
CHAPTER SEVEN 

CHEMICAL EQUILIBRIUM 
7-1 Introduction 

Early chemists considered that different substances exhibited either empathies 
or antipathies towards each other. Those that reacted were thought to possess some 
kind of mutual affinity, and alchemical language was rich in phrases implying 
almost emotional attitudes on the part of various chemicals. Chemistry was then 
largely preparative in nature; reactions either occurred or did not occur. The 
concept of equilibrium gradually developed, however, with one of the first advances 
being made by C. L. Berthollet in 1801. Berthollet served as an advisor to Napoleon 
in an expedition to Egypt in 1799 and had observed that there were deposits of 
sodium carbonate in various salt lakes. He concluded that the usual reaction 

could be reversed in the presence of a sufficiently high salt concentration, so that 
chemical affinity was more than an inherent attribute of a substance but also 
depended on its concentration. 

Later, in the period 1850-1860, L. Wilhelmy and M. Berthelot added the 
important conclusion that chemical equilibrium resulted from a balance between 
forward and reverse reaction rates, rather than being a static condition. Their 
particular studies dealt with the hydrolysis of sugars and of esters, but the general 
conclusion was that for a reaction such as 

the forward and reverse reaction rates must be equal at equilibrium. These rates 
were taken to be proportional to the concentrations, in what is known as the law of 
mass action. Thus for the preceding reaction 

N a 2C 0 3 + CaCl2 -> CaCQ3 + 2NaCl 

A + Β = Μ + Ν (7-1) 

backward rate = R\> 

forward rate = Rt fcf(A)(B), 

fc„(M)(N), 

(7-2) 

(7-3) 
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where the parentheses denote concentrations. At equilibrium Rf = R^ , and on 
equating the respective expressions, we find 

fcb (A)(B) 

A more general formulation for a chemical reaction is 

aA + 6B + ··· - mM + «N + ··· (7-5) 

and the corresponding equilibrium constant becomes 

( M )
m
( N )

n
 ··· 

*
 =

 ( A ) W - *

 ( } 

The constant Κ is known, in this context, as the mass action equilibrium constant. 
In more modern language, the contribution of the mass action approach was in 

establishing that, experimentally, an equilibrium system is one in dynamic balance. 
The important consequence is that a small change in condition, such as that 
caused by the addition or removal of one of the reactants or products, shifts the 
position of equilibrium accordingly. The same is true for a small change in tem
perature or pressure. Such changes are therefore reversible ones. Since they do not 
occur spontaneously, the free energy of the system is at a minimum, by the criterion 
for equilibrium of Section 6-6B. 

One of the initial difficulties was in distinguishing between amount as such and 
concentration. Berthollet's reaction was between a concentrated NaCl solution 
and the C a C 0 3 present in limestone or as a solid. The problem was in recog
nizing that the equilibrium depends on the amount of sodium chloride present, 
since this does affect its concentration, but does not depend on the amount of 
limestone, since this does not affect the concentration of C a C 0 3. After a period 
of some confusion, it was realized that the mass action formulation had to be 
phrased in terms of "active masses" or concentrations. Another early problem lay in 
understanding the role of catalysts. If a catalyst can change the rate of a reaction, 
might it not also change the position of equilibrium ? One of the important contri
butions of thermodynamics to chemical equilibrium studies is the conclusion that 
the free energy change for a chemical reaction is determined by the states of the 
reactants and products and is therefore independent of path. As a consequence, 
the position of equilibrium cannot be affected by a catalyst; some further analysis 
of this point is given in the Commentary and Notes section. 

Another difficulty with the mass action approach is that rates will not necessarily 
be given by the simple mass action law based on the overall reaction, such as Eqs. 
(7-2) and (7-3). As will be seen in Chapter 14, the actual rate law depends on the 
detailed reaction path or mechanism. Thus, the equilibrium constant written in 
terms of concentrations, or the mass action equilibrium constant, is not in general 
simply related to the separate expressions for the experimental forward and reverse 
reaction rates. The thermodynamic approach, however, deals only with initial and 
final states, so that this treatment of chemical equilibrium by-passes questions of 
reaction mechanism. In effect, the application of thermodynamics to chemical 
equilibrium separates the subject from that of chemical kinetics. 

