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Learning Outcomes

Candidates should be able to:

(@) define and use the concepts of specific heat capacity and specific latent heat.

(b) show an understanding that internal energy is determined by the state of the system
and that it can be expressed as the sum of a random distribution of kinetic and
potential energies associated with the molecules of a system.

(© relate a rise in temperature of a body to an increase in its internal energy.

(d) recall and use the first law of thermodynamics expressed in terms of the increase in
internal energy, the heat supplied to the system and the work done on the system.



Introduction

Heat capacity and specific heat capacity allows for the calculation of temperature changes in
the interaction between two substances in thermal contact. Latent heat is used to calculate
the energy required to change the phase of a substance.

Thermodynamics is the study of relationships involving heat, mechanical work, and other
aspects of energy and energy transfer. The first law of thermodynamics is central to
understanding thermodynamic processes which involve heat and mechanical work. This law
extends the principle of conservation of energy in Newtonian mechanics, by introducing the
concept of internal energy.

1 Specific Heat Capacity and Specific Latent Heat

(a) Candidates should be able to define and use the concepts of specific heat capacity and
specific latent heat.

1.1 Heat capacity

Heat capacity C of a substance is the amount of thermal energy required to cause a unit
rise in temperature of the substance.

Sl units of heat capacity: J K™

Q

In symbols, we have C = —
AT

Hence, Q = CAT

where Q is the heat supplied (or removed),
C is the heat capacity,

AT is the change in temperature.

Note: Heat capacity is dependent on both the mass of the body and the material of the body.

Example 1
How much heat must be supplied to an object with a heat capacity of 150 J K in order to

increase its temperature from 350 K to 400 K?

Solution:
We assume that the object does not change phase in this temperature range.

Heat supplied = CAT = (150)(400 — 350) = 7500 J




1.2 Specific heat capacity

The specific heat capacity ¢ of a substance is defined as the thermal energy
per unit mass required to raise the temperature of the substance by one unit of temperature.

SI units of specific heat capacity: J kg™ K™

In symbols, we have ¢ = L
m AT

Hence, Q = mcAT

where

Q is the heat supplied (or removed),
m is the mass of substance,

c is the specific heat capacity,

AT is the change in temperature.

Note: The specific heat capacity is the heat capacity per unit mass of a substance and it is
characteristic of the material of the substance.

Example 2
The heat capacity of 2.0 kg of water is 8400 J K™X. What is the specific heat capacity of water?

Solution:
Specific heat capacity of water = C/m
= 8400/ 2.0 = 4200 J kg tK™

Example 3

An electrical heater supplies 1200 J of thermal energy to an aluminium cylinder of mass
32.4 g. What is the increase in temperature of the cylinder?

(Specific heat capacity of aluminium =910 J kg™ K™)

Solution:

We assume that all the heat supplied by the heater goes into increasing the temperature of
the aluminium cylinder.

Heat absorbed by cylinder = mcAT
1200 0.0324 x 910 x AT
. AT = 40.7K




Example 4
A block of copper of mass 0.50 kg at an initial temperature of 440 K is placed in 0.60 kg of

water at 300 K. When thermal equilibrium is attained, the temperature of the system is 310 K.

How much heat is lost by the copper block and how much heat is absorbed by the water?
Comment on your answers.
(Specific heat capacities: water = 4200 J kg™ K™, copper = 400 J kg™ K™)

Solution:

Heat change of copper
=mcAT

0.50 x 400 x (310 — 440)
—26000J

- 26 kJ

0.50 kg, 440 K

Cu

T~

Cu

Since the heat change is negative, heat lost by
— 310 K the copper block is 26 kJ.

Heat change of water
=0.60 x 4200 x (310 — 300)
=25200J =25kJ

0.60 kg, 300 K

Since the heat change is positive, heat gained
by the water is 25 kJ.

We see that the heat lost by the copper is greater than the heat gained by the water, which
means that some heat (about 1 kJ) was lost to the surroundings
(i.e. the air, the container) while the copper block and water were in the process of attaining
thermal equilibrium with each other.

1.3 Specific latent heat

e There are three phases of matter: solid, liquid and gas. Matter can change from one
phase to another. It takes energy for a substance to change from solid to liquid or from
liquid to gas.

e In using the concept of heat capacity, the substance changes temperature without
changing its phase (i.e. it does not go from solid to liquid or from gas to solid). In using the
concept of latent heat, the substance changes
phase without changing temperature. The heat - F
is termed “latent” because it is present but
“hidden” as the temperature stays constant.

<

phase change
(vapourisation)

e Pure substances have sharp melting points and
boiling points, as observed in Fig. 1.1.

