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14.3: Thermodynamic Description of the Equilibrium State

4b Learning Objectives

e Gibbs Energy is a state function defined as G = H-T'S'.

e The practical utility of the Gibbs function is that AG for any process is negative if it leads to an increase in the entropy of
the world. Thus spontaneous change at a given temperature and pressure can only occur when it would lead to a decrease in
G.

o The sign of the standard free energy change AG? of a chemical reaction determines whether the reaction will tend to
proceed in the forward or reverse direction.

o Similarly, the relative signs of AH° and AH° determine whether the spontaneity of a chemical reaction will be affected
by the temperature, and if so, in what way.

o The existence of sharp melting and boiling points reflects the differing temperature dependancies of the free energies of the
solid, liquid, and vapor phases of a pure substance, which are in turn reflect their differing entropies.

Previously, we saw that it is the sum of the entropy changes of the system and surroundings that determines whether a process will
occur spontaneously. In chemical thermodynamics we prefer to focus our attention on the system rather than the surroundings, and
would like to avoid having to calculate the entropy change of the surroundings explicitly.

In this unit we introduce a new thermodynamic function, the free energy, which turns out to be the single most useful criterion for
predicting the direction of a chemical reaction and the composition of the system at equilibrium. However, the term "free energy",
although still widely used, is rather misleading, so we will often refer to it as "Gibbs energy." The free energy enables us to do this
for changes that occur at a constant temperature and pressure (the Gibbs energy) or constant temperature and volume (the
Helmholtz energy.)

Free energy: the Gibbs function
The Gibbs energy (also known as the Gibbs function or Gibbs Potential) is defined as

G=H-TS (14.3.1)

in which S refers to the entropy of the system. Since H, T and S are all state functions, so is G. Thus for any change in state
(under constant temperature), we can write the extremely important relation

AG = AH-TAS (14.3.2)

How does this simple equation encompass the entropy change of the world AS;,,;, which we already know is the sole criterion for
spontaneous change from the second law of thermodynamics? Starting with the definition

ASifoifal = ASsurr + ASsys (1433)

we would first like to get rid of ASg,.. How can a chemical reaction (a change in the system) affect the entropy of the
surroundings? Because most reactions are either exothermic or endothermic, they are accompanied by a flow of heat g, across the
system boundary. The enthalpy change of the reaction AH is defined as the flow of heat into the system from the surroundings
when the reaction is carried out at constant pressure, so the heat withdrawn from the surroundings will be — g, which will cause the
entropy of the surroundings to change by —gq, /T =— AH /T'. We can therefore rewrite Equation 14.3.3as

—AH
AStotar = —— + ASgys (14.3.4)
Multiplying each side by —T', we obtain
—TASiota1 = AH —TAS,ys (14.3.5)

which expresses the entropy change of the world in terms of thermodynamic properties of the system exclusively. If —T'A St is
denoted by AG, then we have Equation 14.3.2which defines the Gibbs energy change for the process.
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AG=AH-TAS

Tas_ .

From the foregoing, you should convince yourself that G will decrease in any process occurring at constant temperature and
pressure which is accompanied by an overall increase in the entropy. The constant temperature is a consequence of the temperature
and the enthalpy appearing in the preceding Equation 14.3.5 Since most chemical and phase changes of interest to chemists take
place under such conditions, the Gibbs energy is the most useful of all the thermodynamic properties of a substance, and (as we
shall see in the lesson that follows this one) it is closely linked to the equilibrium constant.

T AS
Surr

‘TAS

total

Some textbooks and teachers say that the free energy, and thus the spontaneity of a reaction, depends on both the enthalpy and
entropy changes of a reaction, and they sometimes even refer to reactions as "energy driven" or "entropy driven" depending on
whether AH or the TAS term dominates. This is technically correct, but misleading because it disguises the important fact that
A S;ota1, which this equation expresses in an indirect way, is the only criterion of spontaneous change.

X Helmholtz Energy is also a "Free Energy"

We will deal only with the Gibbs energy in this course. The Helmholtz free energy is of interest mainly to chemical engineers
(whose industrial-scale processes are often confined to tanks and reactors of fixed volume) and some geochemists whose
interest is centered on the chemistry that occurs deep within the earth's surface.