The treatment of chemical equilibrium is restricted in this chapter to reactions 
involving gases only, or gases and pure solid phases. The thermodynamics is quite 
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7-2 The Thermodynamic Equilibrium Constant 

The formal statement of the free energy change accompanying a chemical 
reaction such as that of Eq. (7-5) is 

AG = (mGM + nGN + ) — (aGA + bGB + ···). (7-7) 

In the case of a gaseous species the molar free energy is given by Eq. (6-49), which 
is, in integrated form, 

G = G° + RT In P. (7-8) 

G° is the molar free energy of the gas in its standard or reference state of unit 
pressure, ordinarily taken to be 1 atm. Equation (7-8) applies to an ideal gas; 
for nonideal gases, fugacity / r ep laces P, as discussed in the Special Topics section. 
Equation (7-7) becomes 

AG = (mGM° + «GN° + ···) - (aGA° + bGB° + ) 

+ RT[(m\nPM + n\nPN+ ···) - (a In PA + b In PB + ·;·)] (7-9) 

if we assume that only ideal gases are involved and that the process is written for 
some constant temperature T. Equation (7-9) reduces to 

ρ mp η ... 
AG = AG

0
 + RT\n ~ ~ = AG

0
 + RTln Q, (7-10) 

PA "B "' 

where AG
0
 is the free energy change when the reaction occurs with the reactants 

and products in their standard states of 1 atm. The equation is a general one, in 
the sense that it gives the free energy change when the process occurs with pressures 

, , PA > ? and so on, defining some arbitrary value of Q. 
The general case will not be one of chemical equilibrium, and reaction in one 

direction or the other will occur spontaneously so as to reduce the free energy of 
the system to a minimum. At this point AG will be zero for any small degree of 
reaction in either direction and the system will be in equilibrium. Equation (7-10) 
becomes 

AG
0
 - -RTlnKp, (7-11) 

where KP is the equilibrium value of β , and is the thermodynamic equilibrium 
constant for the reaction. 

It should be appreciated that any set of individual pressures which combine to 
give the value of KP will represent an equilibrium system. Alternatively, KP is 
determined by AG

0
, which depends only on the standard-state free energies of the 

reactants and products and is a constant for the system. However, AG
0
 and hence 

KP will vary with temperature, as discussed in Section 7-4. The value of AG
0
 is a 

measure of the tendency of the reaction to occur. If it is large and negative, KP is 

general, however, and is applied to solution equilibria in Chapter 12 with only 
minor modifications in terminology. 
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a large number, and at equilibrium the concentrations of products will be large 
compared to those of the reactants. Conversely, if AG

0
 is a large positive number, 

KP will be small, and the degree of reaction will be small at equilibrium. Finally, 
Eq. (7-11) relates equilibrium constants to the general body of thermodynamic data. 
Free energies for individual substances may be obtained from spectroscopic 
information through the methods of statistical thermodynamics so that equilibrium 
constants can be calculated indirectly (Section 7-8) or measured equilibrium 
constants can be given a thermodynamic interpretation. 

The equilibrium constant for a reaction involving ideal gases may be expressed 
in several alternative forms. Since Pt = (nJN)P, where Ν and Ρ are, respectively, 
the total moles present and the total pressure at equilibrium, it follows that 

yt m™ η . . . / ρ \ An / ρ x An 

where An denotes the number of moles of products minus those of reactants. Since 
KP is independent of pressure, it is evident that Kn must be a function of pressure. 
Therefore Kn is not a true equilibrium constant; it is useful, however, as an inter
mediate quantity in equilibrium constant calculations. Similarly, we have 

γ ηΐγ η ... 

