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Lecture 6

Calorimetry &Thermochemistry

 

• Chemistry3 , Chapter 14, Energy and Thermochemistry, 
pp.658-700.

• Elements of Physical Chemistry, 5th edition, Atkins & de 
Paula, Chapter 3, Thermodynamics: applications of the first 
law. pp. 63-82. Chapter 4. Thermodynamics: The Second 
Law, pp.83-104.

• Physical Chemistry, 8th Edition, Atkins & de Paula, The First 
Law, Chapter 2, pp.49-57 (Thermochemistry). Chapter 3, 
The Second Law, pp.76-116 (selected sections as indicated).

• Chemistry and Chemical Reactivity, Kotz, Treichel, 
Townsend, 7th edition, Chapter 5, pp.208-253, especially 
sections 5.7 and 5.8..

Suggested Reading

Thermochemistry

Refer to JF Chemistry 1101 laboratory manual thermochemistry experiment # 5
For further details.
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HEAT CAPACITYHEAT CAPACITY

The heat required to raise an 
object’s Temperature by 1 ˚C. 

Which has the larger heat capacity?Which has the larger heat capacity?

Kotz, section 5.2. pp.215-218.

Heat Capacity

Increasing temperature increases the internal 
energy of a system. The exact increase depends 
upon the heating conditions.
Heat cannot be detected or measured directly. 
There is no ‘heat meter’.
One way to determine the magnitude of a heat 
transfer is to measure the work needed to bring 
about the same change in the thermodynamic state 
of a system as was produced by heat transfer. 
Another approach is to deduce the magnitude of a 
heat transfer from its effects: namely, a 
temperature change. When a substance is heated 
the temperature typically rises. For a specified 
energy q transferred by heating, the magnitude of 
the resulting temperature change ∆T depends on 
the heat capacity C of the substance.
We can therefore simply measure the heat 
absorbed or released by a system :
We determine the temperature change and use the 
appropriate value of the heat capacity of the 
system.
Units of C are J K-1.
Heat capacity is an extensive property.

T

q
C

∆
= TCq ∆=

Can also define specific heat capacity c 
according to c = C/m where m = mass of 
substance with units
J K-1g-1 or the molar heat capacity Cm as Cm = 
C/n with units: J K-1mol-1.
The heat capacity depends on whether a sample 
is maintained at constant volume (C = CV) or 
constant pressure (C = CP). The respective 
molar quantities are CV,m and CP,m.

Loss of energy into the surroundings can be
detected by noting whether the temperature
changes as the process proceeds.
This is the principle of a calorimeter.
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The bomb calorimeter

From the first law of thermodynamics we recall

U q w q P V∆ = + = − ∆

If the reaction is performed in a closed 
container called a bomb calorimeter
then the volume remains
constant and ∆V = 0.
Hence the first law reduces to

VqU =∆

Hence to measure a change in 
internal energy we should use a 
fixed volume calorimeter and 
monitor the energy released (q < 0) 
or supplied (q > 0) as heat by 
measuring the corresponding change 
in temperature.

Combustion reaction

V
T

V

V
V

T

U

dT

dU

T

U
LimC

T

U

T

q
C










∂
∂==

∆
∆=

∆
∆=

∆
=

→∆ 0

No heat flow

Chemistry3, Ch.14. pp.693-698

Kotz, section 5.6. pp.229-233.

Calorimetry defines the study of heat transfer during physical and 
chemical processes.
A calorimeter is a device for measuring energy transferred as heat.
In an adiabatic bomb calorimeter the process which we wish to study 
(a chemical reaction) is initiated inside a constant volume container 
(the bomb). The latter is immersed inside a stirred 
water bath. The whole arrangement (container + water bath) defines 
the calorimeter. The calorimeter is also immersed in an outer water
bath. The water in the calorimeter and in the outer water bath is
monitored and adjusted to the same temperature. This arrangement
ensures there is no net loss of heat from the calorimeter to the
surroundings (the bath). Hence the calorimeter is adiabatic.
The change in temperature ∆T of the calorimeter is proportional
to the heat that the reaction releases or absorbs. Hence by 
measuring ∆T we can determine qV and hence find ∆U.

