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What is Thermodynamics? 

Thermochemistry is part of a broader subject called thermodynamics, which is the scientific study of 
the interconversion of heat and other kinds of energy. The laws of thermodynamics provide useful 
guidelines for understanding the energetics and directions of processes. 
Thermodynamics is normally described in terms of three laws. 

First Law of Thermodynamics; Enthalpy 

The first law of thermodynamics is essentially the law of conservation of energy applied to 
thermodynamic systems.  To state the law, you need to understand what the internal energy of a 
system is and how you can change the internal energy 
The internal energy, U, is the sum of the kinetic and potential energies of the particles making up the 
system. The kinetic energy includes the energy of motion of electrons, nuclei, and molecules. The 
potential energy results from the chemical bonding of atoms and from the attractions between 
molecules. 
Internal energy is a state function. That is, it is a property of a system that depends only on its present 
state, which is completely determined by variables such as temperature and pressure. Thus, 1 mol of 
water at 0°C and 1 atm pressure has a definite quantity of energy. When a system changes from one 
state to another, its internal energy changes from one definite value to another. You can calculate the 
change in internal energy, 𝛥𝑈, from the initial value of the internal energy, 𝑈𝑖, and the final value of 
the internal energy, 𝑈𝑓. 

Δ𝑈 = 𝑈𝑓 − 𝑈𝑖  

Normally you are interested in changes in internal energy rather than in absolute values. You measure 
these changes for a thermodynamic system by noting the exchanges of energy between the system 
and its surroundings. These exchanges of energy are of two kinds: heat and work. Heat, you will recall, 
is energy that moves into or out of the system because of a temperature difference between the 
system and its surroundings. Work, on the other hand, is the energy exchange that results when a 
force F moves an object through a distance d; work (w) equals 𝐹 × 𝑑. 
The distinction between heat and work is illustrated in the system shown in Figure 1. This system 
consists of a gas in a vessel equipped with a movable piston. On top of the piston is a weight, which 
you can consider as part of the surroundings. You momentarily fix the position of the piston so it does 
not move. Suppose the temperature of the surroundings is raised, and as a result, heat passes from 
the surroundings to the vessel. If you find that the energy of the surroundings decreases by 165 J in 
this way, you know from the law of conservation of energy that the internal energy of the system must 
have increased by just this quantity. You write q =+165 J, using the sign convention that heat (denoted 
by the symbol q) absorbed by the system is positive (energy is added to the system) and that heat 
evolved by the system is negative (energy is subtracted from the system). 

 
Figure 1 Exchanges of heat and work with the surroundings. A gas is enclosed in a vessel with a piston. Heat flows into 
the vessel from the surroundings, which are at a higher temperature. As the temperature of the gas increases, the gas 

expands, lifting the weight (doing work). 
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As the temperature of the gas in the vessel increases, the gas pressure increases at fixed volume. You 
now allow the piston to move, so the gas expands and lifts the piston and the weight on top of it. In 
lifting the weight, the system does work. The energy gained by the weight equals the force of gravity 
on the weight times the height to which the weight was raised (the distance it was moved). Suppose 
this energy is 92 J. Because the surroundings, which include the weight, have gained 92 J of energy, 
the system must have lost 92 J of energy (energy cannot be created or destroyed). You write w=-92 J, 
adhering to the sign convention that work done on the system is positive (energy is added to the 
system) and work done by the system is negative (energy is subtracted from the system). 
The system in Figure 1 gains internal energy from the heat absorbed and loses internal energy via the 
work done. In general, the net change of internal energy equals heat plus work. 

Δ𝑈 = 𝑞 + 𝑤 
The first law of thermodynamics states that the change in internal energy of a system, ΔU, equals 
q+w. For the system shown in Figure 1, 

ΔU = (+165j) + (−92J) = +73J 
 

Heat of Reaction and Internal Energy 
Now consider a chemical system—for example, the reaction of zinc metal with hydrochloric acid. The 
reaction is 

Zn(s) + 2H3O+(aq) → Zn2+(aq) + 2H2O(l) + H2(g) 
When this reaction is carried out in a beaker open to the atmosphere, the reaction is exothermic, 
evolving 152.4 kJ of heat per mole of zinc consumed. You write 𝑞𝑝 = +152.4 kJ, where the subscript 

p indicates that the process occurs at constant pressure. 
The hydrogen gas that is produced increases the volume of the system. As hydrogen is evolved, work 
must be done by the system to push back the atmosphere. How can you calculate this work? Imagine 
for the moment that the atmosphere is replaced by a piston and weights, whose downward force from 
gravity F creates a pressure on the gas equivalent to that of the atmosphere. The pressure P equals F 
divided by the cross-sectional area of the piston, A. (See Figure 2.) 