Κρ = Ρ
Δη
 = κ*Ρ

Δ
\ (7-13) 

where χ denotes mole fraction; Κχ , like Κη , is a function of pressure. 
We may also express KP in terms of concentration since C = n/\ = P/RT. 

We obtain 
C m(~* η ... K

P = r a r \ (
R T

)
An

 = KciRTY", (7-14) 

where Kc , like KP , is independent of pressure and is a true equilibrium constant. 
It is customary to specify units. Thus the units of KP will usually be (a tmosphere)

Jn 

and those of Kc , (moles per l i t e r )
Jn
 (see Commentary and Notes). 

It is important to remember that an equilibrium constant is written for a specific 
reaction. Thus we have 

2 H 2 + 0 2 = 2 H 20 , KP =
 H

' ° (a tm)-
1 

H / O . 

H2 + i 0 2 = H 20 , KP' = p

 2

pl/2 (a tm)"
1
/
2
. 

H2 0 2 
Halving the scale of a reaction halves the value of AG

0
 and makes the new equilib

rium constant the square root of the original one. A related aspect is that of 
adding or subtracting equations. One adds or subtracts AG

0
 values, as with other 

Δ quantities, and therefore multiplies or divides the corresponding KP's. For 
example, 

(a) H20(g) + C(s) = COte) + H2te) 

(b) H2te) + io2(g) = n2o(g) 

(c) = (a) + (b) C(5) + i02(g) = COte) 

It follows that J G ? a) + AG°ih) = AG°{C) and ΚΡωΚΡ{1)) = KPic) . 
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7-3 The Determination of 
Experimental Equilibrium Constants 

A. Experimental Procedures 

Equations (7-12)—(7-14) provide alternative specifications for the quantities that 
must be determined for an equilibrium system. Since KP varies with temperature, 
we assume that the temperature has a known, specified value. Several types of 
experimental approaches are used. A direct one is simply to analyze an equilibrium 
mixture by chemical means. It is necessary, of course, that the equilibrium not 
shift during the process of analysis, which means that the reaction must be slow. 
This will be the case if the equilibrium is being studied at some high temperature 
and samples of the equilibrium mixture are cooled suddenly, or "quenched." The 
effect is to freeze the system at its equilibrium composition, so that analyses may 
be made at leisure. Alternatively, if a catalyst is used to hasten equilibration, then 
removal of the catalyst makes chemical analysis possible. As an example, the 
reaction 

H 2 + I 2 = 2HI (7-15) 

is rapid at high temperatures or in the presence of a catalyst such as platinum 
metal. A sample of the mixed gases, cooled rapidly to room temperature and away 
from the catalyst, is now just a mixture of nonreacting species. The I 2 and HI can 
be absorbed in aqueous alkali and analyzed and the hydrogen gas determined by 
gas analysis methods. 

The overall composition of an equilibrium mixture is usually known from the 
amounts of material mixed. In the example here if the initial mixture consists of 
certain definite amounts of hydrogen and iodine, then analysis of the hydrogen in 
the equilibrium mixture suffices. The amount of hydrogen lost indicates the number 
of moles of HI produced and the amount of I2 reacted and hence the number of 
moles of I2 remaining. Equation (7-12) then gives KP if the total pressure of the 
equilibrium mixture is known. 

It is often possible to determine the equilibrium composition without disturbing 
the system. For example, the concentration of the various species may be found 
from some characteristic physical property. Thus I2 vapor has a distinctive absorp
tion spectrum and measurement of the optical density of an equilibrium mixture at 
a suitable wavelength gives the I 2 concentration directly. Such a measurement, in 
combination with the initial composition, allows calculation of the concentrations 
of H 2 and of HI, and hence of Kc . The equilibrium 

N 2o 4 = 2 Ν θ 2 (7-16) 

can be followed by magnetic susceptibility measurements. Nitrogen dioxide is 
paramagnetic, while N 20 4 is diamagnetic. 