We calibrate the calorimeter using a process of known energy output
and determining the calorimeter constant C in the relation q = C∆T.
The calorimeter constant may be measured electrically by passing
a constant current I from a source of known potential difference V
through a heater for a given period of time t and noting that q = VIt. 
Alternatively C may be determined by burning a known mass of 
substance (benzoic acid is often used) that has a known heat output. 
With C determined is is simple to interpret an observed temperature 
rise as a release of heat.

Calorimetry : some details.
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CalorimetryCalorimetry
Some heat from reaction warms water
qwater = (sp. ht.)(water mass)(∆T)

Some heat from reaction warms “bomb”
qbomb = (heat capacity, J/K)(∆T)

Total heat evolved = qtotal = qwater + qbomb
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Calculate energy of combustionCalculate energy of combustion (∆U) (∆U) of of 
octane. octane. 
CC88HH1818 +  25/2 O+  25/2 O22 �� COCO22 +   9 H+   9 H22OO

•• Burn 1.00 g of octaneBurn 1.00 g of octane

•• Temp rises from 25.00 to 33.20 Temp rises from 25.00 to 33.20 ooCC

•• Calorimeter contains 1200. g waterCalorimeter contains 1200. g water

•• Heat capacity of bomb = 837 J/KHeat capacity of bomb = 837 J/K

Measuring Heats of ReactionMeasuring Heats of Reaction
CALORIMETRYCALORIMETRY

Measuring Heats of ReactionMeasuring Heats of Reaction
CALORIMETRYCALORIMETRY

JF CH1101 Annual 2010 part d.

Step 1Step 1 Calc. energy transferred from reaction to water.Calc. energy transferred from reaction to water.

q = (4.184 J/g•K)(1200 g)(8.20 K) =  41,170 Jq = (4.184 J/g•K)(1200 g)(8.20 K) =  41,170 J

Step 2Step 2 Calc. energy transferred from reaction to bomb.Calc. energy transferred from reaction to bomb.

q = (bomb heat capacity)(∆T)q = (bomb heat capacity)(∆T)

= (837 J/K)(8.20 K) = 6860 J= (837 J/K)(8.20 K) = 6860 J

Step 3Step 3 Total energy evolvedTotal energy evolved

41,200 J + 6860 J = 48,060 J41,200 J + 6860 J = 48,060 J

Energy of combustion (∆U) of 1.00 g of octane Energy of combustion (∆U) of 1.00 g of octane 
= = -- 48.1 kJ48.1 kJ

Measuring Heats of ReactionMeasuring Heats of Reaction
CALORIMETRYCALORIMETRY

Measuring Heats of ReactionMeasuring Heats of Reaction
CALORIMETRYCALORIMETRY
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Enthalpy

The change in internal energy is not equal to the energy transferred as heat when the system 
is free to change its volume. Under such circumstances some of the energy supplied as heat 
to the system is returned to the surroundings as expansion work.

We shall show that under constant pressure conditions, the
energy supplied as heat is equal to the change in another
thermodynamic property of the system, called the enthalpy.

From the first law of thermodynamics for a finite change 
at constant pressure

PU q w q P V∆ = + = − ∆

Now IFIF VVVUUU −=∆−=∆

( )
( ) ( ) HHHPVUPVUq

PVPVqVVPqUU

IFIIFFP

IFPIFPIF

∆=−=+−+=
+−=−−=−

Hence

Here we have introduced the enthalpy function H as

PVUH +=
Hence the heat absorbed at constant pressure equals
the increase in enthalpy of the system.

HqP ∆=

For an exothermic reaction ∆U < 0, ∆H < 0,
whereas for an endothermic reaction, ∆U > 0
and ∆H > 0.

Kotz, pp.225-229.

Relationship between ∆∆∆∆U and ∆∆∆∆H.

The enthalpy is given by

PVUH +=
For a finite change at constant pressure

( ) ( )

VPU

PVVPU

PVUPVUH

∆+∆=
∆+∆+∆=

∆+∆=+∆=∆

Since VP qUqH =∆=∆ we note that

VPqq VP ∆+=

Hence the heat absorbed at constant pressure
Exceeds that absorbed at constant volume by the
Amount P∆V.
For condensed phases (liquids, solids) ∆V= Vproducts-Vreactants
Will be very small and so ∆V ~0. Hence

UH ∆≅∆
Condensed
phases

The term ∆V is significant for gases.