Gibbs Energy and Chemical Change

Remember that AG is meaningful only for changes in which the temperature and pressure remain constant. These are the
conditions under which most reactions are carried out in the laboratory; the system is usually open to the atmosphere (constant
pressure) and we begin and end the process at room temperature (after any heat we have added or which is liberated by the reaction
has dissipated.) The importance of the Gibbs function can hardly be over-stated: it serves as the single master variable that
determines whether a given chemical change is thermodynamically possible. Thus if the free energy of the reactants is greater than
that of the products, the entropy of the world will increase when the reaction takes place as written, and so the reaction will tend to
take place spontaneously. Conversely, if the free energy of the products exceeds that of the reactants, then the reaction will not take
place in the direction written, but it will tend to proceed in the reverse direction.

AG serves as the single master variable that determines whether a given chemical
change is thermodynamically possible. Moreover, it determines the direction and extent of
chemical change.

In a spontaneous change, Gibbs energy always decreases and never increases. This of course reflects the fact that the entropy of the
world behaves in the exact opposite way (owing to the negative sign in the TAS term).

H,0(1) — H,0(s) (14.3.6)

water below its freezing point undergoes a decrease in its entropy, but the heat released into the surroundings more than
compensates for this, so the entropy of the world increases, the free energy of the HoO diminishes, and the process proceeds
spontaneously.

I In a spontaneous change, Gibbs energy always decreases and never increases.

An important consequence of the one-way downward path of the free energy is that once it reaches its minimum possible value, all
net change comes to a halt. This, of course, represents the state of chemical equilibrium. These relations are nicely summarized as
follows:

e AG < 0: reaction can spontaneously proceed to the right:
A—B

e AG > 0: reaction can spontaneously proceed to the left:
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e AG =0: the reaction is at equilibrium and both [A4] and [B] will not change:

A+ B

A= B.

No need to find the value of AG for a Specific Reaction!

This might seem strange, given the key importance AG in determining whether or not a reaction will take place in a given
direction. It turns out, however, that it is almost never necessary to explicitly evaluate AG. As we will show in the lesson that
follows this one, it is far more convenient to work with the equilibrium constant of a reaction, within which AG is "hidden". This
is just as well, because for most reactions (those that take place in solutions or gas mixtures) the value of AG depends on the
proportions of the various reaction components in the mixture; it is not a simple sum of the "products minus reactants" type, as is
the case with AH.

Recalling the condition for spontaneous change
AG=AH-TAS <0 (14.3.7)

it is apparent that the temperature dependence of AG depends almost entirely on the entropy change associated with the process.
(We say "almost" because the values of AH and AS are themselves slightly temperature dependent; both gradually increase with
temperature). In particular, notice that in the above equation the sign of the entropy change determines whether the reaction
becomes more or less spontaneous as the temperature is raised. For any given reaction, the sign of AH can also be positive or
negative. This means that there are four possibilities for the influence that temperature can have on the spontaneity of a process:

Case 1: AH<0and AS>0

Both enthalpic AH and entropic —T'AS terms will be negative, so AG will be negative regardless of the temperature. An
exothermic reaction whose entropy increases will be spontaneous at all temperatures.

A

=

low T T

Figure 14.3.1: A hypothetical A — B reaction that is favored enthalpically and entropically (spontaneous at all temperatures).
(CC BY 4.0; Umit Kaya via LibreTexts)

Case2: AH<0Oand AS<O0

If the reaction is sufficiently exothermic it can force AG negative only at temperatures below which |TAS| < |AH]|. This means
that there is a temperature 7' = AH/AS at which the reaction is at equilibrium; the reaction will only proceed spontaneously
below this temperature. The freezing of a liquid or the condensation of a gas are the most common examples of this condition.
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low T

Figure 14.3.2: A hypothetical A — B reaction that is favored enthalpically and is not favored entropically (spontaneous at low
temperatures). (CC BY 4.0; Umit Kaya via LibreTexts)

Case 3: AH>0and AS>0

This is the reverse of the previous case; the entropy increase must overcome the handicap of an endothermic process so that
TAS > AH. Since the effect of the temperature is to "magnify" the influence of a positive AS, the process will be spontaneous at
temperatures above T'= AH/AS. (Think of melting and boiling.)