Temperature

e At these temperatures, when more heat is
supplied to the system, the average kinetic
energy of the particles does not change
(temperature remains constant), and only the A
potential energy part of the internal energy of Energy Input
the substance increases (particles move further
apart from one another).

phase change
(melting)

Fig. 1.1 Phase change with temperature



At the melting point, heat supplied turns the substance from solid into liquid. At the boiling
point, heat supplied turns the substance from liquid into gas. If heat is extracted from the
substance, the reverse happens; there is solidification or liquefaction without a change in
temperature.

Specific latent heat | of a substance is the amount of thermal energy per unit mass
required to change the phase of the substance at constant temperature.

Sl units of specific latent heat: J kg™
In symbols, we have Q = ml

where Q is the heat supplied (or removed) to change the phase of the substance, m
is the mass of substance, | is the specific latent heat.

1.3.1 Specific latent heat of fusion

In the process of changing from a solid into a liquid, the rigid molecular structure of the
particles in fixed positions breaks down such that the particles can move around one
another.

This is known as melting, and the temperature at which this phase change occurs is the
melting point of the substance.

The reverse process of forming a solid from the liquid is called freezing or sometimes
fusion.

Specific latent heat of fusion I is the amount of thermal energy per unit mass
required to convert a solid, at its melting point, into liquid at the
same temperature, or vice-versa (from liquid to solid).

1.3.2 Specific latent heat of vaporisation

In the process of changing from a liquid into a gas, the molecules will move from being
next to one another to being very far apart.

This process of going from liquid to gas is known as vaporisation, and the temperature at
which this phase change occurs is the boiling point of the substance.

The reverse process of forming a liquid from the gas is called liquefaction.

Specific latent heat of vaparisation I, is the amount of thermal energy per unit mass
required to convert a liquid, at its boiling point, into gas at the same temperature, or
vice-versa (from gas to liquid).

During melting and boiling, the potential energies of the particles are increased because
the forces of attraction are being overcome; particles are breaking out of their fixed
positions (solid to liquid) or are dramatically increasing their separation (liquid to gas).

Additionally, for boiling, some energy is required to do work against the atmospheric
pressure because the gas occupies a much greater volume than the liquid. The gas must
expand and hence there is work done by the gas.



Example 5
The specific latent heat of fusion of water is 330 kJ kg™. The specific heat capacity of water is

4.2 kJ kg™ K™*. How much heat must a refrigerator remove from 0.20 kg of water in order to
turn it into ice completely, if the water was originally at (&) 0 °C; (b) 25°C ?

Solution:
(a) Heat removed from water at 0 °C = mls
= (0.20)(330) = 66 kJ

(b) Heat removed from water at 25 °C = mls + mcAT
=66.0 + (0.20)(4.2)(25) = 87 kJ

Example 6
The specific latent heat of vaporisation of steam is 2.26 x 106 Jkg™. The specific heat capacity

of water is 4.20 x 10® Jkg™*K™1. Calculate the energy required to convert 0.400 kg of water
into steam, if all the water was originally at (a) 373 K ; (b) 298 K .
(Take the boiling point of water to be 373 K at standard pressure.)

Solution:
(a) If the water is already at the temperature of the boiling point,
energy required = ml, = (0.400)(2.26 x 10%) =9.04 x 10° J
(b) For this case, energy is needed to increase the temperature of the water to its boiling point
before boiling can occur.
Total energy required = ml, + mcAT
=9.04 x 10° J + (0.400)(4.20 x 10%)(373 — 298)
=1.03 x 10°J




Example 7
50 g of ice at 0 °C is added to 200 g of water initially at 70 °C in a vacuum flask. When all the

ice has melted, the temperature of the flask and its contents is 40 °C. When a further 80 g of
ice at 0 °C has been added and has all melted, the temperature of the whole system becomes
10 °C.

Calculate the specific latent heat of fusion of ice neglecting any heat loss to the surroundings.
(Specific heat capacity of water is 4200 J kg™t K™.)

Solution:

For this question, we must not neglect the heat capacity of the container. The temperature of
the container and contents happen to drop by 30 °C each time ice is added, so the heat
absorbed by the container (Q = CAT) is the same each time. We shall let this heat absorbed
be H.
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For both processes, since we assume no heat loss to the surroundings, we use the equation
Heat gained by ice = Heat lost by water and container

milf + miCWATi = mwchTW + H

(0.050) It + (0.050)(4200)(40 — 0) = (0.200)(4200)(70 —40) + H =~ ---------- Q)
(0.080) It + (0.080)(4200)(10 — 0) = (0.250)(4200)(40 —10) + H =~ ---------- (2)
Equation (2) — (1): li=378 kJ kg™




2

Internal Energy

(b) Candidates should be able to show an understanding that internal energy is determined

by the state of the system and that it can be expressed as the sum of a random distribution
of kinetic and potential energies associated with the molecules of a system.