 
Figure 2 Reaction of zinc metal with hydrochloric acid at constant pressure (A) The beginning of the reaction. The 

constant pressure of the atmosphere has been replaced by a piston and weight to give an equivalent pressure. (B) The 
reaction produces hydrogen gas. This increases the volume of the system, so that the piston and weight are lifted 

upward. Work is done by the system on the piston and weight. 

Suppose the increase in volume of the system due to the production of hydrogen is ΔV. Because the 
volume of a cylinder equals its height h times its cross-sectional area A, the change in volume is Δ𝑉 =
𝐴 × ℎ, and h=ΔV/A. The work done by the system in expanding equals the force of gravity times the 
distance the piston moves. 

𝑤 = −𝐹 × ℎ = −𝐹 ×
Δ𝑉

𝐴
= −

𝐹

𝐴
× Δ𝑉 

The negative sign is given because w is work done by the system and represents energy lost by it. Note 
that F/A is the pressure, P, which equals that of the atmosphere. Therefore, 

𝑤 = −𝑃Δ𝑉 
This formula tells you that you can calculate the work done by a chemical reaction carried out in an 
open vessel by multiplying the atmospheric pressure P by the change in volume of the chemical 
system, ΔV. For example, when 1.00 mol Zn reacts with excess hydrochloric acid, 1.00 mol H2 is 
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produced. At 25°C and 1.00 atm (=1.01× 105 Pa), this amount of H2 occupies 24.5 L (= 24.5×10-3m3). 
The work done by the chemical system in pushing back the atmosphere is 

𝑤 = −𝑃Δ𝑉 = −(1.01 × 105𝑃𝑎) × (24.5 × 10−3𝑚3) 
= −2.47 × 103𝐽, 𝑜𝑟 − 2.47 𝑘𝐽 

If you apply the first law to this chemical system, you can relate the change in internal energy of the 
system to the heat of reaction. You have 

Δ𝑈 = 𝑞𝑝 + 𝑤 = 𝑞𝑝 − 𝑃Δ𝑉 

For the reaction of Zn with HCl, qp =-152.4 kJ and w=-PΔV = -2.47 kJ, so 
𝛥𝑈 = −152.4kJ − 2.47kJ = −154.9 kJ 

We can now summarize what happens when 1.00 mol Zn reacts with excess hydrochloric acid. When 
the reaction occurs, the internal energy changes as the kinetic and potential energies change in going 
from reactants to products. This energy change, ΔU, equals -154.9 kJ. Energy leaves the system mostly 
as heat (qp=-152.4 kJ) but partly as expansion work (w =-2.47 kJ). 
 

Enthalpy and Enthalpy Change 
Earlier, we defined enthalpy tentatively in terms of the relationship of ΔH to the heat of reaction at 
constant pressure, qp. We now define enthalpy, H, precisely as the quantity 𝑈 + 𝑃𝑉. Because U, P, 
and V are state functions, H is also a state function. This means that for a given temperature and 
pressure, a given amount of a substance has a definite enthalpy. Therefore, if you know the enthalpies 
of substances, you can calculate the change of enthalpy, ΔH, for a reaction. 
Let us now show the relationship of ΔH to the heat of reaction qp. Note that ΔH is the final enthalpy 
Hf minus the initial enthalpy Hi. 

Δ𝐻 = 𝐻𝑓 − 𝐻𝑖 

Now, substitute defining expressions for Hf and Hi, using the subscripts f and i to indicate final and 
initial, respectively. Note, however, that the pressure is constant. 

