KÞ
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�rH
oð298KÞ ¼

X
�fH

oðproducts; 298KÞ �
X

�fH
oðreactants; 298KÞ

¼ �fH
oð1;2-C2H4Cl2; l; 298KÞ � ½�fH

oðC2H4; g; 298KÞ
þ�fH

oðCl2; g; 298KÞ�
"
¼ 0 kJmol�1

Substitute the values of �fH
oð1;2-C2H4Cl2; l; 298KÞ and �fH

oðC2H4, g,

298K) into the above equation:

�rH
oð298KÞ ¼ �167� ðþ53Þ

¼ �220 kJmol�1

Worked example 2.8 The reaction between gaseous NH3 and HCl

Use data in Appendix 11 to find the standard enthalpy change for the following

reaction at 298K:

NH3ðgÞ þHClðgÞ ��"NH4ClðsÞ

The data needed from Appendix 11 are:

�fH
oðNH3; g; 298KÞ ¼ �45:9 kJmol�1

�fH
oðHCl; g; 298KÞ ¼ �92 kJmol�1

�fH
oðNH4Cl; s; 298KÞ ¼ �314 kJmol�1

�rH
oð298KÞ ¼

X
�fH

oðproducts; 298KÞ �
X

�fH
oðreactants; 298KÞ

¼ �fH
oðNH4Cl; s; 298KÞ

� ½�fH
oðNH3; g; 298KÞ þ�fH

oðHCl; g; 298KÞ�
¼ �314� ð�45:9� 92Þ

¼ �176:1 kJmol�1

¼ �176 kJmol�1 (rounding to 0 dec. pl.)

2.6 Enthalpies of combustion

Combustion of fuels

An everyday example of an exothermic reaction is the burning (combustion)

of a fuel such as butane, C4H10. Butane is an example of a hydrocarbon and,

under standard conditions, complete combustion in O2 gives CO2(g) and

H2O(l). Reaction 2.10 shows the combustion of one mole of butane.

C4H10ðgÞ þ 13
2 O2ðgÞ ��" 4CO2ðgÞ þ 5H2OðlÞ ð2:10Þ

For the combustion of a substance in O2, the enthalpy change is called

the standard enthalpy of combustion, �cH
o(298K). The value of

�cH
o(298K) for reaction 2.10 can be found from values of �fH

o(298K)

See Figure 1.8

Hydrocarbons: see
Section 24.4

"

"
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of the products and reactants:

�cH
oð298KÞ ¼

X
�fH

oðproducts; 298KÞ �
X

�fH
oðreactants; 298KÞ

¼ ½4�fH
oðCO2; g; 298KÞ þ 5�fH

oðH2O; l; 298KÞ�
�½�fH

oðC4H10; g; 298KÞ þ 13
2 �fH

oðO2; g; 298KÞ�
¼ 4ð�393:5Þ þ 5ð�286Þ � ð�126Þ � 0

¼ �2878 kJmol�1

The reaction is highly exothermic, consistent with the use of butane as a fuel.

If a compound contains C, H and O, the products (under standard

conditions) of complete combustion are taken to be CO2(g) and H2O(l)

(e.g. reaction 2.10). If the compound contains C, H and N, the products of

complete combustion under standard conditions are CO2(g), H2O(l) and

N2(g) (e.g. reaction 2.11).

2CH3CH2NH2ðgÞ þ 15
2 O2ðgÞ ��" 4CO2ðgÞ þ 7H2OðlÞ þN2ðgÞ ð2:11Þ

When the supply of O2 is limited, partial combustion may result in the

formation of CO rather than CO2: compare reactions 2.12 and 2.13.

CH4ðgÞ þ 2O2ðgÞ ��"CO2ðgÞ þ 2H2OðlÞ Complete combustion ð2:12Þ
CH4ðgÞ þ 3

2 O2ðgÞ ��"COðgÞ þ 2H2OðlÞ Partial combustion ð2:13Þ

Enthalpies of combustion can be measured experimentally by using a bomb

calorimeter as described in Section 17.3.

Worked example 2.9 Standard enthalpy of combustion of ethane

Write a balanced equation for the complete combustion of one mole of ethane,

C2H6. Use data from Appendix 11 to determine the value of �cH
o
(C2H6, g,

298K).

The complete combustion of one mole of C2H6 is given by:

C2H6ðgÞ þ 3 1
2O2ðgÞ ��" 2CO2ðgÞ þ 3H2OðlÞ

Data needed from Appendix 11 are:

�fH
oðCO2; g; 298KÞ ¼ �393:5 kJmol�1

�fH
oðH2O; l; 298KÞ ¼ �286 kJmol�1

�fH
oðC2H6; g; 298KÞ ¼ �84 kJmol�1

Since O2 is an element in its standard state, �fH
oðO2; g; 298KÞ ¼

0 kJmol�1.