(c) Candidates should be able to relate a rise in temperature of a body to an increase in its

internal energy.

2.1 Internal energy

The internal energy U of a system is the sum of a random distribution of kinetic and
potential energies associated with the molecules of a system. It is determined by the
state of the system.

U= Z K'E'microscopic + Z P'E'miCTOSCOPiC

2.1.1 Microscopic kinetic energy

The microscopic KE arises from the continuous random motion of the particles.
For monatomic gases, the microscopic KE refers to translational motion of atoms.

For diatomic and polyatomic gases, the kinetic energies include other forms such as
rotational and vibrational kinetic energies of the molecules.

The temperature T of a gas is a measure of the mean kinetic energy of particles
in the gas.

2.1.2 Microscopic potential energy

The microscopic PE arises from the intermolecular forces and it depends on the type of
bond between the particles and the intermolecular separation. The potential energy of the
molecules is due to the work done to move them further apart against this
intermolecular attraction.

Hence, potential energy is the highest when the particles are separated far apart, and the
potential energy drops as the particles are nearer. This is similar to gravitational potential
energy: the potential energy is high when the object is high above the ground and low
when the object is subjected to the gravitational attractive force and moves nearer to the
ground.

Potential energy is taken to be zero (highest) when the particles are separated far apart
(intermolecular forces are so small they are negligible like in an ideal gas).

This means that the potential energy is negative (smaller than zero) when the particles are
nearer to one another.



2.2 Melting and boiling

e The microscopic KE and microscopic PE of particles can be used to explain why melting
and boiling take place without a change in temperature.

Melting

The heat that flows into the melting solid increases only the potential energy component
of the internal energy, and not the kinetic energy of the particles. Thus the temperature
does not change and the heat required for melting is known as the latent heat of fusion.

Boiling

The heat that flows into the boiling liquid increases only the potential energy component
of the internal energy, and not the kinetic energy of the particles. Thus the temperature
does not change and the heat required for boiling is known as the latent heat of
vaporisation.

2.3 Internal energy of an ideal gas

e For an ideal gas, the microscopic potential energy is taken to be zero because the
forces of attraction between the particles are assumed to be zero. The total kinetic energy
of the molecules in an ideal gas as they move around the container is thus the
internal energy U of the gas.

e For a monoatomic ideal gas of N atoms,

internal energy U = total microscopic KE = N(KE) =N (g ij =§NkT

3 3
Therefore, U =§NkT =§nRT for a monatomic ideal gas.

e Using the equation of state for an ideal gas, the internal energy can also be expressed as

3
U=—pV.
2p



3 First Law Of Thermodynamics

3.1 First law of thermodynamics

(d) Candidates should be able to recall and use the first law of thermodynamics expressed in
terms of the increase in internal energy, the heat supplied to the system and the work done
on the system.

e The first law of thermodynamics is a version of the law of conservation of energy.

o If energy flows from outside the system into the system, then the system must have
increased its energy by that same amount. Quite simply, if the internal energy of the
system changes, it is due to the combination of the net heat supplied to the system
(from outside) and the net work done ON the system (from outside).

e The first law of thermodynamics states that the increase in internal energy of a system is
the sum of the heat supplied to the system and the work done on the system.

increase ininternal = heat supplied + work done
energy of system to system ON the system
AU = Q +W

The first law applies to all systems, whether solid, liquid or gas. In essence, it says that the
energy that is put inside the system must come from outside.

positive negative
AU increase in internal energy decrease in internal energy
Q heat supplied to system heat lost by system
W work done on system work done by system

3.2 Work done ON a system

e The work done on a system is defined to be the work done by the external forces
exerted on the system.

e The work done BY the system is the negative of the work done ON the system. If 1 J of
work is done ON the system, we say that -1 J of work is done BY the system since the
system did not actually do the work (work was done on the system instead).

Work done is related to the change in volume of the system. The Sl unit for work done
is the joule (J).

Work done ON the system is positive when the volume of the system decreases
(compression). When the volume of the system increases (expansion), the work done BY
the system is positive.

Work done ON a system, W =—-pAV
where p is the pressure of the system, and AV is the change in volume of the system (final
volume minus initial volume). AV is positive for an expansion, in which case W is negative.

10




W is more commonly calculated for gases, which expand and contract to a much higher
degree.