Δ𝐻 = (𝑈𝑓 + 𝑃𝑉𝑓) − (𝑈𝑖 + 𝑃𝑉𝑖) = (𝑈𝐹 − 𝑈𝑖) + 𝑃(𝑉𝑓 − 𝑉𝑖) = Δ𝑈 + 𝑃Δ𝑉 

Earlier we found thatΔ𝑈 = 𝑞𝑝 − 𝑃Δ𝑉. Hence, 

Δ𝐻 = (𝑞𝑝 − 𝑃Δ𝑉) + 𝑃Δ𝑉 = 𝑞𝑝 

This shows that Δ𝐻 = 𝑞𝑝, as noted earlier. 

Spontaneous Processes and Entropy 
Why does a chemical reaction go naturally in a particular direction? To answer this question, we need 
to look at spontaneous processes. A spontaneous process is a physical or chemical change that occurs 
by itself. It requires no continuing outside agency to make it happen. A rock at the top of a hill rolls 
down (Figure 3, left). Heat flows from a hot object to a cold one. An iron object rusts in moist air. These 
processes occur spontaneously, or naturally, without requiring an outside force or agency. They 
continue until equilibrium is reached. If these processes were to go in the opposite direction, they 
would be nonspontaneous. The rolling of a rock uphill by itself is not a natural process; it is 
nonspontaneous (see Figure 3, right). The rock could be moved to the top of the hill, but work would 
have to be expended. Heat can be made to flow from a cold to a hot object, but a heat pump or 
refrigerator is needed. Rust can be converted to iron, but the process requires chemical reactions used 
in the manufacture of iron from its ore (iron oxide). 

         
Figure 3 Examples of a spontaneous and a nonspontaneous process Left: The rolling of a rock downhill is a spontaneous 

process. The rock eventually comes to equilibrium at the bottom of the hill. Right: The rolling of a rock uphill is a 
nonspontaneous process. 
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Entropy and the Second Law of Thermodynamics 
Entropy, S, is a thermodynamic quantity that is a measure of how dispersed the energy of a system is 
among the different possible ways that system can contain energy. When the energy of a 
thermodynamic system is concentrated in a relatively few energy states, the entropy of the system is 
low. When that same energy, however, is dispersed or spread out over a great many energy states, 
the entropy of the system is high. What you will see is that the entropy (energy dispersal) of a system 
plus its surroundings increases in a spontaneous process. 
In a simple sense, Entropy can be described as the amount of disorder-ness in a system. The more 
energy is spread out in a system, the more the amount of disorder-ness in that system and vice versa. 
As an example, imagine a flask containing a gas connected to an evacuated flask by a valve or stopcock 
(Figure 4). When the valve is opened, gas in the flask flows into the space of the evacuated flask. In 
this case, the kinetic energy of the gas molecules spreads out or disperses over the volumes of both 
flasks. The entropy of this system (both flasks) increases in this spontaneous process. In this case, we 
assume that the surroundings do not participate in the overall change (there is no entropy change in 
the surroundings); the entropy change occurs entirely within the system. In this spontaneous process, 
energy has been dispersed, or spread out. The entropy of the system plus surroundings has increased. 

 
Figure 4 Expansion of a gas into a vacuum. Initially, the flask on the left contains a gas, whereas the flask on the right is 

evacuated. Then the valve is opened and gas spontaneously flows into the evacuated flask (the vacuum). 

The SI unit of entropy is joules per kelvin (J/K). Entropy, like enthalpy, is a state function. That is, the 
quantity of entropy in a given amount of substance depends only on variables, such as temperature 
and pressure, that determine the state of the substance. If these variables are fixed, the quantity of 
entropy is fixed. For example, 1 mol of ice at 0C and 1 atm pressure has an entropy that has been 
determined experimentally to be 41 J/K. One mole of liquid water at 0°C and 1 atm has an entropy of 
63 J/K.  
Why is the entropy of liquid water higher than that of solid water (ice)? In an ice crystal, water 
molecules occupy regular fixed positions in the crystal lattice. Molecules can vibrate or oscillate about 
these fixed positions, but otherwise are restricted in their motions, and therefore the energies 
available to them. In the liquid state, water molecules can rotate as well as vibrate internally and can 
move around somewhat (though not as freely as molecules can move in the gaseous state). Thus, the 
entropy of liquid water is expected to be higher than that of ice—the energy is dispersed over more 
available energy states in the liquid. 
You calculate the entropy change, ΔS, for a process similarly to the way you calculate ΔH. If Si is the 
initial entropy and Sf is the final entropy, the change in entropy is 

