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Abstract
The Second Law of Thermodynamics is considered one of the most fundamental of all scientific
laws. However, it has a reputation for being obscure and difficult to understand, and receives
relatively little attention at the school level. This paper describes how an approach intended to make
Second Law ideas intelligible and helpful to young pupils can be extended to more advanced work
on chemical thermodynamics. The central notion is that changes are caused by differences (for
example, differences in temperature or concentration) and an abstract picture language has been
developed to support the teaching of these ideas. These pictures are accessible to pupils starting at
age 11, and can support qualitative explanations about the nature of changes; this paper however
will focus on how the pictures can be used to develop more advanced quantitative explanations.
About the approach
An approach to talking about energy and processes of change which takes account of 'Second Law'
ideas has been developed by the project 'Energy and change' (Boohan and Ogborn, 1996; Boohan,
1996), with materials being produced for school pupils aged 11 years and upwards. In developing a
way of talking about change, important considerations are that it must be intelligible to pupils,
useful to teachers and scientifically consistent.
The fundamental idea in this approach is that change is understandable as being caused by
differences (Ogborn, 1990). Perfume spreads in a room because of a concentration difference. Hot
coffee cools because of a temperature difference. The differences which drive change tend to
disappear – the perfume becomes evenly spread out, and the coffee becomes the same temperature
as the room. Of course, if differences only disappeared, the Universe would be a dull place, with
matter and energy spread uniformly. But as differences disappear, they can create other differences.
Thus, water can be made hot by a hotter flame. Here, one difference is being used to create another
difference.
These explanations start from commonsense ways on thinking about the world, but they are also
scientifically consistent. A decreasing difference (or an increase in 'sameness') corresponds to an
increase in entropy. Differences tend to decrease because the total entropy always increases in any
irreversible change. Entropy is a measure of the number of microstates consistent with a given
macroscopic state. So, perfume diffuses in a room because there are more microstates consistent
with the state in which the perfume is spread throughout the room than when it is concentrated in
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one region. For a similar reason, entropy increases when a hot cup of coffee cools. Thus, talking in
terms of differences makes these ideas accessible from pupils of age 11 years onwards, but the
approach is consistent with later quantitative approaches.
Examples of introductory work with pupils
Though we will focus in this paper on quantitative approaches to chemical thermodynamics, it is
helpful to see some brief examples of how we might start to introduce these ideas to younger
pupils. A wide range of materials have been developed for such pupils. Pupils are encouraged to
abstract about situations, seeing different events as basically the same kind of process, by using the
pictorial representations to match to different kinds of change. For example, Figure 1 shows three
possible representations of what might be imagined to happen when something dissolves – the
particles disappear, they mix or they change into something else. The conventions used in these
pictures are that 'before' and 'after' states of the change are represented with time 'running
downwards' and that different substances are represented by particles of a different shading.
Typically a pupil activity consists of a set of changes and a set of relevant abstract pictures, and
pupils are asked to make appropriate matches. What is important is not so much the matching itself,
but the discussion which is stimulated during the process of matching and when pupils are
challenged by the teacher and by other pupils about their choices.

Figure 1 Which picture best shows dissolving? (An example of an activity for young pupils)
Dissolving is a process in which matter spreads out. Young pupils are also introduced to changes in
which energy spreads out. Figure 2 represents changes in which there is an energy flow due to a
temperature difference. Pupils might first be introduced to Figure 2a as representing a hot cup of
coffee cooling – a higher temperature or 'concentration of energy' being represented by darker
shading and the energy flow by an arrow. The picture shows that the temperature difference
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disappears. Again, they may be asked to match such pictures to different kinds of change, for
example, cold lemonade becoming warmer when left in a warm room. In making such matches,
pupils need to consider temperature differences and the direction and nature of the flow, for
example, 'is what is flowing 'hot' or 'cold'?'.

Figure 2 Which picture best shows cold lemonade becoming warmer? (An example of an
activity for young pupils)
Extending the ideas
In the above example, the focus has been on what happens to matter and energy in a change. Older
pupils are introduced to the idea of spontaneous and non-spontaneous changes – or in a lesson
formal language, those changes which 'just happen by themselves' and those which 'do not just
happen by themselves' but which need to be driven by a change which does. Though there is a wide
range of different pictures which are able to represent specific kinds of change, there are a relatively
few fundamental kinds of spontaneous change, and these are represented in Figure 3.

