Learning objectives

Describe solids, liquids and gases
in terms of atoms and molecules.
Use the concept of temperature
and the relation of absolute
temperature to the average
kinetic energy of molecules.
Understand and use the concept
of internal energy.

Solve problems in calorimetry
using the specific heat capacities.
Describe phase change and
performing calculations using
the concept of specific latent

heat.
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3.1 Thermal concepts

This section 1s devoted to the connections and the differences between

Siate o

the basic concepts of temperature, internal energy and heat. This section
also deals with thermal equilibrium, phase changes and basic calorimetry

problems.

The particle model of matter

As we look closer and closer into matter we discover smaller and

smaller structures. We find that compounds are made out of molecules,
molecules are made out of atoms and atoms contain nuclei and electrons.
Nuclei, in turn, contain protons and neutrons. Today it is believed that
electrons do not have any substructure but the nucleons (i.e. protons and
neutrons) are known to be made out of quarks. It is not known if the
quarks themselves are made out of smaller particles. In thermal physics we
are mostly interested in molecules, atoms and electrons — we do not need
to consider any smaller structures.

In a solid there are forces between the particles that can be modelled
by springs joining neighbouring particles (Figure 3 'he springs then
represent the bonds between the particles. In liquids the forces between
the particles are weaker. The particles are able to move around the volume
of the liquid and the liquid will take the shape of the container in which
it 1s placed. However, the inter-particle forces between the particles in a
liquid are sufficiently strong that the particles cannot move far from each
other. In gases the inter-particle forces are very weak so as to be almost
negligible. The only time significant forces exist between the particles i
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during collisions.

Temperature

We have an intuitive concept of temperature as the ‘coldness’ or ‘hotness’

of a body, but it wasn’t until the 19th century that one of the greatest
discoveries in physics related the concept of temperature to the random
motion of molecules. This connection, which will be explored in greater
detail in Subt 3.2, 1s that temperature is proportional to the average
random kinetic energy of the molecules.

This direct proportionality between temperature and the average

random kinetic energy 1s only true for the absolute or kelvin temperature

scale. In this scale zero is the lowest possible temperature, the absolute
-—e

zero of temperature. There has to be an absolute zero in temperature
since there 1s a lowest possible value of the average kinetic energy of
molecules, namely zero kinetic energy. Since temperature is proportional
to_the average kinetic energy, the temperature must be zero when the
kinetic energy is zero.

states of matter
( Phase - Change of Phase

miser yorre currently on.
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The average Kinetic Energy Per Molecule of Gas is
Proportional to the temperature of a gas (or a liquid).

The higher the temperature, the higher the average kinetic
energy per molecule of a gas (or a liquid).

Kb is the boltzman constant, specifically it is a way to
statistically describe a gas.

Furthermore, while using this formula we only refer to
molecules since we're dealing absolute zero temperature.




Many other temperature scales exist. In 1742, Anders Celsius (1701—
1744) created the temperature scale that is still commonly used today

and is known by his name. On the Celsius scale a value of zero degrees

is assigned to the freezing point of water (Figure 3.2) and a value of 100
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degrees is assigned to the boiling point of water. The connection between

the Celsius and Kelvin scales is: Exam tip M Q = mcAT

T (in kelvin, K) = T (in degrees Celsius, °C) +273 The magnitude of a kelvin is the

- ) . a ) same as that of a degree Celsius. pacity Q=mL
I'he magnitude of a kelvin is the same as that of a degree Celsius.

T'he lowest possible temperature on the absolute scale is zero kelvin,
0K O s (o -ale " o " hle temper: " srefare —
K. On the Celsius scale the lowest F ossible temperature 1s, therefore, The need to agree on
—773°C ( . Ty s deoress kaly colvin ) - -
273°C. (Notice that we never say degrees kelvin, just kelvin.) internationally accepted
Temperature has varied a lot in the life of the Universe: at the time of units, among them those
> » 13.8 b rears 3 s teDe e of > cOTCE - -
the Big Bang, some 13.8 billion years ago, the temperature of the universe for temperature, is a good example

was about 10°“K.The Universe has been expanding ever since and so the e el e s T

temperature has been dl'UPPlI]g. In the empuness ot space, far from stars establish international systems of

10 - > r 27K
and galaxies, its value today 1s only 2.7K. TR T

Worked example This is practically the science behind electrical
3.1 The temperature of a body increases from 320K to 340 K. State the temperature increase in degrees Celsius. sensors. The baSiC idea is that We re’a te a phySicaI
(320 - 273) K- 47°C NT=¢1-4F-90°C property (like volume of the liquid or electrical
. Linal-initiad resistance) to the desired physical property that needs
(340-aB) K= (FC 0°C rncrease. to be measured.