Δ𝑆 = 𝑆𝑓 − 𝑆𝑖 = 𝑆𝑝𝑟𝑜𝑑𝑢𝑐𝑡 − 𝑆𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡 

For the melting of ice to liquid water, 
H20(s) → H2O (l) 

ΔS = (63 − 41)J/K = 22J/K 
When 1 mol of ice melts at 0°C, the water increases in entropy by 22 J/K. The entropy increases, as 
you expect, because the energy of water becomes more dispersed when it melts. 
A process occurs naturally as a result of the dispersal of energy in the system plus surroundings. We 
can state this precisely in terms of the second law of thermodynamics, which states that the total 
entropy of a system and its surroundings always increases for a spontaneous process. Note that 
entropy (energy dispersal) is quite different from energy itself. Energy can be neither created nor 
destroyed during a spontaneous, or natural, process—its total amount remains fixed. But energy is 
dispersed in a spontaneous process, which means that entropy is produced during such a process. 
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For a spontaneous process carried out at a given temperature, the second law can be restated in a 
form that refers only to the system (and not to the system plus surroundings, as in the previous 
statement of the second law). We will find this new statement particularly useful in analyzing chemical 
problems. 
Because the universe is made up of the system and the surroundings, the entropy change in the 
universe (ΔSuniv 𝑜𝑟 ΔStotal) for any process is the sum of the entropy changes in the system (ΔSsys) 

and in the surroundings (ΔSsurr). Mathematically, we can express the second law of thermodynamics 
as follows: 
For a spontaneous process ΔStotal = ΔSsys + ΔSsurr > 0 

For an equilibrium process ΔStotal = ΔSsys + ΔSsurr = 0 

For a spontaneous process, the second law says that ΔStotal must be greater than zero, but it does not 
place a restriction on either ΔSsys  or ΔSsurr . Thus, it is possible for either ΔSsys  or ΔSsurr  to be 

negative, as long as the sum of these two quantities is greater than zero. For an equilibrium process, 
ΔStotal is zero. In this case, ΔSsys and ΔSsurr must be equal in magnitude, but opposite in sign. What 

if for some hypothetical process we find that ΔStotal is negative? What this means is that the process 
is not spontaneous in the direction described. Rather, it is spontaneous in the opposite direction. 
 

Entropy Changes in the System 
To calculate ΔStotal, we need to know both ΔSsys  and ΔSsurr. Let us focus first on ΔSsys. Suppose that 

the system is represented by the following reaction: 
𝑎𝐴 + 𝑏𝐵 → 𝑐𝐶 + 𝑑𝐷 

As is the case for the enthalpy of a reaction, the standard entropy of reaction Δ𝑆°𝑟𝑥𝑛is given by the 
difference in standard entropies between products and reactants: 

Δ𝑆°𝑟𝑥𝑛 = [𝑐𝑆°(𝐶) + 𝑑𝑆°(𝐷)] − [𝑎𝑆°(𝐴) + 𝑏𝑆°(𝐵)] 
or, in general, using ∑ to represent summation and m and n for the stoichiometric coefficients in the 
reaction, 

ΔS°rxn = ∑nS°(products) − ∑mS°(reactants) 
The standard entropy values of a large number of compounds have been measured in J/K∙mol. To 
calculate ΔS°rxn (which is ΔSsys), we look up their values in appendix and proceed with the equation. 
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The results of Example 18.2 are consistent with those observed for many other reactions. Taken 
together, they support the following general rules: 

• If a reaction produces more gas molecules than it consumes [Example 18.2(a)], ΔS° is positive. 
• If the total number of gas molecules diminishes [Example 18.2(b)], ΔS° is negative. 
• If there is no net change in the total number of gas molecules [Example 18.2(c)], then ΔS° may 

be positive or negative, but will be relatively small numerically. 
These conclusions make sense, given that gases invariably have greater entropy than liquids and 
solids. For reactions involving only liquids and solids, predicting the sign of DS° is more diff cult, but in 
many such cases an increase in the total number of molecules and/or ions is accompanied by an 
increase in entropy. 