�cH
oð298KÞ ¼

X
�fH

oðproducts; 298KÞ �
X

�fH
oðreactants; 298KÞ

¼ ½2�fH
oðCO2; g; 298KÞ þ 3�fH

oðH2O; l; 298KÞ�
��fH

oðC2H6; g; 298KÞ
¼ 2ð�393:5Þ þ 3ð�286Þ � ð�84Þ
¼ �1561 kJmol�1
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BIOLOGY AND MEDICINE

Box 2.1 Energy content of foods: calorific values

In Chapter 35, we look in detail at the structures and

properties of biological molecules including carbo-
hydrates and proteins. Carbohydrates constitute a
family of compounds consisting of sugars: mono-

saccharides (e.g. glucose), disaccharides (e.g. lactose)
and polysaccharides (e.g. starch). These compounds
(along with fats and proteins) are the body’s fuels.

Examples of natural sugars are glucose, sucrose and
lactose. When the body metabolizes glucose, the overall
reaction is the same as combustion:

C6H12O6ðsÞ
Glucose

þ 6O2ðgÞ ��" 6CO2ðgÞ þ 6H2OðlÞ

However, whereas burning glucose in oxygen is rapid,
‘burning’ glucose in the body is a much slower process
and is carried out in a series of steps involving enzymes

(enzymes are proteins that act as biological catalysts,
see Section 15.15). Nonetheless, metabolizing glucose
results in the production of energy in just the same

way that the combustion of glucose O2 does. Fats con-
sist of mixtures of molecules with the general structure

shown below, in which the R groups are hydrocarbon

chains of varying lengths (see Section 35.4):

When a fat is metabolized by the body, the reaction
(represented here for R = R0 = R00 = C16H33) is:

C54H104O6 þ 77O2 ��" 54CO2 þ 52H2O

The amount of energy that is liberated when a
particular food is metabolized is called its calorific

value. This term is used, not just for foods, but for
fuels (e.g. natural gas) more generally. Its origins are
in the pre-SI unit calorie which is a unit of energy. In

the SI system, the calorie is replaced by the joule:

1 calorie (1 cal) ¼ 4.184 joules (4.184 J)

1 kcal ¼ 1000 cal ¼ 4184 J ¼ 4:184 kJ

In the context of foods and nutrition, calorific values
are typically given in units of Calories (with an
upper-case C) where:

1Calorie ¼ 1000 cal ¼ 1 kcal ¼ 4:184 kJ

The table below lists the calorific values of selected foods,
and the percentage of the calories in the food that are

obtained from the carbohydrate, fat and protein content.

Food Calorific value per

100 g / Calories

% Calories from

carbohydrates

% Calories

from fats

% Calories

from proteins

Olive oil 884 0 100 0
Milk (3.25% milk fat) 60 29 48 23
Butter (unsalted) 499 0 99 1
Egg (poached) 147 2 61 37
Salmon (cooked, dry heat) 116 0 27 73
Rice (white, cooked) 130 90 2 8
Potato (boiled, unsalted) 78 89 1 10
Carrot (boiled, unsalted) 35 90 4 6
Carrot (raw) 35 92 3 5
Broccoli (boiled, unsalted) 35 73 10 17
Broccoli (raw) 28 64 10 26
Spinach (raw) 23 56 14 30
Apple (raw) 52 95 3 2
Orange (raw) 46 91 4 5

Data: Nutritional information provided by NutritionData.com

O

O

O

R

O

R''

O

O

R'
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2.7 Hess’s Law of Constant Heat Summation

Calculations using equation 2.9 make use of Hess’s Law of Constant Heat

Summation. This states that the enthalpy change on going from reactants

to products is independent of the reaction path taken. Consider the reaction

of PCl3 and Cl2:

PCl3ðlÞ þ Cl2ðgÞ ��" PCl5ðsÞ

We can consider this reaction as part of a cycle involving the elements P andCl:

Reaction (3) shows the formation of PCl5(s) from its constituent elements in

their standard states. Reactions (2) and (1) describe the formation of PCl3(l)

from its constituent elements, followed by the reaction of PCl3(l) with Cl2(g)

to give PCl5(s). Thus, reaction (3) gives a direct route to PCl5(s) from its

constituent elements, while reactions (2) and (1) provide an indirect route.

Now consider the enthalpy change for each step:

The three enthalpy changes make up a thermochemical cycle. By Hess’s Law

of Constant Heat Summation, the enthalpy change on going from reactants

to products is independent of the reaction path taken. In the thermochemical

cycle above, the reactants are P4 and Cl2 and the final product is PCl5.

There are two routes to PCl5 depending on whether we follow the arrows

anticlockwise or clockwise from reactants to product. Application of

Hess’s Law to this thermochemical cycle leads to equation 2.14.

�rH
o
3 ¼ �rH

o
1 þ�rH

o
2 ðat 298KÞ ð2:14Þ

�rH
o
1(298K) is the standard enthalpy change for the reaction of PCl3(l)

with Cl2(g), while �rH
o
2(298K) and �rH

o
3(298K) are the standard

enthalpies of formation of PCl3(l) and PCl5(s), respectively. We can therefore

write an expression for the standard enthalpy change for the reaction of

PCl3(l) with Cl2(g) in terms of the values of �Hf
o(298K) for PCl3(l) and

PCl5(s):

�rH
o
1 ¼ �rH

o
3 ��rH

o
2

¼ �fH
oðPCl5; s; 298KÞ ��fH

oðPCl3; l; 298KÞ
¼ �444� ð�320Þ
¼ �124 kJmol�1

Hess’s Law of Constant

Heat Summation states that

the enthalpy change on
going from reactants to
products is independent of

the reaction path taken.
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Hess’s Law is particularly useful when we have more complex situations to

consider, for example the determination of lattice energies (see Section 8.16)

or enthalpy changes associated with the dissolution of salts (see Section 17.11).