Methods such as the preceding are specifically tailored to the individual system; 
they have in common that the amounts or concentrations of specific species are 
determined. The degree of reaction may also be found from the P-y-T properties 
of the equilibrium mixture provided that Δη is not zero. Thus the density of an 
equilibrium mixture gives its average molecular weight: 

(7-17) 
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β. Effect of an Inert Gas on Equilibrium 

It might be supposed that, by definition, an inert gas should have no effect on 
an equilibrium. This is true in the sense that the presence of the inert gas does not 
affect KP . Further, if one has an equilibrium mixture contained in a vessel at a 
given Ρ and T, then introduction of an inert gas in no way affects the equilibrium 
composition (assuming ideal gas behavior). This is the intuitive expectation and it 
may also be shown to follow from Eq. (7-12). Addition of the inert gas increases 
both Ρ and Ν but their ratio .remains constant, and hence so does Kn . The numbers 
of moles of reactants and products remain the same. 

If, however, inert gas is added, keeping the pressure constant, then Ν increases 
but not P. Therefore Kn must increase if Δη is positive and decrease if Δη is negative. 
In other words, if the number of moles increases with the degree of reaction, then 
the equilibrium must be shifted toward more reaction on dilution with the inert 
gas. Thus the degree of a reaction such as (7-16) should increase on dilution with 
an inert gas at constant pressure. Conversely, the degree of a reaction such as the 
following should decrease on such dilution: 

3 H 2 + N 2 = 2 N H 3. (7-19) 

The effect of adding an inert gas at constant pressure is to increase the volume 
of the system and the results are just the same as if the equilibrium mixture were 
expanded into the larger volume. With no inert gas now present the total pressure 
decreases, and by Eq. (7-13), the mole fractions of products must increase if Δη is 
positive and decrease if Δη is negative. 

C. Some Sample Calculations 

The algebraic techniques for obtaining an equilibrium constant from experi
mental data generally require use of the stoichiometry of the reaction. In the 
experience of this writer, a good approach is to set up statements for the various 
mole numbers and first to evaluate Kn . Where intensive quantities such as density 
are given it may be useful to assume a certain amount of equilibrium mixture; the 
assumption should later cancel out. Also, a convention that is very helpful is to 
express by n° the amount of a species that would be present were the mixture 
entirely unreacted. 

Suppose that the equilibrium of Eq. (7-16) is studied. When 9.2 g of N 0 2 is 
introduced into a 36-liter flask at 25°C, the equilibrium pressure is found to be 
0.1 atm. From the ideal gas law, Ν = (0.100)(36)/(0.082056)(298.15) = 0.147. The 
material and mole balance statements are 

0.2 = « No 2 + 2 « N 2o 4, 0.147 = ηΝθ2 + « Ν 2 θ 4, 

In the case of Eq. (7-16), we have 

M av = 4 6 χ Ν θ2 + 9 2 x N ao 4 = 92- 4 6 χ Ν θ2 (7-18) 

and so a determination of M av gives χ Ν Οζ and * N 2O 4 · Substitution into Eq. (7-13) 
gives KP . This approach would not work for reaction (7-15); since Δη = 0 the 
average molecular weight does not change during the course of the reaction. 
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whence % 2o 4 = 0.053, « Ν θ2 = 0.094, and 

Ρ (Ό.094Ϊ
2
 0 1 

* '

 =
 ^ = W O I i 7 =

 0
-

1 13 a t m
- (

7
"

2
° ) 

Alternatively, only the equilibrium density and pressure might be known, 0.256 g 
l i t e r

-1
 and 0.1 atm, respectively, in this case. From Eq. (7-17), Mav = (0.256) 

(0.0821)(298.2)/(0.1) - 62.7. We now write 

62.7 = 4 6 * Ν θ2 + 92xN 2o4 or 1.36 = χ Ν θ2 + 2*N 2o4 
whence * N 02 = 0.64, * Ν 2 θ4 = 0.36, and 

KP=KXP = ^ f i ! ( U = 0 . 1 1 3 atm. 