low T

Figure 14.3.3: A hypothetical A — B reaction that is not favored enthalpically and is favored entropically (spontaneous at high
temperatures). (CC BY 4.0; Umit Kaya via LibreTexts)

Case4: AH>0and AS<0

With both AH and AS working against it, this kind of process will not proceed spontaneously at any temperature. Substance A
always has a greater number of accessible energy states, and is therefore always the preferred form.

low T 0

Figure 14.3.4: A hypothetical A — B reaction that is not favored enthalpically and is not is favored entropically (not
spontaneous at temperatures). (CC BY 4.0; Umit Kaya via LibreTexts)
The plots above are the important ones; do not try to memorize them, but make sure you understand and can explain or reproduce
them for a given set of AH and AS.

o Their most important differentiating features are the position of the AH line (above or below the is TAS line), and the slope of
the latter, which of course depends on the sign of AS.

e Thereaction A — B will occur spontaneously only when AG is negative (blue arrows pointing down.)

o TAS plots are not quite straight lines as shown here. Similarly, the lines representing AH are even more curved.
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The other two plots on each diagram are only for the chemistry-committed.

o Each pair of energy-level diagrams depicts the relative spacing of the microscopic energy levels in the reactants and products as
reflected by the value of AS®. (The greater the entropy, the more closely-spaced are the quantized microstates.)

o The red shading indicates the range of energy levels that are accessible to the system at each temperature. The spontaneous
direction of the reaction will always be in the direction in which the red shading overlaps the greater number of energy levels,
resulting in the maximum dispersal of thermal energy.

o Note that the vertical offsets correspond to AH® for the reaction.

o Never forget that it is the ability of thermal energy to spread into as many of these states as possible that determines the
tendency of the process to take place. None of this is to scale, of course!

The Standard Gibbs Energy

You have already been introduced to the terms such as AU° and AH° in which the ° sign indicates that all components (reactants
and products) are in their standard states. This concept of standard states is especially important in the case of the free energy, so
let's take a few moments to review it. More exact definitions of the conventional standard states can be found in most physical
chemistry textbooks. In specialized fields such as biochemistry and oceanography, alternative definitions may apply. For example,
the "standard pH" of zero (corresponding to [H "] =1 M) is impractical in biochemistry, so pH = 7 is commonly employed. For
most practical purposes, the following definitions are good enough:

e gases: 1 atmosphere partial pressure

o pure liquids: the liquid under a total (hydrostatic) pressure of 1 atm.

o solutes: an effective concentration of 1 mol L™ (1 mol dm™2). ("Effective" concentrations approach real concentrations as the
latter approach zero; for practical purposes, these can be considered identical at real concentrations smaller than about 10~
molar.)

o solids: the pure solid under 1 atm pressure

X Reminder on Standard States

e There is actually no "standard temperature”, but because most thermodynamics tables list values for 298.15 K (25° C), this
temperature is usually implied.

e These same definitions apply to standard enthalpies and internal energies.

¢ Do not confuse these thermodynamic standard states with the "standard temperature and pressure" (STP) widely employed
in gas law calculations.

To make use of Gibbs energies to predict chemical changes, we need to know the free energies of the individual components of the
reaction. For this purpose we can combine the standard enthalpy of formation and the standard entropy of a substance to get its
standard free energy of formation

AGY = AH?-TAS? (14.3.8)

Recall that the symbol ° refers to the standard state of a substance measured under the conditions of 1 atm pressure or an effective
concentration of 1 mol L™ and a temperature of 298 K. Then determine the standard Gibbs energy of the reaction according to

AG°® = Z AGY (products)— Z AGY (reactants) (14.3.9)

As with standard heats of formation, the standard free energy of a substance represents the free energy change associated with the
formation of the substance from the elements in their most stable forms as they exist under the standard conditions of 1 atm
pressure and 298 K. Standard Gibbs free energies of formation are normally found directly from tables. Once the values for all the
reactants and products are known, the standard Gibbs energy change for the reaction is found by Equation 14.3.8 Most tables of
thermodynamic values list AG‘} values for common substances (e.g., Table T2), which can, of course, always be found from values

of AH;® and ASf°.
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Find the standard Gibbs energy change for the reaction
CaCO,(s) — CaO(s) + CO,(g)

The AG; * values for the three components of this reaction system are CaCO;(s): 1128 kJ mol~!, CaO(s): —603.5 kJ mol,
CO4(g): —137.2 kJ mol~1.