Worked example 2.10 Use of Hess's Law: phosphorus oxides

Construct a thermochemical cycle that links the following processes: (i) the

combustion of P4(white) to give P4O6(s), (ii) the combustion of P4(white) to

give P4O10(s) and (iii) the conversion of P4O6(s) to P4O10(s). Use the cycle

to find the standard enthalpy change for the conversion of P4O6(s) to

P4O10(s) if values of �fH
o
(298K) for P4O6(s) and P4O10(s) are �1640 and

�2984 kJmol
�1
, respectively.

The thermochemical cycle can be drawn as follows:

Now apply Hess’s Law: the left-hand arrow links P4 to P4O10 directly,

while the top and right-hand arrows form an indirect route from P4 to

P4O10. Therefore:

�fH
oðP4O10; s; 298KÞ ¼ �fH

oðP4O6; s; 298KÞ þ�rH
oð298KÞ

Rearranging the equation gives:

�rH
oð298KÞ ¼ �fH

oðP4O10; s; 298KÞ ��fH
oðP4O6; s; 298KÞ

¼ �2984� ð�1640Þ
¼ �1344 kJmol�1

Worked example 2.11 Use of Hess's Law: oxides of nitrogen

(a) Use data in Appendix 11 to determine a value of �rH
o
(298K) for the fol-

lowing reaction:

2NO2ðgÞ ��"N2O4ðlÞ
(b) Consider the following thermochemical cycle at 298K:

Using data from Appendix 11 and the answer to part (a), determine a value for

�rH
o
1(298K). (The answer can be checked using values of �fH

o
for NO(g)

and NO2(g) from Appendix 11.)
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(a) To determine the standard enthalpy change for the reaction:

2NO2ðgÞ ��"N2O4ðlÞ
look up the standard enthalpies of formation of N2O4(l) and NO2(g).

These are �20 and þ33 kJmol�1, respectively. The standard enthalpy

change for the reaction is:

�rH
oð298KÞ ¼ �fH

oðN2O4; l; 298KÞ � 2�fH
oðNO2; g; 298KÞ

¼ �20� 2ðþ33Þ
¼ �86 kJmol�1

(b) Draw out the thermochemical cycle in the question and identify known

and unknown values of �rH
o(298K):

�rH
o
2 was found in part (a) of the question. From Appendix 11, values (at

298K) of �fH
o(NO, g) and �fH

oðN2O4; lÞ are þ90 and �20 kJmol�1,

respectively.

Apply Hess’s Law to the thermochemical cycle, noting that three arrows in

the cycle follow a clockwise path, while one arrow follows an anticlockwise

path:

�rH
o
3 þ�rH

o
1 þ�rH

o
2 ¼ �rH

o
4

�rH
o
1 ¼ �rH

o
4 ��rH

o
3 ��rH

o
2

¼ �fH
oðN2O4; l; 298KÞ � 2�fH

oðNO; g; 298KÞ
��rH

o
2

¼ �20� 2ðþ90Þ � ð�86Þ
¼ �114 kJmol�1

2.8 Thermodynamic and kinetic stability

A term that is commonly (and often inconsistently) used is ‘stable’. It is

meaningless to say that something is stable or unstable unless you specify

‘stable or unstable with respect to . . .’. Consider hydrogen peroxide, H2O2.

This compound is a liquid at room temperature and a solution can be

purchased in a bottle as a hair bleach. Because of this, you may think that

H2O2 is a ‘stable’ compound. However, the conditions under which the

H2O2 solution is stored are critical. It can decompose to H2O and O2

(equation 2.15), and the standard enthalpy change for this reaction is

�98.2 kJmol�1. The process is slow, but in the presence of some surfaces

or alkali, decomposition is rapid, and can even be explosive. Thus, we

describe hydrogen peroxide as being unstable with respect to the formation

of H2O and O2.

H2O2ðlÞ ��"H2OðlÞ þ 1
2 O2ðgÞ ð2:15Þ
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Hydrogen peroxide is thermodynamically unstable with respect to reaction

2.15, but the speed with which the reaction occurs is controlled by kinetic

factors. Because the decomposition of H2O2 is slow, we say that hydrogen

peroxide is kinetically stable with respect to the formation of H2O and O2.

We return to the kinetics of reactions in Chapter 15.

A notable example of a thermodynamically favourable reaction is the

conversion of diamond into graphite (equation 2.16): diamond is

thermodynamically unstable with respect to graphite. Fortunately for all

owners of diamonds, the transformation takes places extremely slowly at

room temperature and pressure.

CðdiamondÞ ��"CðgraphiteÞ �rH
oð298KÞ ¼ �1:9 kJmol�1 ð2:16Þ

2.9 Phase changes: enthalpies of fusion and vaporization

Melting solids and vaporizing liquids

When a solid melts, energy is needed for the phase change from solid to

liquid. In a crystalline solid, the atoms or molecules are arranged in a rigid

framework and energy is needed to make the structure collapse as the solid

transforms to a liquid. In a liquid, the atoms or molecules are not completely

separated from one another (see Figure 1.2). If the liquid is heated, heat is

initially used to raise the temperature to the boiling point of the liquid.