Figure 3 Fundamental kinds of spontaneous change
As before, in each of these boxes, the top picture represents 'before' and the bottom picture
represents 'after', so time goes from top to bottom. All of the changes represented are spontaneous –
they 'just happen by themselves' – and this is represented by the large arrow at the bottom of each of
the boxes. Another way of talking about a spontaneous change is as a 'downhill' change. For each of
these kinds of change, the reverse change is non-spontaneous. Spontaneous changes can drive
3

changes which are non-spontaneous, and examples of these are shown in Figure 4. Here, in
Figure 4a, energy spreading out due to a temperature difference is being used to drive a change in
which something is made to start moving – this could for example represent a steam engine. The
non-spontaneous change is represented by a large arrow at the top of the box – we can think of this
as an 'uphill' change. In Figure 4b, energy spreading out from an exothermic chemical change is
driving a change in which particles become more ordered – this could for example represent the
reaction between hydrogen and oxygen, in which energy is released into the surroundings, and
gaseous reactants form a liquid product. An exothermic reaction is represented as the 'release of a
chemical spring'. We shall look at this representation in more detail later.

Figure 4 Coupled changes
Note that a distinction is made in these pictures between changes in which one system is coupled to
and drives another, as in Figure 4a, and changes which take place within a single system, as in
Figure 4b, in which the two changes are drawn touching each other. Having looked briefly at the
kinds of representation which may be used to represent different changes, let us now turn to look at
how these can be used with students to support a quantitative approach.
Warming and cooling
We shall begin with an example which is not a chemical reaction, but which will form the basis for
the later discussions of entropy and chemical change. In this example we shall look at the entropy
changes during warming and cooling – in other words, at energy flows which are driven by
temperature differences. When energy flows from a hot object, for example a cup of hot coffee, to
the cooler surroundings, there is an entropy change in both the system (the hot coffee) and the
surroundings. Whether the change 'just happens by itself' (in other words, is spontaneous) or not
depends on whether the total entropy increases.
∆Stotal = ∆Ssystem + ∆Ssurroundings
If the total entropy change is positive, then the change will be spontaneous – it will 'just happen by
itself'. If the total entropy change is negative, then the change will not be spontaneous. How can we
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work out each of the entropy changes for system and surroundings? Simply by dividing the amount
of energy which flows by the absolute temperature.
∆Stotal =

q
---T

Here, q is the energy which is added. So if energy is added to a system, ∆S is positive and the
entropy increases, while if energy is taken away, then ∆S is negative and the entropy decreases. If
students have studied the idea of entropy being a measure of disorder which is related to the number
of ways in which particles and energy quanta may be arranged, then it is not difficult to see that the
form of this equation makes sense. ∆S is proportional to q – this makes sense, since the larger the
amount of energy added to a system, the greater the increase in the number of ways that energy can
be shared. And ∆S is inversely proportional to T – this makes sense too, since if the system is
already hot, adding some more energy will have less effect than if the system is cold.
The graph in Figure 5 shows the how the total entropy change varies with the temperature of the
surroundings for an object which is 'cooling'. On the left the picture shows that the object is at a
higher temperature than the surroundings, while on the right it is at a lower temperature. In the
middle it is at the same temperature as the surroundings. Of course, as energy passes from the
system to the surroundings, the temperature of the system will change, so to keep things simple, we
can consider a very small energy flow, which does not affect the temperature. The total entropy
change is then given by:
δStotal = δSsystem + δSsurroundings