Reactions such as Eq. (7-16), in which a single species dissociates into products, 
are often characterized by a degree of dissociation OL. We write 

« N 20 4 = « N 20 4( 1 - «), « NO 2 = « N 20 4( 2 a ) , Ν = « & 2O 4( l + OC). 

The equilibrium constant expression is 

4 " N , c > y Ρ 4 α

2 

^ = ^ — 7 Γ
1
 \ ο / ι ι \ ~ 1 fP = 0.113 atm. (7-21) 

» N 2o 40 -

 Α
) " Ν 2Ο 40 + α) 1 - cx

2 

For this example, since Ρ = 0.1 atm, a = 0.470. If the equilibrium pressure were 
1 atm, then a would be 0.166. As expected from the preceding discussion, an 
increase in pressure shifts the equilibrium to the left. 

Suppose, finally, that we take the original equilibrium mixture, with Ρ = 0.1 
atm, and add inert gas at constant pressure until the volume is 50 liters instead of 
the original 36 liters. The various statements of mole numbers become 

RT
N02

 = W
N 0 2 >

 W
N 20 4 —

 W
N 20 4 è

W
N OA =  0. 1 J

W
N 0 2 » 

ng =  « g(inert gas) , Ν = ng + 0Λ + J « NQ 2 . 

The total number of moles Ν is also given by the ideal gas law, Ν = (0.1)(50)/ 
(0.0821)(298) = 0.205. Substitution into Eq. (7-12) gives 

« N O 2 0.1 

K p= 0 . 1 1 3 = 0 1_ έ „ Ν θ2 0 2 05 · 

On solving for ηΝθ2, we obtain 0.105, or a = (0.105)/(2)(0.1) = 0.525. Thus the 
degree of dissociation has increased from 0.470 to 0.525 on dilution with the inert 
gas. 

A second illustration can be based on reaction (7-19). A mixture of hydrogen and 
nitrogen in a 3:1 mole ratio is passed over a catalyst at 500°C. KP = 2.49 X 1 0 "

5 

a t m
- 2

. What should the total pressure be if the mole fraction of ammonia in the 
equilibrium mixture is to be 4 0 % ? Again it is convenient to set up a table of mole 
quantities, letting y denote the number of moles of ammonia present in a sample of 
equilibrium mixture which consists initially of three moles of hydrogen and one 
of nitrogen : 

« N H , = y, « H 2 = 3 - i y , «N2 = 1 — iy, Ν = 4 - y, 
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where «H2

 a n
d
 w

N 2 are given by the stoichiometry of the reaction. We want yjN 
to be 0.4, or y 1(4 — y) = 0.4, whence y = 8/7 and Ν = 20/7 moles; nH2 is then 
9/7 and « Na = 3/7. Inserting these values into Eq. (7-12) gives 

2 40 ν i n - =
 ( 8 / 7 )

* (
2 Q

/
?
)
2
 - Ihll X

 (9/7)
3
(3/7) Ρ

2
 ~~ P

2
 ' 

Recall that J « = —2 in this case; note also that the denominators for the various 
mole numbers cancel out. The result obtained, Ρ = 686 atm, is thus independent 
of the original choice of amount of reaction mixture. See, however, Section 7-ST-l. 

As a final example, consider the reaction 

PCh(g) = PCl3fe) + C\2(g). (7-22) 

An equilibrium mixture consists of 1 mole of each species, in volume V and at 
temperature T. Three and one-third moles of Cl2 are now added, keeping Ρ and Τ 
constant. Calculate the number of moles of Cl2 present when equilibrium is 
reestablished. Obtain also the ratio of the final to the original total volume. For the 
original mixture 

0 ) 0 ) Ρ _ Ρ Κ ρ = 
1 3 3 

We let y equal the number of moles of PC13 in the new equilibrium mixture, so that 
1 — y gives the PC13 lost as a result of the shift in equilibrium to the left. The table 
of mole quantities is 

« P C I3 = y> "PCI5 = 1 + (1 - y) = 2 - y, 

nCi2 =l+H-(l-y) = 3± + y, Ν = + y. 