Moeasuring temperature < Thermal Equilibrium: 2 Different objects come into contact,
Temperature can be measured with a thermometer, which is simply a device = ' they ha Ve d,fferen t tempera tures but after a Whlle, Slnce

that has one property that changes in a predictable way as temperature

changes. That property is volume in liquid-in-glass thermometers: the liquid energy IS transferred from the ho tter ob]ect to the Colder,

column changes its volume and hence its length since the cross-sectional

area stays the same when the temperature changes and so can be used to we ha Ve the Same temp era ture ’n bo th Ob]ects an d th us

measure temperature if we first calibrate the thermometer. But properties

other than volume can be used, for example, electrical resistance. "th ermal equilib rium n

When a thermometer is used to measure the temperature of a body it

has to come into contact with the body. A thermal interaction takes ‘ Exo th ermal Rea Ction: Hea t is pro duced from the System and

place and energy is transferred until the thermometer and the body are at

the same temperature. When this happens we say that we have thermal Ay is tra nSferred to the en Viromen t

equilibrium.The reading on the thermometer is then the temperature

of the body. (For thermometers such as infrared thermometers thermal En do th ermal Rea Ction z Hea t is pro Vided to th e Sys tem from

contact 1s not necessary — the thermometer absorbs radiation emitted by

the body whose temperature is to be measured.) The average temperature th e en Virom en t




1 century heat was shown to

just another form of energy.

Figure 3.4 The average separation of

the two particles is the separation at the
minimum of the curve, i.e. at approximately
1.1nm.

Heat

We have already mentioned that two bodies that are in thermal contact
and have different temperatures will have a thermal interaction. So when
a glass of cold water is placed in a warm room, heat flows from the room
into the colder water until the temperature of the water becomes equal to

that of its surroundings. We say that the colder body has been ‘heated’.

Heat is energy that is transferred from one body to another as a

result of a difference in temperature.

Now, all substances consist of particles and, whether in the solid, liquid

or gas phase, the particles are in constant motion. They therefore have
kinetic energy. In a gas, the particles move randomly throughout the

entire volume of the gas. In a solid the motion of the particles is on a very
wch smaller scale — the particles simply vibrate about their equilibrium
ppsitions. But this also requires kinetic energy.

In addition, there are forces between particles. For gases, these forces are
ry small — under reasonable conditions they are almost negligible (see
1deal gases in Subtopic 3.2). But forces between particles are substantial
for solids. Increasing the average separation of two particles of a solid
requires work to be done.This work goes into increasing the potential
energy associated with inter-particle forces. Figure 3.4 shows the potential
energy Ep of one pair of particles as a function of the distance r separating
the two particles.

So, to describe the total energy in a substance we need to consider both
the kinetic energy and the potential energy. We define the internal energy

of a substance as follows:

Internal energy is the total random kinetic energy of the

particles of a substance, plus the total inter-particle potential

energy of the particles.
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Q =mcAT

Q=mL

Particles have both kinetic and potential energy, and when
you have those 2 combined you call this energy "Internal
Energy". So it is kind of the "mechanical energy of the

particles".

Particles have kinetic energy because they are in constant
motion and they have potential energy due to the interparticle
forces that need to exist in order for the particles of the
materials to be bonded (to be connected or even better to

remain one object)



Energy transferred from a hot to a cold body by heating increases the
internal energy of the cold body (and decreases the internal energy of the
hot body by the same amount). Work done on the particles of a
substance increases the potential energy of the particles, and so increases
the internal energy.

sult of heat

I'he internal energy of a system can change as a re

added or taken out and as a result of work performed.