At the boiling point, heat is used to separate the atoms or molecules as the

liquid transforms into a vapour. Figure 2.3 illustrates what happens as a

constant heat supply provides heat to a sample of H2O which is initially in

the solid phase (ice). The temperature of the solid rises until the melting

point is reached. During the process of melting the solid, the temperature

remains constant. Once melting is complete, liquid water is heated from

the melting point (273K) to the boiling point (373K). Heat continues to

be supplied to the sample, but at the boiling point, the heat is used to

Phases: see Section 1.6

"

Fig. 2.3 A heating curve for a constant mass of H2O, initially in the solid state. Heat is sup-
plied at a constant rate. The graph shows both the melting and vaporization of the sample.
During phase changes, the temperature remains constant even though heat continues to be
supplied to the sample.
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vaporize the sample and the temperature remains constant. After vaporization

is complete, the heat supplied is used to raise the temperature of the water

vapour. In Figure 2.3, the gradients of the lines representing the heating of

solid ice, liquid water and water vapour are different because the specific

heat capacity of H2O in the three phases is different. The specific heat capacity

of liquid water (4.18 JK�1 g�1) is greater than that of ice (2.03 JK�1 g�1) and

water vapour (1.97 JK�1 g�1); see end-of-chapter problem 2.15.

The enthalpy change associated with melting one mole of a solid is called

the molar enthalpy of fusion, and the value refers to the melting point (mp) of

the solid. The enthalpy change is written as�fusH(mp). The enthalpy change

associated with vaporizing one mole of a liquid is the molar enthalpy of

vaporization and the value is quoted at the boiling point (bp) of the liquid

under specified pressure conditions. The notation is �vapH(bp). Melting a

solid and vaporizing a liquid are endothermic processes. For H2O, the

enthalpy changes for melting and vaporizing are given in equation 2.17.

ð2:17Þ
Table 2.2 lists values of �fusH(mp) and�vapH(bp) for selected elements and

compounds.

Solidifying liquids and condensing vapours

When a liquid is cooled to the melting point of the substance, the liquid soli-

difies. This process is also referred to as freezing, and, when the temperature

is being lowered rather than raised, the melting point is often called the

freezing point. When a vapour is cooled to its condensation point (the same

temperature as the boiling point), the vapour condenses to a liquid. As a

solid forms from a liquid, heat is released as the atoms or molecules pack

more closely together and the system becomes more ordered. The process

is exothermic. Similarly, condensing a vapour to form a liquid liberates

heat. Suppose we allow a sample of H2O to cool from 405K to 253K.

A cooling curve for this process is the mirror image of Figure 2.3. The

stages in cooling water vapour to eventually form ice are:

. the temperature of the vapour falls until the condensation point (the same

temperature as the boiling point) is reached;
. the temperature remains constant as water vapour condenses to liquid

water;
. the temperature of the liquid falls until the freezing point (the same

temperature as the melting point) is reached;
. the temperature remains constant as liquid water freezes (solidifies) to ice;
. the temperature of the ice falls.

The enthalpy change associated with condensation is equal to ��vapH(bp),

and the enthalpy change associated with solidification is ��fusH(mp). For

H2O, the enthalpy changes are shown in equation 2.18; compare this with

equation 2.17.

ð2:18Þ

The molar enthalpy of fusion

of a substance at its melting

point, �fusH(mp), is the
enthalpy change for the
conversion of one mole of

solid to liquid.

The molar enthalpy of

vaporization of a substance

at its boiling point,
�vapH(bp), is the enthalpy
change for the conversion

of one mole of liquid to
vapour.
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Worked example 2.12 Solid and molten copper

A piece of copper metal of mass 7.94 g was heated to its melting point

(1358K). What is the enthalpy change at 1358K as the copper melts if

�fusHðmpÞ ¼ 13 kJmol
�1
?

First, look up Ar for Cu in the inside cover of the book: Ar ¼ 63:54.

Amount of Cu ¼ 7:94 g

63:54 gmol�1
¼ 0:125mol

Melting copper requires heat and is an endothermic process.

Therefore, the enthalpy change as the copper melts

¼ ðþ13 kJmol�1Þ � ð0:125molÞ
¼ þ1:6 kJ (to 2 sig. fig.)

Table 2.2 Values of melting and boiling points (see also Appendix 11), and enthalpies of
fusion, �fusH(mp), and vaporization, �vapH(bp), for selected elements and compounds;
see also Table 3.6.