Let us consider a simple system to identify the key ideas behind the formula. This
derivation follows directly from the definition of work done by a force.

I

F

I =

Initial volume = Vi Final volume = Vs

Fig. 3.1 Work done on system

Fig. 3.1 shows a closed container filled with a fixed amount of gas. The piston is assumed
to form a perfect seal. The volume of the gas changes from V; to V; when the piston is
lowered. The gas is being compressed.

The volume of the gas is reduced but the pressure is kept constant. This can be
achieved by making the distance travelled by the piston, A's, very small. This way the
increase in pressure is small and can be assumed to be negligible.

Graphically, we can represent the process by plotting
pressure (p) against volume (V). These are known as p 4 compression

p-V graphs’ (See Fig. 3.2). b1+ -

The force F moves through a distance s, and in this
example F is constant (Fig. 3.1). Let the cross-sectional
area of the container be A. The pressure of the gas is

: F o
given by p = A so the work done by the force is given

Vi Vi "V
by: . .
Fig. 3.2 p-V graph of compression at
work done=Fs constant pressure
=(pA)s
= p(As)
=p|AV |= —-pAV

We used the modulus symbol to take the absolute value of AV. Since AV = Vi — Vi is
negative for compression, the work done on the systemis W=p (- AV )=-p AV as
earlier stated without proof. Importantly, note that the work done is positive in this case
even though there is a negative sign in the formula.

11



¢ The same formula applies for a gas expanding at constant pressure (See Fig. 3.3).

The work done by the force on the piston is negative
expansion because the piston moves up even though the force
P+ ——— exerted is downwards. AV = Vi — V; is positive for an

expansion, and we have that work done ON the system, W
= —p AV is negative.

This table summarises the signs involved:

»
»

V, Vi v

Fig. 3.3 p-V graph of expansion
at constant pressure

compression | expansion

work done ON system +

work done BY system _ +

3.3 Work done from p-V graphs
e The formula above only applies when the pressure is kept constant.

e In general, work done on the system is found by taking the area under the
pressure-volume graph (See Fig. 3.4).

e The simplest way to figure out whether work done on the system is positive or negative is
to see if the volume decreases or increases respectively.

DA Legend
f ‘i represents the initial state of the system.

‘f represents the final state of the system.
The arrow shows the direction of change.

Work done ON system
= Area between the p-V graph and the volume
axis

>V

Work done ON the system is “+ve’ for compression

Fig. 3.4 Area under p-V graph and —ve’ for expansion.
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3.4 p-V graph and isotherms

From the ideal gas equation, if T is constant,
then pV is constant.

This means that for a gas at constant

1
temperature, p o v

Examples of constant temperature curves
(isothermal lines, or isotherms) are shown

in Fig. 3.5. The curves that are at
higher temperature are “higher up”, further from v

the axes. ) _
Fig. 3.5 Isothermal lines on p-V graph

Points along the same isotherm show different states of the gas all having the same
temperature. Points on different isotherms show states at different temperatures.
Isotherms do not intersect.

3.4.1 Other processes on the p-V graph

Fig. 3.6(a) shows a gas at an initial state A undergoing a drop in pressure to state B. The
volume remains constant throughout the process and the line AB is called an isochoric
(constant volume) line. With the isotherms added as shown in Fig. 3.6(b), it is obvious that
the temperature decreases during this isochoric process.

The process from state B to C is an expansion at constant pressure. The line BC is an
isobaric (constant pressure) line and the temperature increases during this process.

PA PA PA
S
A A
B C B
.
(a) without isotherms (b) with isotherms '\, (c) adiabatic T,

Fig. 3.6 Other processes on a p-V graph

The final process from state C to A is a contraction with an increase in pressure and a
drop in temperature. The process A — B — C — A is called a cyclic process as it returns
the gas to its original state A.

It is advisable not to assume all curved lines on a p-V graph are isotherms unless it is
explicitly stated. For e.g., an adiabatic process is a process where no heat is lost or
gained by the gas (eg: gas kept in a thermally insulated container). The line ST shown in
Fig. 3.6(c) shows an adiabatic curve which is steeper than an isotherm.
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3.4.2 Summary of processes represented by p-V graph