 
 

Entropy Changes in the Surroundings 
Next we see how ΔSsurr is calculated. When an exothermic process takes place in the system, the heat 
transferred to the surroundings enhances motion of the molecules in the surroundings. Consequently, 
there is an increase in the number of microstates and the entropy of the surroundings increases. 
Conversely, an endothermic process in the system absorbs heat from the surroundings and so 
decreases the entropy of the surroundings because molecular motion decreases (Figure 5). For 
constant-pressure processes, the heat change is equal to the enthalpy change of the system, Δ𝐻𝑠𝑦𝑠. 

Therefore, the change in entropy of the surroundings, ΔSsurr, is proportional to Δ𝐻𝑠𝑦𝑠: 

Δ𝑆𝑠𝑢𝑟𝑟 ∝ −Δ𝐻𝑠𝑦𝑠 

The minus sign is used because if the process is exothermic, Δ𝐻𝑠𝑦𝑠 is negative and ΔSsurr is a positive 

quantity, indicating an increase in entropy. On the other hand, for an endothermic process, Δ𝐻𝑠𝑦𝑠is 

positive and the negative sign ensures that the entropy of the surroundings decreases. 

 
Figure 5 (a) An exothermic process transfers heat from the system to the surroundings and results in an increase in the 

entropy of the surroundings. (b) An endothermic process absorbs heat from the surroundings and thereby decreases the 
entropy of the surroundings. 
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The change in entropy for a given amount of heat absorbed also depends on the temperature. If the 
temperature of the surroundings is high, the molecules are already quite energetic. Therefore, the 
absorption of heat from an exothermic process in the system will have relatively little impact on 
molecular motion and the resulting increase in entropy of the surroundings will be small. However, if 
the temperature of the surroundings is low, then the addition of the same amount of heat will cause 
a more drastic increase in molecular motion and hence a larger increase in entropy. By analogy, 
someone coughing in a crowded restaurant will not disturb too many people, but someone coughing 
in a library definitely will. From the inverse relationship between ΔSsurr  and temperature T (in 
kelvins)—that is, the higher the temperature, the smaller the ΔSsurrand vice versa—we can rewrite 
the preceding relationship as 

Δ𝑆𝑠𝑢𝑟𝑟 = −
Δ𝐻𝑠𝑦𝑠

𝑇
 

Let us now apply the procedure for calculating ΔSsysand ΔSsurrto the synthesis of ammonia and ask 

whether the reaction is spontaneous at 25°C: 
N2(g) + 3H2(g) → 2NH3(g)               ΔH°rxn = −92.6 kJ/mol 

From Example 18.2(b) we have ΔSsys=-199 J/K∙mol, and substituting Δ𝐻𝑠𝑦𝑠(-92.6 kJ/mol) in Equation 

above, we obtain 

ΔSsurr =
−(−92.6 × 1000)J/mol

298K
= 311 J/K ∙ mol 

The total change in entropy is 
ΔStotal = ΔSsys + ΔSsurr = (−199 + 311) J/K ∙ mol = 112 J/K ∙ mol 

Because Δ𝑆𝑡𝑜𝑡𝑎𝑙 is positive, the reaction is spontaneous at 25°C. It is important to keep in mind that 
just because a reaction is spontaneous does not mean that it will occur at an observable rate. The 
synthesis of ammonia is, in fact, extremely slow at room temperature. Thermodynamics can tell us 
whether a reaction will occur spontaneously under specific conditions, but it does not say how fast it 
will occur. Reaction rates are the subject of chemical kinetics. 
 