Melting

point / K

Boiling

point / K

�fusH(mp) /

kJmol
�1

�vapH(bp) /

kJmol
�1

Element

Aluminium (Al) 933 2793 10.7 294

Bromine (Br2) 266 332 10.6 30.0

Chlorine (Cl2) 172 239 6.4 20.4

Fluorine (F2) 53 85 0.51 6.6

Gold (Au) 1064 2857 12.6 324

Hydrogen (H2) 13.7 20.1 0.12 0.90

Iodine (I2) 387 458 15.5 41.6

Lead (Pb) 600 2022 4.8 180

Nitrogen (N2) 63 77 0.71 5.6

Oxygen (O2) 54 90 0.44 6.8

Compound

Acetone (CH3COCH3) 178 329 5.7 29.1

Ethane (C2H6) 90 184 2.9 14.7

Ethanol (C2H5OH) 159 351 5.0 38.6

Hydrogen chloride (HCl) 159 188 2.0 16.2

Water (H2O) 273 373 6.0 40.7
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Worked example 2.13 Liquid acetone and its vapour

The boiling point of acetone is 329K. Use data from Table 2.2 to determine the

enthalpy change at 329K when 14.52 g of acetone, CH3COCH3, condenses

from its vapour.

Using values of Ar from the inside cover of the book, find Mr for

CH3COCH3: Mr ¼ 58:08 gmol�1.

Amount of acetone condensed ¼ 14:52 g

58:08 gmol�1
¼ 0:2500mol

From Table 2.2: �vapHðbpÞ ¼ 29:1 kJmol�1.

Condensation is an exothermic process. Therefore, the enthalpy change

when 0.2500 moles of acetone condenses

¼ ð�29:1 kJmol�1Þ � ð0:2500molÞ
¼ �7:28 kJ (to 3 sig. fig.)

In the next section, we look at the types of interactions that exist between

molecules and the relative strengths of these interactions.

2.10 An introduction to intermolecular interactions

In a molecular compound such as methane, CH4 (2.1), or dihydrogen, H2

(2.2), the atoms in the molecule are held together by covalent bonds. These

covalent bonds are present in all phases, i.e. in the solid, the liquid and

the vapour states. In the vapour states of compounds such as methane, the

molecules are well separated and can be regarded as having little effect on

one another. This is consistent with one of the postulates of the kinetic

theory of gases (Section 1.9), but in reality, the behaviour of a gas is not

ideal because the molecules do interact with one another. In Section 1.9,

we considered gas laws and ideal gases. Equation 2.19 holds for n moles of

an ideal gas.

PV ¼ nRT R ¼ molar gas constant ¼ 8:314 JK�1 mol
�1 ð2:19Þ

For a real gas at a given temperature, PV is not a constant because, in con-

trast to the postulates of the kinetic theory of ideal gases (Section 1.9):

. real gas molecules occupy a volume that cannot be ignored; the effective

volume of the gas can be corrected from V to (V � nb), where n is the

number of moles of the gas and b is a constant;
. real gas molecules interact with one another; the pressure has to be

corrected from P to

�
Pþ an2

V2

�
, where n is the number of moles of the

gas and a is a constant.

These corrections were first proposed by Johannes van der Waals in 1873,

and equation 2.20 gives the van der Waals equation for n moles of a real

gas. Values of the constants a and b depend on the compound.

(2.1) (2.2)

See also equation 1.23 and
related discussion

"
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�
Pþ an2

V2

�
ðV � nbÞ ¼ nRT van der Waals equation ð2:20Þ

Values of the constants a and b for selected gases are given in Table 2.3. For

1 mole of a real gas at temperature T , the pressure of a given volume, V , can

be calculated as follows:

P ¼ nRT

ðV � nbÞ �
an2

V2

The strengths of intermolecular interactions (van der Waals forces or inter-

actions) vary depending upon their precise nature. The vapour ��" liquid

and liquid ��" solid phase changes are exothermic and this, in part, reflects

the enthalpy changes associated with the formation of intermolecular inter-

actions. Conversely, solid ��" liquid and liquid ��" vapour phase changes

are endothermic because intermolecular interactions must be overcome

before the phase change can occur. When methane gas, for example, is

liquefied, the molecules come closer together, and when the liquid is

solidified, an ordered structure is formed in which there are intermolecular

interactions between the CH4 molecules. In the case of methane, the enthalpy

changes associated with fusion and vaporization are small:

indicating that the interactions between CH4 molecules in the solid and in the

liquid are weak. The interactions between CH4 molecules are called London

dispersion forces (named after Fritz London) and are the weakest type of

intermolecular interactions. They arise from interactions between the

electron clouds of adjacent molecules. We will look more closely at the

origins of these forces in Section 3.21. Table 2.4 lists four important classes

of intermolecular interactions and indicates their relative strengths. We shall

have more to say about the origins of these interactions and their effects on

physical properties of compounds later in the book. For now, the important

point to remember is that values of�fusH(mp) and�vapH(bp), as well as the

melting and boiling points of atomic species (e.g. He, Ar) and molecular

species (e.g. CH4, H2O, N2 and C2H5OH), reflect the extent of intermolecu-

lar interactions. In an ionic solid (e.g. NaCl) in which ions interact with one

another through electrostatic forces, the amount of energy needed to

Johannes Diderik van der Waals
(1837–1923).

Important! During phase
changes, the covalent bonds

in CH4 are not broken

"

Table 2.3 Values of van der Waals constants for selected compounds in the vapour phase.