Solution
Substituting into Equation 14.3.8 we have

AG° = (-603.5-137.2)— (- 1128)kJ mol * = +130.9 kJ mol *

This indicates that the process is not spontaneous under standard conditions (i.e., solid calcium carbone will not form solid
calcium oxide and CO; at 1 atm partial pressure at 25° C).

Comment: This reaction is carried out on a huge scale to manufacture cement, so it is obvious that the process can be
spontaneous under different conditions.

The practical importance of the Gibbs energy is that it allows us to make predictions based on the properties (AG® values) of the
reactants and products themselves, eliminating the need to experiment. But bear in mind that while thermodynamics always
correctly predicts whether a given process can take place (is spontaneous in the thermodynamic sense), it is unable to tell us if it
will take place at an observable rate.

When thermodynamics says "no", it means exactly that. When it says "yes", it means
"maybe".

v/ Example 14.3.2

The reaction

50,(g) +H,(g) — H,0(1)
is used in fuel cells to produce an electrical current. The reaction can also be carried out by direct combustion.
Thermodynamic data: molar entropies in J mol~! K™': Ox(g) 205.0; Hx(g)130.6; H,O(1) 70.0; H>O(1) AH®f=-285.9 kJ mol .
Use this information to find

a. The amount of heat released when the reaction takes place by direct combustion;

b. The amount of electrical work the same reaction can perform when carried out in a fuel cell at 298 K under reversible
conditions;

c. The amount of heat released under the same conditions.

Solution
First, we need to find AH° and AS? for the process. Recalling that the standard enthalpy of formation of the elements is zero,

AH’ =AH J"Z (products)— AH? (reactants)
=—285.9 kJ mol -0
=-285.9 kJ mol '
Similarly,
AS° =57 (products)- S ? (reactants)
= (70.0)— (% x 205.0 +130.6)
=163 J K 'mol!

a. When the hydrogen and oxygen are combined directly, the heat released will be AH® =—285.9 kJ mol *.

https://chem.libretexts.org/@go/page/41615



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/41615?pdf

LibreTextsw

b. The maximum electrical work the fuel cell can perform is given by
AG° = AH°-TAS°
=—285.9 kJ mol 1 (298 K)(— 163 JK 'mol!).
=-237.2kJmol .

c. The heat released in the fuel cell reaction is the difference between the enthalpy change (the total energy available) and the
reversible work that was expended:

AH’- AG® =TAS°
= (298 K)(-163 JK 'mol ")
—— 48,800 J mol ! '
=—48.8 kJmol L.

The foregoing example illustrates an important advantage of fuel cells. Although direct combustion of a mole of hydrogen gas
yields more energy than is produced by the same net reaction within the fuel cell, the latter, in the form of electrical energy, can be
utilized at nearly 100-percent energy efficiency by a motor or some other electrical device. If the thermal energy released by direct
combustion were supplied to a heat engine, second-law considerations would require that at least half of this energy be "wasted" to
the surroundings.

X AG vs. AG®: what's the difference?

AG?® refer to single, specific chemical changes in which all components (reactants and products) are in their standard states.

The AG;’c of a substance, like AH }’, refers to the reaction in which that substance is formed from the elements as they exist in their
most stable forms at 1 atm pressure and (usually) 298 K. Both of these terms are by definition zero for the elements in their
standard states. There are only a few common cases in which this might create some ambiguity:

Table 14.3.1: Standard Gibbs Energies of Select Substances

Stable Form AG‘} (kJ HlOl_l) Unstable Form AG‘} (kJ mol™h
0, (¢) 0 0,(8) 1632
C(graphite) 0 C(diamond) 2.9
S(rhombic) 0 S(monoclinic) 0.1
P(white) 0 P,(g) 24.4

Tons in aqueous solution are a special case; their standard free energies are relative to the hydrated hydrogen ion H* (aq) which is
assigned AG;’c =0.

AQG is very different from AG®. The distinction is nicely illustrated in Figure 14.3.5in which AG is plotted on a vertical axis for
two hypothetical reactions having opposite signs of AG°. The horizontal axis schematically expresses the relative concentrations of
reactants and products at any point of the process. Note that the origin corresponds to the composition at which half of the reactants
have been converted into products.
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Figure 14.3.5: (CC BY 4.0; Umit Kaya via LibreTexts)
Take careful note of the following:

for the AG® > 0 reaction. Notice that there are an infinite number of these values, depending on the progress of the reaction. In
contrast there is only a single value @ of AG®, corresponding to the composition at which AG = 0 (®).