The Third Law of Thermodynamics and Absolute Entropy 
Finally, it is appropriate to consider the third law of thermodynamics briefl y in connection with the 
determination of entropy values. So far we have related entropy to microstates—the greater the 
number of microstates a system possesses, the larger is the entropy of the system. Consider a perfect 
crystalline substance at absolute zero (0K). Under these conditions, molecular motions are kept at a 
minimum and the number of microstates (W) is one (there is only one way to arrange the atoms or 
molecules to form a perfect crystal). We can write 

𝑆 = 𝑘 ln 𝑊 = 𝑘 ln 1 = 0 
Here k= Boltzmann constant and W= number of microstates. 
According to the third law of thermodynamics, the entropy of a perfect crystalline substance is zero 
at the absolute zero of temperature. As the temperature increases, the freedom of motion increases 
and hence also the number of microstates. Thus, the entropy of any substance at a temperature above 
0 K is greater than zero. 
The important point about the third law of thermodynamics is that it enables us to determine the 
absolute entropies of substances. Starting with the knowledge that the entropy of a pure crystalline 
substance is zero at absolute zero, we can measure the increase in entropy of the substance when it 
is heated from 0 K to, say, 298 K. The change in entropy, ΔS, is given by 

Δ𝑆 = 𝑆𝑓 − 𝑆𝑖 = 𝑆𝑓 

because Si is zero. The entropy of the substance at 298 K, then, is given by ΔS or Sf, which is called the 
absolute entropy because this is the true value and not a value derived using some arbitrary reference 
as in the case of standard enthalpy of formation. Thus, the entropy values quoted so far and those 
listed in Appendix are all absolute entropies. Because measurements are carried out at 1 atm, we 
usually refer to absolute entropies as standard entropies. In contrast, we cannot have the absolute 
energy or enthalpy of a substance because the zero of energy or enthalpy is undefined. Figure 18.6 
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shows the change (increase) in entropy of a substance with temperature. At absolute zero, it has a 
zero entropy value (assuming that it is a perfect crystalline substance). As it is heated, its entropy 
increases gradually because of greater molecular motion. At the melting point, there is a sizable 
increase in entropy as the liquid state is formed. Further heating increases the entropy of the liquid 
again due to enhanced molecular motion. At the boiling point there is a large increase in entropy as a 
result of the liquid-to-vapor transition. Beyond that temperature, the entropy of the gas continues to 
rise with increasing temperature. 

 
Figure 6 Entropy increase of a substance as the temperature rises from absolute zero 

Gibbs Free Energy 
The second law of thermodynamics tells us that a spontaneous reaction increases the entropy of the 
universe; that is, ΔStotal > 0. In order to determine the sign of ΔStotal for a reaction, however, we 
would need to calculate both ΔSsys and ΔSsurr. In general, we are usually concerned only with what 

happens in a particular system. Therefore, we need another thermodynamic function to help us 
determine whether a reaction will occur spontaneously if we consider only the system itself. 
For a spontaneous process 

ΔStotal = ΔSsys + ΔSsurr > 0 

Substituting ΔSsurr = −Δ𝐻𝑠𝑦𝑠/𝑇 

ΔStotal = ΔSsys −
Δ𝐻𝑠𝑦𝑠

𝑇
> 0 

Multiplying both sides of the equation by T gives 
TΔStotal = 𝑇ΔSsys − Δ𝐻𝑠𝑦𝑠 > 0 

Now we have a criterion for a spontaneous reaction that is expressed only in terms of the properties 
of the system (Δ𝐻𝑠𝑦𝑠 and Δ𝑆𝑠𝑦𝑠) and we can ignore the surroundings. For convenience, we can change 

the preceding equation by multiplying it throughout by -1 and replacing the > sign with <: 
−TΔStotal = Δ𝐻𝑠𝑦𝑠 − 𝑇ΔSsys < 0 

This equation says that for a process carried out at constant pressure and temperature T, if the 
changes in enthalpy and entropy of the system are such that Δ𝐻𝑠𝑦𝑠 − 𝑇ΔSsys is less than zero, the 

process must be spontaneous. 
In order to express the spontaneity of a reaction more directly, we introduce another thermodynamic 
function called Gibbs free energy (G), or simply free energy: 

𝐺 = 𝐻 − 𝑇𝑆 
All quantities in Equation above pertain to the system, and T is the temperature of the system. You 
can see that G has units of energy (both H and TS are in energy units). Like H and S, G is a state function. 
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The change in free energy (ΔG) of a system for a constant-temperature process is 
Δ𝐺 = Δ𝐻 − 𝑇Δ𝑆 

In this context free energy is the energy available to do work. Thus, if a particular reaction is 
accompanied by a release of usable energy (that is, if ΔG is negative), this fact alone guarantees that 
it is spontaneous, and there is no need to worry about what happens to the rest of the universe. 
Note that we have merely organized the expression for the entropy change of the universe and 
equating the free-energy change of the system (ΔG) with −TΔStotal, so that we can focus on changes 
in the system. We can now summarize the conditions for spontaneity and equilibrium at constant 
temperature and pressure in terms of ΔG as follows: 

• 𝛥𝐺 < 0: The reaction is spontaneous in the forward direction. 