Molecular

formula

a / Pam6

mol
�2

b / m3mol�1 Molecular

formula

a / Pam6

mol
�2

b / m3mol�1

He 3.46 � 10�8 2.38 � 10�5 HCl 3.70 � 10�6 5.06 � 10�5

Ar 1.36 � 10�6 3.20 � 10�5 HBr 4.50 � 10�6 4.42 � 10�5

H2 2.45 � 10�7 2.65 � 10�5 H2O 5.54 � 10�6 3.05 � 10�5

Cl2 6.34 � 10�6 5.42 � 10�5 NH3 4.23 � 10�6 3.71 � 10�5

N2 1.37 � 10�6 3.87 � 10�5 CO2 3.66 � 10�6 4.29 � 10�5

O2 1.38 � 10�6 3.18 � 10�5 CH2Cl2 1.244 � 10�5 8.69 � 10�5
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separate the ions is often far greater than that needed to separate covalent

molecules. Enthalpies of fusion of ionic solids are significantly higher than

those of molecular solids.

Table 2.4 Types of intermolecular forces.a

Interaction Acts between: Typical energy / kJmol
�1

London dispersion forces Most molecules �2

Dipole–dipole interactions Polar molecules 2

Ion–dipole interactions Ions and polar molecules 15

Hydrogen bonds An electronegative atom
(usually N, O or F) and an
H atom attached to another
electronegative atom

5–30b

a For more detailed discussion, see Sections 3.21 (dispersion forces), 5.11 (dipole moments), 8.6
(electrostatic interactions between ions) and 21.8 (hydrogen bonds).

b In ½HF2��, the H---F hydrogen bond is particularly strong, 165 kJmol�1.

SUMMARY

This chapter has been concerned with the changes in enthalpy that occur during reactions and during
phase changes. We have also introduced different types in intermolecular interactions, and have seen
how their differing strengths influence the magnitudes of the enthalpies of fusion and vaporization
of elements and compounds.

Do you know what the following terms mean?

. thermochemistry

. enthalpy change for a
reaction

. standard enthalpy change

. standard state of a substance

. exothermic

. endothermic

. calorimetry

. calorimeter

. specific heat capacity

. standard enthalpy of formation

. combustion

. standard enthalpy of
combustion

. Hess’s Law of Constant Heat
Summation

. thermochemical cycle

. molar enthalpy of fusion

. molar enthalpy of vaporization

. van der Waals forces

. intermolecular interactions

Do you know what the following notations mean?

. �rH
o(298K) . �fH

o(298K) . �cH
o(298K) . �fusH(mp) . �vapH(bp)

You should now be able:

. to define the conditions under which the heat
transfer in a reaction is equal to the enthalpy
change

. to define what the standard state of an element
or compound is, and give examples

. to distinguish between exothermic and end-
othermic processes, and give an example of each

. to describe the features and operation of a
simple, constant-pressure calorimeter

. to describe how to use a constant-pressure
calorimeter to measure the specific heat capacity
of, for example, copper metal

. to determine the enthalpy of a reaction carried
out in a constant-pressure calorimeter, given
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PROBLEMS

2.1 From the statements below, say whether the
following processes are exothermic or endothermic.
(a) The addition of caesium to water is explosive.

(b) The evaporation of a few drops of diethyl ether
from the palm of your hand makes your hand
feel colder.

(c) Burning propane gas in O2; this reaction is the
basis for the use of propane as a fuel.

(d) Mixing aqueous solutions of NaOH and HCl
causes the temperature of the solution to

increase.

2.2 What are the standard states of the following
elements at 298K: (a) chlorine; (b) nitrogen;

(c) phosphorus; (d) carbon; (e) bromine; (f ) sodium;
(g) fluorine?

2.3 The standard enthalpy of reaction for the combustion
of 1 mole of Ca is �635kJmol�1. Write a balanced

equation for the process to which this value refers.
Does the reaction give out or absorb heat?

2.4 100.0 cm3 of aqueous hydrochloric acid, HCl
(2.0mol dm�3) were mixed with 100.0 cm3 of

aqueous NaOH (2.0mol dm�3) in a simple,
constant-pressure calorimeter. A temperature rise of
13.9K was recorded. Determine the value of�H for

the reaction in kJ per mole of HCl.
(Cwater ¼ 4:18 JK�1 g�1; density of
water ¼ 1:00 g cm�3)

2.5 Comment on the fact that the values of�H (quoted
per mole of NaOH) for the following reactions are

all approximately equal:

NaOHðaqÞ þHClðaqÞ ��"NaClðaqÞ þH2OðlÞ
NaOHðaqÞ þHBrðaqÞ ��"NaBrðaqÞ þH2OðlÞ
NaOHðaqÞ þHNO3ðaqÞ ��"NaNO3ðaqÞ þH2OðlÞ

2.6 When 2.3 g of NaI dissolves in 100.0 g of water

contained in a simple, constant-pressure
calorimeter, the temperature of the solution rises by
0.28K. State whether dissolving NaI is an

endothermic or exothermic process. Find the
enthalpy change for the dissolution of 1 mole of
NaI. (Cwater ¼ 4:18 JK�1 g�1)

2.7 The specific heat capacity of copper is
0:385 JK�1 g�1. A lump of copper weighing 25.00 g
is heated to 360.0K. It is then dropped into

100.0 cm3 of water contained in a constant-pressure
calorimeter equipped with a stirrer. If the
temperature of the water is initially 295.0K,

determine the maximum temperature attained after
the copper has been dropped into the water. What
assumptions do you have to make in your
calculation? (Cwater ¼ 4:18 JK�1 g�1; density of

water ¼ 1:00 g cm�3)