-δq
δq
= --------------- + --------------Tsystem
Tsurroundings

We can see from the graph that the entropy change of the system is always negative, since energy
flows from the system to the surroundings, while the entropy change of the surroundings is always
positive. What determines whether energy flows from the system to the surroundings is whether the
sum of these is positive – in other words, whether the entropy increase of the surroundings is large
enough to drive the entropy decrease of the system. We can see from the graph that the entropy
change of the system remains constant while the entropy change of the surroundings decreases with
increasing temperature. The point at which these two balance is when the temperatures are equal.
We can see then, that if the temperature of the surroundings is higher than this, the total entropy
change is negative and the change does not 'just happen by itself'. Temperature differences do not
spontaneously appear or get bigger. But a temperature difference does tend to disappear. This is a
change which just happens by itself since the entropy increases. And the larger the temperature
difference the greater is the increase in entropy.
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Figure 5 Entropy changes during cooling
If the arrows in the pictures in Figure 5 were reversed, showing energy flowing from the
surroundings to the system, then the graph would be turned 'upside down' and a similar argument
would apply to the case of 'warming'.
The direction of chemical change
Now let us turn to look at how considering entropy helps us to understand the direction of a
chemical change. Earlier, when introducing the abstract pictures, we looked at the combustion of
hydrogen and oxygen as an example of a chemical reaction.
Combustion is an example of a change which is driven mainly by the spreading of energy.
However, it is wrong to think of energy as being stored in the fuel itself; rather we should think of
the energy being stored in the fuel-oxygen system. Thus, when water is electrolysed, hydrogen and
oxygen are 'pulled apart', and energy is stored – it is concentrated in the 'hydrogen-oxygen spring'.
Figure 6b represents the 'pulling apart' of a 'chemical spring'. When hydrogen and oxygen are burnt
together, the energy escapes and spreads out into the surroundings. Figure 6a represents the 'release'
of a 'chemical spring'.
The distinction between thermodynamic and kinetic spontaneity is one which is important to make
even with young pupils. We encourage them to think of burning as a change which 'just happens by
itself . . . once it has started.' Just like a stretched spring, a mixture of hydrogen and oxygen could
stay the same forever. To get it going, it needs to be released or 'given a push', but once started, the
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change 'just happens by itself'. The sound of the explosion when hydrogen and oxygen react is very
evocative of a large spring 'snapping shut'.

Figure 6 Exothermic and endothermic change
A widely held misconception is that energy is stored in bonds and released when the bonds are
broken. These pictures emphasise that in 'joining' energy spreads out while in 'splitting' energy is
stored. And it is the spreading out of energy as particles join together that keeps them together.
Thus, a ball which falls off a cliff does not bounce back up to where it was because energy spreads
out and is spread amongst many particles. In the same way, when hydrogen and oxygen react to
form water, this is rather like falling over a 'chemical cliff' with energy spreading out in the same
way. The particles do not 'bounce back', and the water molecule does not fall apart unless energy
can be concentrated in the water molecule again.
This idea, that energy is stored when particles are pulled apart, is fundamental to understanding
chemical change. To make the point more forcibly, the story about hydrogen and oxygen above has
been simplified. In fact, when hydrogen and oxygen burn together bonds are broken in addition to
being formed – hydrogen and oxygen molecules break apart before the atoms re-combine to form
water molecules. In nearly all chemical reactions, bonds are both made and broken as particles
become re-arranged. Thus, it is the relative strengths of the bonds which are broken and formed
which determines whether the reaction overall is like a chemical spring being stretched or released.
One difficulty that students have is in understanding that an endothermic reaction which takes in
energy results in a drop of temperature. It seems to make sense that if energy is taken in it should
get hotter! (But is also makes intuitive sense that in an exothermic reaction in which energy is
released the system gets hotter – this looks like a contradiction!) Figure 7 shows pictures which
represent how an energy flow within an isolated system changes its temperature – Figure 7a
represents an exothermic change in which the system gets hotter and Figure 7b represents an
endothermic change in which the system gets colder.
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Figure 7 Exothermic and endothermic change in isolated systems
Chemical reactions, however, involve changes in both energy and matter. So in thinking about
whether a reaction is thermodynamically spontaneous, we also need to consider the changes to
matter in a chemical reaction. There are a number of different ways in which matter may become
more or less ordered in a change. Concentration differences tend to disappear – if particles are able
to move about randomly, then they tend to spread out. When there is more than one type of particle
involved, matter can also become more disordered due to mixing. In addition, if particles are
attracted to each other and have a tendency to stick together, there is another kind of difference
which can drive change – differences in structure or complexity. A regular arrangement or particles,
neatly organised into rows and columns, is more structured than a clump of particles stuck together
in a disorderly way. An elaborate pattern of different kinds of particles is more complex than a
random mixture. Where do we see these kinds of changes in the real Universe? Molecules are more
ordered in a cube of ice than in water. When the ice melts, structure disappears. If water is heated
to a very high temperature, the molecules fall apart forming individual hydrogen and oxygen atoms.
Again, structure disappears. When petrol is burnt in a car engine, or glucose is 'burnt' in our bodies,
large molecules are broken down to form smaller molecules. Complexity disappears, as particles
split apart into smaller pieces.
It is sometimes helpful to use different abstract pictures to make distinctions between these
different kinds of change. However, for the sake of simplicity in the present discussion, it is useful
to use just one kind of picture to represent any change in which matter becomes more or less
ordered. In Figure 8, four different kinds of chemical changes are represented – for each type of
change, there is a picture showing whether energy is being released or taken in, and whether matter
is becoming more or less ordered. For example, Figure 8a represents a change in which both energy
and matter are becoming more disordered or 'spread out' – a typical example of such a change is the
combustion of octane. The reaction is exothermic, and matter becomes more disordered (all
gaseous products). Thus, since both energy and matter changes are 'downhill', we know that the
reaction will be spontaneous (in the thermodynamic sense) – it 'just happens by itself'.
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(a) Spontaneous

(b) Spontaneous / Non-spontaneous?