• 𝛥𝐺 > 0 : The reaction is nonspontaneous. The reaction is spontaneous in the opposite 
direction. 

• 𝛥𝐺 = 0: The system is at equilibrium. There is no net change. 
Standard Free-Energy Changes 
The standard free-energy of reaction (𝛥𝐺°𝑟𝑥𝑛) is the free-energy change for a reaction when it occurs 
under standard-state conditions, when reactants in their standard states are converted to products in 
their standard states. Table 18.2 summarizes the conventions used by chemists to def ne the standard 
states of pure substances as well as solutions. To calculate (𝛥𝐺°𝑟𝑥𝑛) we start with the equation 

𝑎𝐴 + 𝑏𝐵 → 𝑐𝐶 + 𝑑𝐷 
The standard free-energy change for this reaction is given by 

𝛥𝐺°𝑟𝑥𝑛 = [𝑐Δ𝐺°𝑓(𝐶) + 𝑑Δ𝐺°𝑓(𝐷)] − [𝑎Δ𝐺°𝑓(𝐴) + 𝑏Δ𝐺°𝑓(𝐵)] 

Or, in general 
𝛥𝐺°𝑟𝑥𝑛 = ∑𝑛Δ𝐺°𝑓(𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠) − ∑𝑛Δ𝐺°𝑓(𝑟𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠) 

where m and n are stoichiometric coefficients. The term Δ𝐺°𝑓 is the standard free energy of formation 

of a compound, that is, the free-energy change that occurs when 1 mole of the compound is 
synthesized from its elements in their standard states.  

Table 1 Conventions for Standard States 

 
For the combustion of graphite: 

𝐶(𝑔𝑟𝑎𝑝ℎ𝑖𝑡𝑒) + 𝑂2(𝑔) → 𝐶𝑂2(𝑔) 
the standard free-energy change is 

𝛥𝐺°𝑟𝑥𝑛 = [Δ𝐺°𝑓(𝐶𝑂2)] − [Δ𝐺°𝑓(𝐶, 𝑔𝑟𝑎𝑝ℎ𝑖𝑡𝑒 ) + Δ𝐺°𝑓(𝑂2)] 

As in the case of the standard enthalpy of formation, we define the standard free energy of formation 
of any element in its stable allotropic form at 1 atm and 25°C as zero. Thus, 

Δ𝐺°𝑓(𝐶, 𝑔𝑟𝑎𝑝ℎ𝑖𝑡𝑒 ) = 0            and        Δ𝐺°𝑓(𝑂2) = 0 

Therefore, the standard free-energy change for the reaction in this case is equal to the standard free 
energy of formation of CO2: 

𝛥𝐺°𝑟𝑥𝑛 = Δ𝐺°𝑓(𝐶𝑂2) 

The end of this lecture has a list of Δ𝐺°𝑓values for a number of different compounds. 
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Factors affecting the sign of 𝚫𝑮 
Table 2 Factors Affecting the Sign of ΔG in the Relationship Δ𝐺 = Δ𝐻 − 𝑇Δ𝑆 
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Free Energy and Chemical Equilibrium 
As mentioned earlier, during the course of a chemical reaction not all the reactants and products will 
be at their standard states. Under this condition, the relationship between ΔG and ΔG°, which can be 
derived from thermodynamics, is 