2.8 Determine �rH
o(298K) for each of the following

reactions. Data required can be found in

Appendix 11.
(a) H2ðgÞ þ F2ðgÞ ��" 2HFðgÞ
(b) 4NaðsÞ þO2ðgÞ ��" 2Na2OðsÞ
(c) 2Cl2OðgÞ ��" 2Cl2ðgÞ þO2ðgÞ
(d) O2F2ðgÞ ��"O2ðgÞ þ F2ðgÞ
(e) 3H2ðgÞ þ 2AsðgreyÞ ��" 2AsH3ðgÞ
(f ) AsðyellowÞ ��"AsðgreyÞ
(g) 3O2ðgÞ ��" 2O3ðgÞ

2.9 Write a balanced equation for the complete
combustion of octane, C8H18(l). Determine
the value for �cH

o(298K) using data from

Appendix 11.

2.10 Using data from Appendix 11, determine the
standard enthalpy of combustion of propane, C3H8.

2.11 Write a balanced equation for the complete

combustion of one mole of liquid propan-1-ol,
C3H7OH. Use data from Appendix 11 to find the
amount of heat liberated when 3.00 g of propan-1-ol

is fully combusted.

2.12 (a) Sulfur has a number of allotropes. What do you
understand by the term allotrope? Use data in
Appendix 11 to deduce the standard state of sulfur.

(b) Determine �rH
o(298K) for the conversion of

2.56 g of the orthorhombic form of sulfur to the
monoclinic form.

2.13 Using data from Appendix 11, show by use of an
appropriate thermochemical cycle how Hess’s Law
of Constant Heat Summation can be applied to

the change in temperature during the
reaction

. to use values of �fH
o(298K) to determine

standard enthalpies of reactions including
combustion reactions

. to construct thermochemical cycles for given
situations, and apply Hess’s Law of Constant
Heat Summation to them

. to distinguish, with examples, between the the-
rmodynamic and kinetic stability of a compound

. to sketch a heating and a cooling curve for a
substance (e.g. H2O) undergoing solid/liquid/
vapour phase changes

. to explain theorigin of the enthalpy changes that
accompany phase changes, and to state if a given
phase change is exothermic or endothermic
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determine the standard enthalpy change (at 298K)

for the reaction:

4LiNO3ðsÞ ��" 2Li2OðsÞ þ 4NO2ðgÞ þO2ðgÞ

Comment on the fact that LiNO3 does not
decompose to Li2O, NO2 and O2 at 298K.

2.14 Determine �rH
o(298K) for each of the following

reactions. For data, see Appendix 11.
(a) SO2ðgÞ þ 1

2 O2ðgÞ ��" SO3ðsÞ
(b) PCl5ðsÞ ��" PCl3ðlÞ þ Cl2ðgÞ
(c) 4FeS2ðsÞ þ 11O2ðgÞ ��" 2Fe2O3ðsÞ þ 8SO2ðgÞ
(d) SF6ðgÞ þ 3H2OðgÞ ��" SO3ðgÞ þ 6HFðgÞ

2.15 Figure 2.3 illustrates a heating curve for H2O. Heat

is supplied at a constant rate in the experiment.
Explain why it takes longer to heat a given mass of
liquid water through 1K than the samemass of solid

ice through 1K.

2.16 Use data in Table 2.2 to determine the following:
(a) the enthalpy change when 1.60 g of liquid Br2

vaporizes;

(b) the change in enthalpy for the solidification of
2.07 g of molten lead;

(c) the enthalpy change for the condensation of

0.36 g of water.

2.17 x g of Cl2 are liquefied at 239K. �H for the process
is �1020 J. Use data from Table 2.2 to find x.

2.18 Using data in Table 2.2, determine the enthalpy

change for each of the following: (a) melting 4.92 g
of gold; (b) liquefying 0.25 moles of N2 gas; (c)
vaporizing 150.0 cm3 of water (density of water
¼ 1:00 g cm�3).

2.19 Determine values of �rH
o(298K) for the following

reactions. For data, see Appendix 11.
(a) 2H2ðgÞ þ COðgÞ ��"CH3OHðlÞ

methanol

(b) CuOðsÞ þH2ðgÞ ��"CuðsÞ þH2OðgÞ
(c) 4NH3ðgÞ þ 3O2ðgÞ ��" 2N2ðgÞ þ 6H2OðlÞ

2.20 Determine values of �cH
o(298K) for (a) the

complete combustion of one mole of butane, C4H10,
and (b) the partial combustion of one mole of butane

in which CO is the only carbon-containing product.

ADDITIONAL PROBLEMS

Data for these problems can be found in Table 2.2
or Appendix 11.

2.21 (a) Under standard conditions, what products will
be formed in the complete combustion of N2H4?

(b) Determine �rH
o(298K) for the decomposition

of 2.5 g of stibane (SbH3) to its constituent

elements.
(c) Find �rH

o(298K) for the following reaction:

BCl3ðlÞ þ 3H2OðlÞ ��"BðOHÞ3ðsÞ þ 3HClðgÞ

2.22 (a) Write an equation that describes the fusion of

silver. Is the process exothermic or endothermic?
(b) Draw out a thermochemical cycle that connects

the following interconversions: red to black
phosphorus, white to red phosphorus, and white

to black phosphorus. Determine �rH
o(298K)

for P4(red) ��" P4(black).