Assume ideal gas behaviour. At constant
T and P we have

nRTPV =
For reactants and products

RTnPV

RTnPV RxRx

PrPr =
=

Hence

( ) ( ) nRTRTnnVVP RxRx ∆=−=− PrPr

where

Rxnnn −=∆ Pr

Hence for gas phase species

nRTUH ∆+∆=∆

∆P=0
Constant P

0

P
P

V
T

P

q H
C

T T
H dH H

C Lim
T dT T∆ →

∆= =
∆ ∆

∆ ∂ = = =  ∆ ∂ 
Temperature variation
of enthalpy.
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Chemical reactions involve emission or adsorption of heat energy. 
We now discuss how these energy changes are calculated. 
Many chemical reactions are performed under conditions of constant 
pressure, so it is best to describe heat changes in terms of 
changes in enthalpy since qP = ∆H.

Enthalpy is a state function. As such ∆H going from some initial 
state to some final state is pathway independent so we can 
use any suitable pathway when calculating the enthalpy change associated 
with a chemical reaction.

Hence in going from a particular set of reactants to a particular 
set of products,  the change in enthalpy is the same whether the 
reaction takes place in one step or in a series of steps. 
This principle is known as Hess’s law.

To use Hess’s Law to compute enthalpy changes for reactions we note:
1. If a reaction is reversed, the sign of ∆H is also reversed.
2. The magnitude of ∆H is directly proportional to the quantities of 
reactants and products in a reaction. If the coefficients in a balanced
reaction are multiplied by an integer, the value of ∆H is multiplied by
the same integer.

Hess’s Law Kotz, section 5.7, pp.233-239

Formation of nitrogen 
dioxide.

Hess’s Law
The total enthalpy change for
a chemical reaction is independent
of the path by which the reaction
occurs, provided the starting
and finishing states are the same
for each reaction path.
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Enthalpy of formation of propane
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Standard enthalpy of formation/reaction

The standard molar enthalpy of formation is the enthalpy change for
the formation of 1 mol of a compound directly from its component
elements in their standard states.
It is not possible to define an absolute measure of enthalpy so a reference
State is needed. By convention the enthalpy of formation of an element in
its standard state is zero.
The standard state of an element or a compound is defined as the
most stable form of the substance in the physical state that exists
at a pressure of 1 bar and at a specified temperature (typically 298 K).

The standard enthalpy of formation ∆fH0 of 
reactants and products may be used to 
compute the standard enthalpy change 
for a chemical reaction ∆rH0.

( ) ( )∑∑ ∆−∆=∆ rxHprHH fjfjr
0
298

0
298

0
298 νν

Sum of all enthalpy changes
of formation of products.

Sum of all enthalpy
changes of formation
of reactants.Stoichiometric coefficient

( ) ( ){ } ( ) ( ){ }0 0 0 0 0
298 298 298 298 298r f f f f

A B P Q

H H P H Q H A H B

α β γ δ
γ δ α β

+ → +

∆ = ∆ + ∆ − ∆ + ∆

Chemistry3 section 14.3
Kotz section 5.5-5.8.
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Kotz, section 5.3, pp.219-221.
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Variation of enthalpy of a substance with temperature

The enthalpy of a substance increases with
temperature. Now enthalpy change is the 
heat transferred at constant pressure.
Let qP is the energy used to heat
a substance in an open container from
an initial temperature T1 to a final 
temperature T2. Hence the enthalpy change
is

( ) PqTTH =→∆ 21

Now qP is given by

( )12,, TTnCTnCq mPmPP −=∆=

Hence

( ) ( ) ( )
( )12,,

1221

TTCTC

THTHTTH

mPmP −=∆=
−=→∆

Note that H(T) variation is a curve rather than a straight
Line since CP,m also varies with temperature.

Variation of enthalpy of a reaction with temperature:
Kirchoff equation.

If the enthalpy chance for a reaction
∆rH(T1) is known at the temp. T1, then
the value ∆rH(T2) at another temp. T2
can be determined using the 
Kirchoff equation.

( ) TCTHTH mPrr ∆∆+∆=∆ ,1
0

2
0 )(

Note that ∆CP,m denotes the difference
between the molar heat capacity of the 
products and the molar heat capacity of
the reactants. 

( ) ( )∑∑ −=∆ rxCprCC mPjmPjmP ,,, νν

Derivation provided in Chemistry3

Box 14.5 p.683.
See worked example p.684.