¢ At this point, some products have been formed, but the composition is still dominated by reactants.

If we begin at a composition to the left of @, AG will be negative and the composition will move to the right. Similarly if we
begin with a composition to the right of @, AG will be positive and the composition will move to the left.

The plot on the right is for the AG® < 0 reaction, for which AG® is shown at @. At its equilibrium point @, there are more
products than reactants. If we start at a composition to the right of @, the composition will tend to move to the left. If the initial
composition is to the left of @, the reaction will tend to proceed to the right.

What would happen if AG° were 0? The equilibrium point of such a reaction would be at the origin, corresponding to half the
reactants being converted to products.

The important principle you should understand from this is that a negative AG° does not mean that the reactants will be completely
transformed into products. By the same token, a positive AG° does not mean that no products are formed at all.

It should now be clear from the discussion above that a given reaction carried out under standard conditions is characterized by a
single value of AG®°.

The reason for the Gibbs energy minimum at equilibrium relates to the increase in entropy when products and reactants coexist in
the same phase. As seen in the plot, even a minute amount of "contamination" of products by reactants reduces the free energy
below that of the pure products. In contrast, composition of a chemical reaction system undergoes continual change until the
equilibrium state is reached. So the a single reaction can have an infinite number of AG values, reflecting the infinite possible
compositions between the extremes of pure reactants (zero extent of reaction) and pure products (unity extent of reaction).

In the example of a reaction A — B, depicted in the above diagram, the standard free energy of the products @ is smaller than that
of the reactants @), so the reaction will take place spontaneously. This does not mean that each mole of pure A will be converted
into one mole of pure B. For reactions in which products and reactants occupy a single phase (gas or solution), the meaning of
"spontaneous" is that the equilibrium composition @ will correspond to an extent of reaction greater than 0.5 but smaller than
unity.Note, however, that for AG® values in excess of about +50 kJ mol™, the equilibrium composition will be negligibly different

https://chem.libretexts.org/@go/page/41615



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/41615?pdf

LibreTextsw

from zero or unity extent-of-reaction. The physical meaning of AG is that it tells us how far the free energy of the system has
changed from G° of the pure reactants @, As the reaction proceeds to the right, the composition changes, and AG begins to fall.
When the composition reaches @, AG reaches its minimum value and further reaction would cause it to rise. But because free
energy can only decrease but never increase, this does not happen. The composition of the system remains permanently at its
equilibrium value.

A G vs. extent-of-reaction diagram for a non-spontaneous reaction can be interpreted in a similar way; the equilibrium composition
® will correspond to an extent of reaction greater than zero but less than 0.5. In this case, the minimum at @ reflects the increase
in entropy when the reactants are "contaminated" by a small quantity of products.

If all this detail about AG seems a bit overwhelming, do not worry: it all gets hidden in the equilibrium constant and reaction
quotient that we discuss in the next lesson!

Interpretation of Standard Gibbs energy changes

Although it is AG rather than AG? that serves as a criterion for spontaneous change at constant temperature and pressure, AG°
values are so readily available that they are often used to get a rough idea of whether a given chemical change is possible. This is
practical to do in some cases, but not in others:

v/ Example

It generally works for reactions such as
4NH,(g) +5 O, (g) — 4 NO(g) +6 H,O(g)
with AG° =-1,010 kJ.

(industrially important for the manufacture of nitric acid) because AG? is so negative that the reaction will be spontaneous and
virtually complete under just about any reasonable set of conditions.

v/ Example

The following reaction expresses the fact that the water molecule is thermodynamically stable:
2H,(g) +50,(g) —H,0())
with AG® =-237.2 kJ.

Note that this refers to liquid water (the standard state of H>O at 25°). If you think about it, a negative standard Gibbs energy of
formation (of which this is an example) can in fact be considered a definition of molecular stability.

v/ Example

Similarly, dissociation of dihydrogen into its atoms is highly unlikely under standard conditions:
H,0(g) — 2H(g) +O(g)
with AG® = 4406.6 kJ.