Example: combustion of octane
C8H18 (l) + 12.5 O2 (g) -> 8CO2 (g) + 9H20 (g)
+18 400

Examples:
oxidation of silver
oxidation of gold

+470

(c) Spontaneous / Non-spontaneous?

Examples:
dissolving of ammonium nitrate
decomposition of calcium carbonate

(d) Non-spontaneous

Example: photosynthesis
6CO2 (g) + 6H20 (l) -> C6H12O6 (s) + 6O2 (g)
-9 400

Units of ∆S: J mol-1 K-1

Figure 8 Kinds of chemical change
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-260

As in the earlier example of cooling and warming, the total entropy change is again given by:

The entropy change of the system is due to the increase or decrease in the disorder of the particles,
and is shown underneath the picture representing the change to matter. It can be calculated from the
difference between the standard entropies for the reactants and products which may readily be
found in tables of data:

The entropy change of the surroundings is due to the flow of energy into or out of the system, and is
shown underneath the picture representing the change to energy. This is calculated from:

The minus sign arises since ∆H is the energy which flows out of the system, and to calculate the
entropy change of the surroundings we need to use the flow of energy into the surroundings (which
is equal and opposite in sign). In the calculations for Figure 8, the entropy changes are given for
standard conditions, so the absolute temperature is 298 K.
From the values given in Figure 8a, we can see that though both entropies changes are positive it is
the entropy change due to the spreading of energy into the surroundings which is much larger, and
which is largely responsible for 'driving' this change.
Thus, for the combustion of octane, both energy and matter changes are 'downhill' and the change is
spontaneous. For some reactions, however, both changes are 'uphill' so we know that the change
will not be spontaneous. An example of this is photosynthesis, which needs to be 'driven' by another
change, and this is shown in Figure 8d.
In those cases where one is downhill and the other 'uphill' we cannot predict unless we know the
relative values of the entropy change for each. If we do know whether the reaction is spontaneous
or not, we are able to say what it is that is driving the change.
For example, the oxidation of gold and the oxidation of silver are both exothermic reactions in
which matter becomes more ordered (oxygen is gaseous, while the product is a solid). So, the
energy change is 'downhill', while the change in matter is 'uphill' (see Figure 8b). We know from
experience, however, that silver does slowly oxidise at room temperature, so we can conclude that
the reaction must be driven by the 'downhill' energy change. From experience, gold does not appear
to oxidise at room temperature, but we need to be careful about assuming that it is therefore not
thermodynamically spontaneous, since it may be that the reaction is simply too slow for us to
notice.
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Another kind of chemical change is an endothermic reaction in which matter becomes more
disordered (see Figure 8c). Examples are the dissolving of ammonium nitrate and the
decomposition of calcium carbonate. Here, the energy change is 'downhill', while the change in
matter is 'uphill'. Since ammonium nitrate does dissolve in water making it cooler, we can conclude
that the reaction must be driven by the 'downhill' matter change. Calcium carbonate does not
decompose at room temperature, but again we cannot conclude from this that the reaction is not
thermodynamically spontaneous.
Figure 9 shows the values of the entropy changes for the examples just considered. We can see that
for the oxidation of silver (Figure 9a), the positive entropy change for the spreading of energy into
the surroundings is greater than the negative energy change for the ordering of matter (and this is
shown by the 'downward arrow' being larger than the 'upward arrow'). Thus the change is
spontaneous, and is driven by the spreading of energy into the surroundings, as we concluded
earlier. For the oxidation of gold, which is also an exothermic reaction, the spreading of energy into
the surroundings is not big enough to drive the ordering of matter and the reaction is not
spontaneous.
Endothermic reactions cannot happen spontaneously unless they are accompanied by a disordering
or spreading out of matter which drives the change. We can see that in the case of the dissolving of
ammonium nitrate (Figure 9b), the 'downhill' matter change is bigger than the 'uphill' energy change
so the change is spontaneous – the spreading out of matter as the solid dissolves drives the
concentration of energy as it flows from the surroundings into the system. On the other hand,
calcium carbonate does not decompose spontaneously since the 'downhill' matter change is too
small to drive the 'uphill' energy change.
The effect of temperature on the direction of change
Earlier, we began this quantitative approach by looking at the idea of temperature differences
driving energy flows. Whether an object cools or not depends on the temperature of the
surroundings. If the temperature of the surroundings is higher than the system, then energy flows
into the system; if it is lower, the change is reversed, and energy will flow out. In the same way, the
direction of chemical change may depend of the temperature. Before we look at examples of
chemical change, however, let us look at a simpler example of a physical change which illustrates
the principles involved – the freezing of water.
Freezing is an exothermic change ('downhill') which results in matter becoming more ordered
('uphill'). This change will happen if the 'downhill' part of the change is bigger than the 'uphill' part.
At higher temperatures the 'downhill' change will have a smaller effect, since energy is flowing into
warmer surroundings (a smaller difference is destroyed); at lower temperatures the 'downhill'
change will have a bigger effect, since energy is flowing into colder surroundings (a greater
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(a) Energy spreading out
Spontaneous