2.23 The conversion of NO2(g) to N2O4(l) is an example

of a dimerization process. Write a balanced equation
for the dimerization of NO2 and determine
�rH

o(298K) per mole of NO2. Does the value you

have calculated indicate that the process is
thermodynamically favourable?

2.24 (a) For crystalline KMnO4,

�fH
oð298KÞ ¼ �837 kJmol�1. Write an

equation that describes the process to which this
value refers.

(b) Cyclohexane, C6H12, is a liquid at 298K;

�cH
oðC6H12; l; 298KÞ ¼ �3920 kJmol�1.

Determine the value of �fH
oðC6H12; l; 298KÞ.

(c) Use your answer to part (b), and the fact that

�fH
oðC6H12; g; 298KÞ ¼ �123 kJmol�1, to

determine �vapH
oðC6H12; 298KÞ. Why does

this value differ from

�vapHðC6H12; bpÞ ¼ 30 kJmol�1?

2.25 (a) Hydrogen peroxide decomposes according to

the equation:

2H2O2ðlÞ ��" 2H2OðlÞ þO2ðgÞ
Determine �rH

o(298K) per mole of H2O2.

(b) Write an equation to represent the formation of
calcium phosphate, Ca3ðPO4Þ2, from its
constituent elements under standard conditions.

(c) Find �rH
o(298K) for the dehydration of

ethanol to give ethene:

C2H5OHðlÞ ��"C2H4ðgÞ þH2OðlÞ

CHEMISTRY IN DAILY USE

2.26 Instant cold compress packs are commonly used in

accident and emergency units, e.g. to relieve
swellings associated with minor injuries. The pack
contains solid ammonium nitrate (NH4NO3) and

water, initially not in contact. To activate the pack,
you must squeeze and shake it, and then place the
sealed plastic pack on the injury. Suggest how the

compress pack works.

2.27 Solutions containing hydrogen peroxide are sold for
cleaning contact lenses. The standard enthalpy of
reaction for the decomposition of H2O2 to

1
2O2 and

H2O is �99 kJ mol�1. Why is it possible to store
solutions of hydrogen peroxide without fear of
decomposition?
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2.28 Biodiesel fuels may be produced by the reactions of

vegetable oils with methanol in the presence of
NaOH:

The R groups are long hydrocarbon chains.
Soybean is one crop for the production of biodiesel,
and the R groups in soybean-based biodiesel

contain between 14 and 20 C atoms. The three most
abundant R groups are C16H33, C18H33 and C18H35.
(a) Write a balanced equation for the complete
combustion of C18H33CO2Me. (b) Given that

�fH
o(C16H33CO2Me, 298K) = �770 kJ mol�1,

determine � cH
o(298 K) in kJ g�1 for this

component of soybean-based biodiesel. See

Appendix 11 for additional data. (c) A typical value
of �cH

o(298 K) for biodiesel is �37 kJ g�1,
compared with �42 kJ g�1 for diesel fuel derived

from petroleum. The densities of biodiesel and
petroleum diesel are approximately 0.88 and
0.83 g cm�3. Compare the energy content per unit

mass and per unit volume of the two fuels.

(d) Petroleum-based diesel typically contains

0.2% sulfur, whereas the sulfur content of biodiesel
is �0.0001%. Why is this an advantage of the latter
fuel?

2.29 Liquid hydrazine, N2H4, is routinely used as a fuel

for low-thrust satellite propulsion. It decomposes
exothermically according to the equation:

3N2H4(l) ��" 4NH3(g) + N2(g)

Under the catalytic conditions required to initiate

this decomposition, about 40% of the NH3 also
decomposes. (a) If �fH

o(298K) for N2H4(l) and
NH3(g) are þ50.4 and �45.9 kJ mol�1, respectively,
calculate the standard enthalpy change that

accompanies the decomposition of one mole of
hydrazine. (b) Write a balanced equation for the
decomposition of NH3(g) into its constituent

elements, and determine�rH
o(298K). (c) How does

the decomposition of 40% of the NH3 produced in
the reaction:

3N2H4(l) ��" 4NH3(g) + N2(g)

affect the performance of the N2H4 fuel?

2.30 The metabolic rate (i.e. the energy expended) when
a human is cycling at 15 kmh�1 is approximately
1650 kJ h�1. (a) If the heat capacity of the human

body is 3.47 kJ K�1 kg�1, what would be the
temperature rise of the body of a 53 kg woman
cycling for 1 h at 15 kmh�1 if there were no heat

exchange to the surroundings? (b) Given that the
human body must maintain a temperature of
37 � 1 oC, what physiological mechanisms are in

place for the cyclist not to suffer from hyperthermia?
(c) The heat capacity of water and of fat are 4.18 and
1.88 kJ K�1 kg�1, respectively. What effect does
obesity have on the change in body temperature and

the need for the body to control the latter during a
30 min cycle ride at 15 kmh�1? [Data: J. N. Spencer
(1985) J. Chem. Educ., vol. 62, p. 571.]
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