Internal energy, heat and work are thus three different concepts. What
they have in common is that they are all measured in joules. Temperature

is a measure of the random kinetic energy of a substance — not its internal

We define the specific heat capacity ¢ of a body to be the energy
required to increase the temperatuTe or a unit mass of the body by one
kelvin. So, to increase the temperature of a body of mass m by AT degrees

the heat Q required is:

Exam l-

The term ‘capacity’ implies
somehow that the body
contains a certain amount

of heat just as a water bottle

contains water. This 1s incorrect.

Heat is energy ‘in transit’

that moves from one body

mto .1l]l)KhCTZ 1t 1S not energy

contained in any one body.

&: m-C'ﬂT

Q=mcAT

Worked examples

3.2 A quantity of heat equal to 9800] 1s absorbed by a piece of iron of
~1

s [
| 90|

aluminium

i ||
jon | 450 |
The specific heat capacity of water is 4200 kg™ ' K™'. Calculate the final _
temperature of the water. w wr h S

-8 very h
m-AT Spec {0

C = heat Lapag/z jmarvle | ss0_|

mass 1.8kg and specific heat capacity 450 kg™
a Calculate the temperature increase of the iron.

b The heat of 9800] was removed from 3.2kg of water mitially at 48 °C.

ice
Table 3.1 Specific heat capacities

for several substances.

@ & J,8007
m={.8K
1
cz450 7. K * K

Ar- 8
m-c
J, 800 3 -
i va Bt i i

AT-
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Q= mcAT Energy/heat given/received in cha

First Law of Thermodynamics: Q = W + AU

The heat that is produced in an event (reaction) and that is
provided or extracted from a thermodynamic system is equal
to the sum of the work done (from the system) + the change
in the internal energy of the system

Ay=0because(AT= o)
@W)\en you have no change m temperaturt: Au-:%y;.ﬂ,ﬂl"-;_o

. o ¢
Q=W =y The whole heat’ transtorms into  "benedicial work

Qwhen Q=07=r W=-AU (no hear transfer or exzractron to the
(ehviroment)

(=>Ar:12.1K 3 When W=0T=r Q=AU (o work pmduceol)

-T2z T2t Tmiz K



3.3 A piece of iron of mass 200 g and temperature 300 °C is dropped into 1.00kg of water of temperature 20°C.

Predict the final equilibrium temperature of the water.

(Take ¢ for iron as 450 kg ' K" and for water as 4200 kg 'K ') T - - Nur
: : Sub-topic 3.1 - Thermal concepts Sub-topic 3.2 - Modelling a gas

Q =mCAT  Energy/heat given/receivedin cha E

Let T be the final unknown temperature. The iron will also be at this temperature, so:

p= 2

amount of thermal energy lost by the iron = minGiron(300 — T))

N
and n=

: - N

amount of thermal energy gained by the water = merare:( T — 20)

pV =nRT

Conservation of energy demands that thermal energy lost = thermal energy gained, so:

EﬁkLEET aaic i
2 2N, mol

C‘..: 450 ] Kz-i K‘i

o = oy
MironGiron (300 = T) = Myerbiarer(T— 20)

0.200 X450 %X (300 —T) =1.0 %X 4200 X (T— 20)

— T=259°C-= a’ma‘z‘na nbte> m: Oing»]mw-:j“}

(Note how the large specific heat capacity of wifer results in a small increase in the temperature of the water
0 '3 Y ~1 K-«‘_
Tir = 300°C = S¥31 Cw;l},100]X3 :
Tw. = 353X

compared with the huge drop in the temperature of the iron.)