Non-spontaneous

Example: oxidation of gold

Example: oxidation of silver
+104

+11

-66

-266

= -255

= +38

(b) Matter spreading out
Spontaneous

Non-spontaneous

Example: dissolving of ammonium nitrate
-86

Example: decomposition of calcium carbonate
-598

+109

+160

= -438

= +23
Units of ∆S: J mol-1 K-1

Figure 9 A balance between matter spreading out and energy spreading out
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difference is destroyed). Thus at a cold enough temperature, water freezes. The pictures in
Figure 10 illustrate this idea. (In the project we have also used pictures which, instead of
representing energy stored when particles are pulled apart as a 'chemical spring', showed it as
'concentrated energy' with a dark shading. This representation is more evocative of the idea of a
greater difference being destroyed when the surroundings are at a lower temperature – shown by a
lighter shading. However, we felt that the advantages of the notion of a 'chemical spring' – which
was more readily understood by pupils – outweighed this consideration.)

Figure 10 Effect of temperature on an exothermic change (freezing of water)
Figure 10 also shows the entropy changes for the system and for the surroundings and the total
entropy change. The entropy decrease for the system (the ordering of the water molecules) over the
range of temperature remains approximately constant at about -22 J mol-1 K-1. The entropy change
of the surroundings is always positive but decreases with increasing temperature. This is due to the
energy flowing into it from the water which has a value of about 6 kJ mol-1. The point at which
these two entropy changes are equal is the melting or freezing point of water. From the graph we
can see that this occurs at 273 K.
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If the pictures in Figure 10 were inverted, showing an endothermic change in which matter was
becoming less ordered, then the graph would be turned 'upside down' and a similar argument would
apply to the case of melting.
Obtaining metals from their ores
Turning now to an example of chemical change. How can we obtain metals from their ores? The
picture in Figure 11 shows that separating metal from oxygen is a change which is similar to
melting – it is an endothermic reaction with a disordering of matter. Things melt if you raise the
temperature, so could it be possible to extract a metal simply by heating the ore?

Figure 11 Thermal decomposition of a metal oxide
We shall explore how the entropy change varies with temperature for two examples – the
decomposition of the oxides of silver and iron. As before, the total entropy for the change is
calculated from:
∆Stotal = ∆Ssystem + ∆Ssurroundings
with ∆Ssystem being calculated from the standard entropies of reactants and products, and
∆Ssurroundings being calculated from the standard enthalpy change for the reaction. Let us calculate
the total entropies for the changes at two temperatures: 298 K and 1000 K.
For the reaction: Ag2O (s) ---> 2Ag (s) + 0.5 O2 (g)
At 298 K

∆Stotal = (+66) + (-104) =

-38 J mol-1 K-1

At 1000 K

∆Stotal = (+66) + (-31)

+35 J mol-1 K-1

=

For the reaction: FeO (s) ---> Fe (s) + 0.5 O2 (g)
At 298 K

∆Stotal = (+89) + (-912) =

-823 J mol-1 K-1

At 1000 K

∆Stotal = (+89) + (-272) =

-183 J mol-1 K-1
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(Note that a simplifying assumption has been made in these calculations that ∆S and ∆H do not
change with temperature, and changes of state have been ignored.)
The calculations show that while it may be possible to do this with silver, it is much more difficult
with iron. At 1000 K the entropy change for the decomposition is positive, but for iron it is still
negative – that is, the effect of the spreading of matter is not sufficient to drive the change.
Figure 12 shows two graphs which illustrate the variation of the entropy changes for these reactions
with temperature. In fact these graphs have been plotted for the reverse reaction (i.e. for the
oxidation of silver and of iron) in order to maintain consistency with the more familiar Ellingham
diagrams which will be discussed later.