Again, an analogous situation would apply to any stable molecule.

v/ Example

Now consider the dissociation of dinitrogen tetroxide
N,0,(g) = 2NO,(g)
with AG° = +2.8kJ.

in which the positive value of AG® tells us that N>O4 at 1 atm pressure will not change into two moles of NO» at the same
pressure, but owing to the small absolute value of AG®, we can expect the spontaneity of the process to be quite sensitive to
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l both the temperature (as shown in the table below) and to the pressure in exactly the way the Le Chatelier principle predicts.

v/ Example

For reactions involving dissolved ions, one has to be quite careful. Thus for the dissociation of the weak hydrofluoric acid
HF (aq) > H' (aq) + F-(aq)
with AG® =317 kJ.

it is clear that a 1 mol/L solution of HF will not dissociate into 1M ions, but this fact is not very useful because if the HF is
added to water, the initial concentration of the fluoride ion will be zero (and that of H* very close to zero), and the Le Chatelier
principle again predicts that some dissociation will be spontaneous.

v/ Example

It is common knowledge that dissociation of water into hydrogen- and hydroxyl ions occurs only very sparingly:
H,0(l) — H" (aq) + OH- (aq)
with AG® =79.9 kJ.

which correctly predicts that the water will not form 1M (effective concentration) of the ions, but this is hardly news if you
already know that the product of these ion concentrations can never exceed 1074 at 298K.

v/ Example

Finally, consider this most familiar of all phase change processes, the vaporization of liquid water:
H,0(1) — H,0(g)
with AG° = 8.58 kJ.

Conversion of liquid water to its vapor at 1 atm partial pressure does not take place at 25° C, at which temperature the
equilibrium partial pressure of the vapor (the "vapor pressure") is only 0.031 atm (23.8 torr.) Gaseous H,O at a pressure of 1
atm can only exist at 100° C. Of course, water left in an open container at room temperature will spontaneously evaporate if
the partial pressure of water vapor in the air is less than 0.031 atm, corresponding to a relative humidity of under 100%

Finding the Equilibrium Temperature

A reaction is in its equilibrium state when

AG=AH-TAS=0 (14.3.10)
The temperature at which this occurs is given by
T= i—g (14.3.11)
If we approximate AH by AH° and AS by AS?, so Equation 14.3.10would be
AG~AH°-TAS°=0 (14.3.12)

We can then estimate the normal boiling point of a liquid. From the following thermodynamic data for water:

H20(U - H20(g)
—285.9 —241.8 AH® =+44.1 kJ
§9.9 188.7 ASe =+1187 JK!
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Because AH° values are normally expressed in kilojoules while AS° is given in joules, a very common student error is to
overlook the need to express both in the same units.

We find that liquid water is in equilibrium with water vapor at a partial pressure of 1 atm when the temperature is

44,100 J
T=—"—"—"——=3715K (14.3.13)
118.7J K1

But "the normal boiling point of water is 373 K", you say? Very true. The reason we are off here is that both AH° and AS ° have
their own temperature dependencies; we are using the "standard" 25° values without correcting them to 100° C. Nevertheless, if
you think about it, the fact that we can estimate the boiling point of a liquid from a table of thermodynamic data should be rather
impressive! Of course, the farther one gets from 298 K, the more unreliable will be the result. Thus for the dissociation of
dihydrogen into its atoms,

Hs(g) - 2H(g)

0 2x(218.0) AH® =4436.0 kJ
130.6 2x(114.8) AS® =+086JK!
4
_ 836,00 _, 490k (14.3.14)
986 JK 1

All one can say here is that H, will break down at something over 3000 K or so. (You may already know that all molecules will
dissociate into their atoms at high temperatures.) We tend to think of high temperatures as somehow "forcing" molecules to
dissociate into their atoms, but this is wrong. In order to get the H-H bond to vibrate so violently through purely thermal excitation
that the atoms would fly apart, a temperature more like 30,000 K would be required. The proper interpretation is at the temperature
corresponding to AH/TAS, the molecule spontaneously absorbs energy from the surroundings sufficient to overcome the H-H bond
strength.