We have to express the 2 heats, specifically we have an "iron - water" system. The iron gives heat to system
while the water receives the heat.

e Let Ty be the $imal of their e uilib rrym . Q= Qipc=y m\,.cw,(n-jﬂ): M C.',.(T4~5?3)<=7
{ - 8,200-(T4-293) = 0.1-450-(4-513) =Y T4=399 K  ~26°C



Change of phase

When heat is provided to a body or removed from it, the body may not

necessarily change its temperature. The body may change phase instead. Sub-topic 3.1 — Thermal concepts Sub-topic 3.2 — Modelling a gas

Changes of phase happen at constant temperature (Figure 3.5) and include: nee Q =mcAT

e melting — when a solid changes to a liquid (heat must be provided to ST
the \nlldjl i ty Q =mL
freezing — when a liquid changes into a solid (heat must be taken out
of the liquid)

vaporisation (or boiling) — when a liquid changes into vapour (by

giving heat to the liquid)
Figure 3.5 Hot lava turns into a solid upon
contact with water. The cold water takes heat
away from the hot lava.

condensation — when a vapour changes into a liquid (by taking heat

out of the vapour).

' | Extremely Important Note: When we have a change in phase,
temperature remains the same. Changes of phase happen at
Why does the heat absorbed or removed not result in a temperature

change? Consider the process of melting. At the melting temperature, E x E ] ai n ﬂr‘t '.0 n ‘ ConStan t tempera ture'

changing from solid to liquid means that the average distance between

the molecules increases. But increasing the separation of the molecules

-p -
requires work (because there are attractive forces between the molecules g P e z‘ , # , C

that need to be overcome). This is where heat supplied goes — it is used to
‘break the bonds’. What the supplied heat does not do is to increase the
kinetic energy of the molecules — hence the temperature stays the same.
We define the specific latent heat L to be the amount of energy
required to change the phase of a unit mass at constant temperature. So

the energy required to change the phase of a mass m is Q=mL. If the

change i melfing o fcring, e call  he spoctie Trest st ST 1j} y pr ovid eJ 10 ﬂ?e _S'ytem means t%a,t we ha,ve no C)W}e)
4 temlbefa,tlle.

"AlIT the heat provided to the system (or absorbed from it) in order to have a change of phase (the state of
matter of the object) is going to be used in order to "break the bonds" in order to overcome the interparticle
forces used to hold the molecules of the substance together. So all the heat is going to be used to counter-act
the potential enerav stored within the material.

fusion, Lg. If the change is vaporisation or condensing then we call it

specific latent heat of vaporisation, Ly.




Worked examples

3.4 Anice cubc of mass 25.0g and tcmpcr.uurc —10.0°C 1s dropped into a glass of water of mass 300.0g gh
>mpe )°C. Calculate the final tempe

, Sub-topic 3.1 — Thermal concepts Sub-topic 3.2 — Modelling a gas Hmee
! = MC! na ) ) ‘ o ov

Specific heat c.zpmt\' of ice= lk 'K™'; specific latent heat of fusion of ice =3 g

3, mw:0.3}i3,
Tw= 233K
let Ty, be the final temperature
Qw=my. Cy. AT (thermal energy lost by the water)
Qw =z 0.3. 4,100.('{%—233)4“ the i¢ .hea,t (}equlno‘ for the c}!a,nge of LIJ,SB

~ —+heat Tequ(red tor th system 10 radc b its {inal wﬁemparature

reqmreal 10 ra,\sg ﬂ\e températire of e {rom 263K 10 113K

i




\/3.5 A sample of 120 g of a solid initally at 20 °C is heated by a heater of constant power. The specific heat capacity
of the solid is 2500 J kg ' K~'. The temperature of the sample varies with time a i

tht as shown in Figure 3.6.
Use the graph to determine: P - w - > P - Q (Wm)
- - ——
2 the power of the heater - - t

\ the melting temperature of the sample t

A, the specific latent heat of fusion of the sample

}1 the specific heat capacity of the sample in the liquid phase. t - 1a OS
- .

T/°C 60

S ey Tt 10°C= 293K

! S"O [
) . Ti=49¢ = 32K
AT= 18K Latent Heat: The energy required per kg (J/Kg) for the

R= M- - \T - 0422 500 material under examination to change its phase.
T

V Sub-topic 3.1 - Thermal concepts Sub-topic 3.2 - Modelling a gas -

Q= mcAT

Q=mL

latent Heat of fusiom: Solrole=sLiquid (or vice versa
(L%)