T,>T,

L v
Vi VW,
process meaning result
Isothermal The temperature of the system remains constant. The AU =0
B—C & A—D: | change in state occurs along an isotherm. Constant
isothermal temperature implies constant mean kinetic energy and
expansion. hence constant total kinetic energy of the molecules for
C—B & D—A: | a fixed amount of gas. For an ideal gas, it means
isothermal constant internal energy.
contraction. Both the pressure p and volume V change, but the
product pV is constant, that is, p2Vi = p1Vo.
Isobaric The pressure of the system remains constant. Constant W = —pAV
A—C: isobaric | pressure means the system’s environment is not
expansion. changing e.g. the system experiences atmospheric
C—A: isobaric | pressure.
contraction. The final state is on a different isotherm, meaning the
temperature changes. The volume also changes.
Isochoric / The volume of the system remains constant. Constant W=0
Isovolumetric | volume usually means the system is confined in a rigid
A—B: isochoric | container, implying zero work done.
heating. The final state is on a different isotherm, meaning the
B—A: isochoric | temperature changes. The pressure also changes.
cooling.
Adiabatic There is no heat exchange between the system and its Q=0
B—D: adiabatic | surroundings, that is, no heat is supplied to or removed
expansion. from the system.
D—B: adiabatic | During an adiabatic expansion (B—D), the system does
contraction. work by pushing back its surroundings. Since no heat
is supplied to the system for it to do the work, it uses its
internal energy, thus temperature decreases. The final
state D is at a lower isotherm than the initial state B.
The pressure also decreases. The paths for adiabatic
changes are steeper than isotherms.
Cyclic The process returns the system to the original state AU =0
A—-B—C—D— | (same pressure, same volume and same temperature). W #0
A There will be no change in internal energy. Work = Area

Work done on the system = Area enclosed by the p-V
graph

enclosed by the p-V

graph
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Example 8
For the cyclic process below, show the areas that represent the work done on the gas during

parts AB and CD on a p-V graph.

p
A
S . B
1& A\ 4
Ps 55 < c
= V

Va Ve

Solution:

A cyclic process is a process that starts and ends at the same point in the graph
(A—> B —> C— D — A). Atthe end of the process, the system is at the same state (p, V, T) it
started with.

P A Pa P A
PA /
* Waeco v
Whae ps c D /!
iy ps C D D
Wep
>V >\ >V
Va Vs Va Vs Va Vs

(a) (b) (©)

There is no work done during the stages B — C and D — A because the volume is constant
during those stages.

(a) For the process A — B, work done ON the gas = — | Wagl

(b) For the process C — D, work done ON the gas = + | W¢p |

(c) Net work done ON the gas, Wagcp = = | Was | + | Wep |

Note that the magnitude of the net work done on/by the gas in any closed cycle is equal
to the area enclosed by the cycle in a p-V diagram. You still need to decide the overall
sign.

(If the question asked for the work done BY the gas, the answers would all be of
opposite sign.)
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Example 9

An ideal gas of volume 1.5x10° m® and at a pressure of 1.0x10° Pa is supplied with 70 J of
thermal energy. Its volume increases to 1.7 x10°° m® with the pressure remaining constant.
What is the increase in the internal energy of gas?

Solution:
Since the volume is increased, the work done ON the gas is negative. We must check that
that is the case in our answer.

Work done on the gas, W =—-p AV
=—(1.0x10°)(1.7x102-1.5x1073)

=-201J
By the first law of thermodynamics, the increase in internal energy is given by
AU = Q +W
= +70 + (- 20)
= +50J
Example 10

A gas can have its state changed from A to B by two different paths, as shown below.

pressure / Pa
A

B (i)
500 000

A

(ii)
150 000 A A

0 0.0001 0.0003

»  volume/md

(a) If path (i) requires the input of 60 J of heat, determine
(i) the work done on the gas in changing its state along path (i);
(i) the increase in internal energy between states A and B.

(b) What can be deduced about the work done on the gas, the heat supplied to the gas and
the increase in the internal energy of the gas if path (ii) is used?

Solution:
(@) (i) For path (i), there is positive work done on the gas at a pressure of 500 000 Pa.
W =—-pAV
= — (500 000) (0.0001 — 0.0003)
=+100J

(i) We are given that for path (i), Q = +60 J
LAU=Q+W
= +60 +100 = +160 J
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(b) The initial and final states are the same for both path (i) and (ii). Since internal energy

depends only on the state and not the process or method of getting from one state to
another, state A has a certain initial internal energy and state B has a certain final internal
energy. The initial internal energy for paths (i) and (ii) are the same, and likewise for the
final internal energy. Hence from (a), AUag = +160 J if path (ii) is used.

Area under path (ii) is smaller than the area under path (i) on the p-V graph.
Therefore, work done on the gas is smaller in path (ii), so from (a), W < 100 J.

We deduce the heat supplied from what we know about the other 2 terms in the first law.
Using AU = Q + W, we see that if AU is the same but W is smaller, then the heat
supplied to the gas, Q, must be larger for path (ii) than for path (i), i.e. Q > 60 J.
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