Predicting the Effects of Temperature

The T'AS term interacts with the AH term in AG to determine whether the reaction can take place at a given temperature. This
can be more clearly understood by examining plots of TAS° and AH? as functions of the temperature for some actual reactions.
Of course these parameters refer to standard states that generally do not correspond to the temperatures, pressures, or
concentrations that might be of interest in an actual case. Nevertheless, these quantities are easily found and they can usefully
predict the way that temperature affects these systems.

Case 1: Exothermic reaction, AS° >0
C(graphite) + O, (g) — CO,(g)

o AH°=-393kJ
o AG’°=-394kJat298 K

0

Figure 14.3.6: (CC BY 4.0; Umit Kaya via LibreTexts)

This combustion reaction, like most such reactions, is spontaneous at all temperatures. The positive entropy change is due
mainly to the greater mass of CO, molecules compared to those of O,,.
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Case 2: Exothermic reaction, AS° <0

3H,+N, — 2 NH,(g)

o AH®°=-46.2kJ
o AG°=-16.4kJat298 K

kJ

Figure 14.3.7: (CC BY 4.0; Umit Kaya via LibreTexts)

The decrease in moles of gas in the Haber ammonia synthesis drives the entropy change negative, making the reaction
spontaneous only at low temperatures. Thus higher T, which speeds up the reaction, also reduces its extent.

Case 3: Endothermic reaction, AS° >0

N,0,(g) = 2NO,(g)
e AH°=55.3kJ

o AG°=+42.8kJ at298 K
kJ

TAS AG
AH

(1) T —— S

T |

0

Figure 14.3.8: (CC BY 4.0; Umit Kaya via LibreTexts)

Dissociation reactions are typically endothermic with positive entropy change, and are therefore spontaneous at high
temperatures. Ultimately, all molecules decompose to their atoms at sufficiently high temperatures.

Case 4: Endothermic Reaction, AS° <0

3N, (g) +0,(g) — NO,(g)
« AH®°=33.2kJ
o AS°=-249JK!
« AG°=1451.3kJ at298 K
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Figure 14.3.9: (CC BY 4.0; Umit Kaya via LibreTexts)

This reaction is not spontaneous at any temperature, meaning that its reverse is always spontaneous. But because the reverse
reaction is kinetically inhibited, NO, can exist indefinitely at ordinary temperatures even though it is thermodynamically unstable.

Concluding remarks on Gibbs Energy

The appellation “free energy” for G has led to so much confusion that many scientists now refer to it simply as the Gibbs energy.
The “free” part of the older name reflects the steam-engine origins of thermodynamics with its interest in converting heat into
work: AG is the maximum amount of energy, which can be “freed” from the system to perform useful work. By "useful", we mean
work other than that which is associated with the expansion of the system. This is most commonly in the form of electrical work
(moving electric charge through a potential difference), but other forms of work (osmotic work, increase in surface area) are also
possible.

A much more serious difficulty with the Gibbs function, particularly in the context of chemistry, is that although G has the units of
energy (joules, or in its intensive form, J mol™), it lacks one of the most important attributes of energy in that it is not conserved.
Thus, although the free energy always falls when a gas expands or a chemical reaction takes place spontaneously, there need be no
compensating increase in energy anywhere else. Referring to G as an energy also reinforces the false but widespread notion that a
fall in energy must accompany any change. But if we accept that energy is conserved, it is apparent that the only necessary
condition for change (whether the dropping of a weight, expansion of a gas, or a chemical reaction) is the redistribution of energy.
The quantity \(-AG)) associated with a process represents the quantity of energy that is “shared and spread”, which as we have
already explained is the meaning of the increase in the entropy. The quotient — AG/T is in fact identical with A Sy, the entropy
change of the world, whose increase is the primary criterion for any kind of change.

G differs from the thermodynamic quantities H and S in another significant way: it has no physical reality as a property of matter,
whereas H and S can be related to the quantity and distribution of energy in a collection of molecules. The free energy is simply a
useful construct that serves as a criterion for change and makes calculations easier.

X What Gibbs Energy is not...

o Gibbs Energy is not free energy
o Gibbs Energy is not energy
e Gibbs Energy is not even "real"

14.3: Thermodynamic Description of the Equilibrium State is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by LibreTexts.

o 15.4: Free Energy and the Gibbs Function by Stephen Lower is licensed CC BY 3.0. Original source:
http://www.chem1.com/acad/webtext/virtualtextbook.html.
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