Latent, Heat of vaporization: Liquid = ¢35 (or vite a)
® Tnat®C=34K © Q =mel=v Ptomley o) (phase diLgTam of 2 wavepizl)
nz - \ - /] = -t = =

thah Nf,/.c ~ ﬂm/feﬂt represents the
L¢. F04H0 ) 7k a5 . speutye /zcat)
S Toag O L= 25E 000 T/ - 353K] Ky - | | ‘capacey
. . Pt o, Tk : /
@ AT= 8K t-40s Q=m-C AT & Cl-m‘;; :725’1.9-1? £, £,




The method of mixtures

ectrical method described in Worked example 3.5 1s one method

The
for measuring specific heat capacity and latent heat. Another method, the
method of mixtures, measures the specific heat capacity of a solid as
follows. A solid is put in a container of hot water and allowed time to reach
a constant temperature. The temperature of the solid is thus that of the water
and 1s recorded. The solid 1s then transferred into a calorimeter of known

h contains a iquid such as

specific heat capacity and initial temperature, v

water (F1 3.7).The calorimeter is insulated. The final temperature of t

water is recorded after thermal equilibrium has been reached Exam tip

For example, consider a mass of 0.400 kg of a solid at 80°C that is put It is likely that the solid lost
in a 100 g copper calorimeter containing 800 g of water at 20°C. The heat to the surrounding air
; ~mper re of the water ne . 270 rom these v. . S
final temperature of the water is measured to be 22°C. From these values, while it was being transferred.
we may deduce the specific heat capacity of the solid as follows This means that the actmal
Using Q= meAT, the amount of thermal energy (in joules) lost by the temperature of the solid is
solid is: less than we supposed. The

0.400 X ¢ X (80 = 22)=23.2 actual specific heat capacity
is therefore larger than the

themmometer calculated value.

thermom
d

L lagging
copper ——

" calorirme

heating
Figure 3.7 The hot metal is placed in the cold water in the calorimeter. The hot
metal is removed from the container of boiling water and is quickly placed inside an
insulated calorimeter containing cold water.

Sub-topic 3.1 — Thermal concepts
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Q=mcAT

Q=mL
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Q=mcAT Energuhoat given/receivad in cha E
an object’s temperatury p=

Q=mL

Figure 3.7 The hot metal is placed in the cold water in the calorimeter. The hot ) n
metal is removed from the container of boiling water and is quickly placed inside an
insulated calorimeter containing cold water.
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 Method of Mixtures:
p 1: Create a starting equation with specific heat
acity as the unknown variable (from the first mixture)

p 2: Calculate the total heat (Q) produced, without
ing into account the object that we're trying to

asure its specific heat capacity (c)

p 3: Make the total heat measured equal to the

lation that we have "produced” for the metallic object




baper 11
Exercises

Equating the two we find that ¢ =293 kg K
T'he same method can be applied to measure the specific latent heat
of fusion of ice.To do this, place a quantity of ice at 0°C (the ice must
therefore come from a mixture with water at 0°C) nto a calorimeter
containing water at a few degrees above room temperature. Blot the ice
dry before putting it into the calorimeter. The mass of the ice can be
determined by weighing the calorimeter at the end of the experiment.
For example, suppose that 25.0g of ice at 0.00°C is placed in an
aluminium calorimeter of mass 250 g containing 300 g of water at 24.0°C.
The temperature of the water is measured at regular intervals of time until
the temperature reaches a minimum value of 17.0°C. The calorimeter
and water lost heat, which the ice received.

Heat lost by calorimeter and water:
0.250 X 900 % (24 = 17) 4+ 0.300 X 4200 % (24 -~ 17) = 10395

Heat received by i1ce:

0.025 % L+ 0.025x 4200 %X 17=0.025 %
Equating the two gives:

785+ 0.025% Lg= 10395 = L=344k]

Nature of science
Models change

As already mentioned, heat was once thought to be a fluid (caloric).
Conservation of energy was a natural consequence of this model of heat
a body lost a certain amount of fluid and another gained it. Energy was
conserved. So the concept of heat as a fluid seemed natural. But there are
phenomen: cannot be explained with this simple picture. For one
thing, if heat is a fluid it must have mass. So when heat leaves a body, the

2 e . . a e
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Q=mcAT

Q=mL