Δ𝐺 = Δ𝐺° + 𝑅𝑇𝑙𝑛 𝑄 
where R is the gas constant (8.314 J/K∙mol), T is the absolute temperature of the reaction, and Q is 
the reaction quotient. We see that ΔG depends on two quantities: ΔG° and 𝑅𝑇 ln 𝑄. For a given 
reaction at temperature T the value of ΔG° is fixed but that of 𝑅𝑇 ln 𝑄   is not, because Q varies 
according to the composition of the reaction mixture. Let us consider two special cases: 
Case 1: A large negative value of ΔG° will tend to make ΔG also negative. Thus, the net reaction will 
proceed from left to right until a significant amount of product has been formed. At that point, the 
𝑅𝑇 ln 𝑄 term will become positive enough to match the negative ΔG ° term. 
Case 2: A large positive ΔG° term will tend to make ΔG also positive. Thus, the net reaction will proceed 
from right to left until a significant amount of reactant has been formed. At that point, the 𝑅𝑇 ln 𝑄 
term will become negative enough to match the positive ΔG ° term 
At equilibrium, by definition, ΔG =0 and Q=K, where K is the equilibrium constant. Thus, 

0 = Δ𝐺° + 𝑅𝑇 ln 𝐾 
Or 

Δ𝐺° = −𝑅𝑇 ln 𝐾 
In this equation, KP is used for gases and Kc for reactions in solution. Note that the larger the K is, the 
more negative ΔG° is. For chemists, Equation above is one of the most important equations in 
thermodynamics because it enables us to find the equilibrium constant of a reaction if we know the 
change in standard free energy and vice versa. 
It is significant that Equation above relates the equilibrium constant to the standard free-energy 
change ΔG° rather than to the actual free-energy change ΔG. The actual free-energy change of the 
system varies as the reaction progresses and becomes zero at equilibrium. On the other hand, ΔG° is 
a constant for a particular reaction at a given temperature. Figure 7 shows plots of the free energy of 
a reacting system versus the extent of the reaction for two types of reactions. As you can see, if ΔG°< 
0, the products are favored over reactants at equilibrium. Conversely, if ΔG°>0, there will be more 
reactants than products at equilibrium. Table 3 summarizes the three possible relations between ΔG° 
and K, as predicted by Equation above. Remember this important distinction: It is the sign of ΔG and 
not that of ΔG° that determines the direction of reaction spontaneity. The sign of ΔG° tells us only the 
relative amounts of products and reactants when equilibrium is reached, not the direction of the net 
reaction. 

 
Figure 7 (a) 𝛥𝐺° < 0. At equilibrium, there is a significant conversion of reactants to products. (b) 𝛥𝐺° > 0. At 

equilibrium, reactants are favored over products. In both cases, the net reaction toward equilibrium is from left to right 
(reactants to products) if Q< K and right to left (products to reactants) if Q>K. 
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Table 3 Relation Between ΔG° and K as Predicted by the Equation 𝚫𝑮° = −𝑹𝑻 𝐥𝐧 𝑲 

 
For reactions having very large or very small equilibrium constants, it is generally very difficult, if not 
impossible, to measure the K values by monitoring the concentrations of all the reacting species. 
Consider, for example, the formation of nitric oxide from molecular nitrogen and molecular oxygen: 

N2(g) + O2(g) ⇌ 2NO(g) 
At 25°C, the equilibrium constant KP is 

𝐾𝑝 =
𝑃𝑁𝑂

2

𝑃𝑁2
𝑃𝑂2

= 4.0 × 10−31 

The very small value of KP means that the concentration of NO at equilibrium will be exceedingly low. 
In such a case the equilibrium constant is more conveniently obtained from ΔG°. (As we have seen, 
ΔG° can be calculated from ΔH° and ΔS°.) On the other hand, the equilibrium constant for the 
formation of hydrogen iodide from molecular hydrogen and molecular iodine is near unity at room 
temperature: 

H2(g) + I2(g) ⇌ 2HI(g) 
For this reaction it is easier to measure KP and then calculate ΔG° than to measure ΔH° and ΔS° and 
use Equation to measure ΔG. 
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Change of Free Energy with Temperature 
 

Table 4 Effect of Temperature on the Spontaneity of Reaction 
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Appendix: Thermodynamic data at 1 atm and 25°C
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No Assignment from this lecture 

 

Reference books 
1. General Chemistry – The Essential Concepts, Raymond Chang and Jason Overby, 6th edition. 

2. General Chemistry, Darrell D. Ebbing and Stephen D. Gammon, 9th edition. 