Figure 12 Variation of entropy changes with temperature for oxidation reactions
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The graph shows that for silver, ∆Stotal drops below zero at around 450 K, so below this
temperature the oxidation of silver is spontaneous, while above this temperature, the reverse
reaction (the decomposition of silver oxide) is spontaneous. For the oxidation of iron to iron(II)
oxide, ∆S does not drop below zero even at very high temperatures, suggesting that it would be
difficult to extract iron from its oxide merely by heating it.
However, what we can do is to couple the decomposition of iron, a change which does not just
happen by itself, to another reaction which does. Many metals can be obtained from their oxides by
heating them with carbon (the process known as smelting). This is represented in Figure 13.

Figure 13 Using a reaction which 'just happens' to drive another which does not
The reaction of carbon with oxygen to for carbon dioxide is a change which 'just happens by
itself' – the entropy change is positive. If this entropy change is greater that the negative entropy
change of the decomposition of the metal oxide, then one reaction may be used to drive the other.
Figure 14 shows how the entropy changes for oxidation of carbon and of iron vary with
temperature.
For the oxidation of carbon, ∆S falls with T, so while this is a 'downhill' change over the range of
temperatures, its tendency to drive 'uphill' changes is reduced at higher temperatures. For the
oxidation of iron, ∆S also falls with T, but it does so more rapidly. These lines show the competing
tendencies of these two reactions. Thus, at low temperatures the oxidation of iron drives the
reduction of carbon dioxide. At higher temperatures, the oxidation of carbon drives the reduction of
the iron oxide. So, if we want to obtain iron from its oxide by a process of smelting we need to use
a high temperature – above the point where the two lines cross at just over 1000 K.
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The industrial manufacture of iron is a rather more complex than this suggests. The ore used is
more commonly iron(III) oxide, and the reduction of this oxide takes place in the middle of the
blast furnace where the reducing agent is not carbon, but carbon monoxide, produced from the
incomplete combustion of carbon further down the furnace. However, we can still draw diagrams
such as that in Figure 14 for any of these kinds of reactions.

Figure 14 Entropy changes for oxidation reactions
One difficulty in using these graphs, is that the entropy change of the surroundings is inversely
proportional to T. This means that in order to accommodate values of ∆S at low temperatures, the
scale of the graph must be such that the lines are shallow at higher temperatures, which makes
comparisons difficult. However, the free energy of a reaction ∆G, has a linear relationship with T.
∆G = ∆H - T ∆S
and it is ∆G which is plotted on the more familiar Ellingham diagrams, which can be found in
standard textbooks of chemistry. Since ∆G is given by:
∆G = - T ∆Stotal
the story which is told by an Ellingham diagram is essentially the same as for the above plots of
entropy change. However, the advantage of using plots of entropy change is that they link rather
more directly with the abstract pictures of changes. And these pictures are intended to make an
explicit link for the student to the idea that spontaneous changes are driven by the spreading out of
matter or energy.
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Summary
We have seen how a set of abstract pictures can be used to develop a consistent story about the
nature of change starting with young children and continuing through to more advanced
quantitative work. Much of the important early work is already done with young children, such as
practical activities on warming and cooling, and on the mixing and separation of substances. The
abstract pictures however encourage children to think about such changes as the disappearance or
creation of differences – differences in temperature or in concentration. Later this work is extended
so that pupils consider the direction of spontaneous changes. Changes which 'just happen by
themselves' are those in which either energy or matter become more spread out – differences tend to
disappear. Such changes can be used to drive non-spontaneous changes in which differences are
created. This tendency for a change to happen can later be quantified – it is the entropy change. The
greater the difference which disappears the greater is the increase in entropy. Older students can
study whether a chemical reaction will 'go' or not, by considering the total entropy change and how
it is affected by the changes in entropy of the system and the surroundings. Such work links directly
with earlier experiences which they began as young pupils, thinking, for example, about how
energy spreads out when something cools and how matter spreads out when something dissolves.
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