We then have 

Ρ = y(H + y) Ρ 

3 2 - y 5i + y' 

The pressure cancels out, and on solving for y we obtain y = §. The total number 
of moles present is then 5 | + f = 6, as compared to the original three moles. 
Since the pressure has remained constant, the volume must have doubled. Had no 
reaction occurred, the added Cl2 would have increased the total number of moles 
to 3 + 3 | = 6J. 

7-4 The Variation of KP with Temperature 

One of the valuable features of Eq. (7-11) is that it permits a thermodynamic 
treatment of the variation of KP with temperature. According to Eq. (6-45), 
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If this result is applied to each term in Eq. (7-7), we get 

Equation (7-23) holds for AG
0
 as well, so we have 

We can thus obtain the standard entropy change for a reaction from the tempera
ture coefficient of AG

0
. 

Alternatively, we have 

m , - - ? ° + T ( 4 a - - > + r a > <7-25> 
By definition, G = H — TS, so Eq. (7-25) becomes 

Since a chemical reaction is written with each substance at the same temperature, 
Eq. (7-26) can be applied to Eq. (7-7) term by term to give 

and also 

[ 8τ \Ρ

=~Ύ^· (7"28) 

Substituting the expression for AG
0
 from Eq. (7-11) gives 

d(\n KP) AH° 
dT ~ RT

2
 ' 

(7-29) 

The restriction of constant pressure is not required for ideal gases. Equation (7-28) 
is usually called the varft Hoff equation, after a famous Dutch physical chemist. 
Since dT/T

2
 = —d(l/T), an alternative form is 

d(ln Kp) _ _AIP 
d(\/T) " R *

 l /
°
 ; 

Equation (7-29) provides some immediate qualitative information. If AH
0
 is 

negative, so that the reaction is exothermic, then KP decreases with increasing 
temperature. Conversely, a positive AH

0
 means that KP increases with increasing 

temperature. More quantitatively, Eq. (7-30) indicates that a plot of In KP versus 
l/T should be a straight line of slope equal to —AH

0
/R. Integration of Eq. (7-30) 

gives 

\nKP = I - ^ r , (7-31) 
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TABLE 7-1. The PC15 = PC13 + Cl2 Equilibrium" 

T(K) a KP (atm) 

439 0.124 0.0269 
443 0.196 0.0329 
462 0.244 0.0633 
485 0.431 0.245 
534 0.745 1.99 
556 0.857 4.96 
574 0.916 9.35 
613 0.975 40.4 
α
 Adapted from E. A. Moelwyn-Hughes, "Physical 

Chemistry," 2nd revised ed., p. 998. Pergamon, Oxford, 
1961. 

where / is an integration constant, or if carried out between limits, 

KP τ9 AH
0
 , 1 1 χ 

By way of illustration, some data from Holland (1913) on the equilibrium for the 
dissociation of P C 1 5, Eq. (7-22), are summarized in Table 7-1 and plotted according 
to Eq. (7-31) in Fig. 7-1. From the plot, KP = 10 atm at l/T = 1.73 χ 10~

3
 and 

0.1 atm at l/T = 2.15 X 10~
3
 and the slope is therefore (log 10 — log 0.1)/ 

(1.73 — 2.15)(10"
3
) = - 4 . 7 6 χ 10

3
. Then 

AH° = (2.303)(1.987X4.76 Χ 10
3
) = 21,800 cal. 

The foregoing integration assumed that AH
0
 was itself independent of tempera-



7-5 GAS-SOLID EQUILIBRIA 237 

ture. As discussed in Section 5-6, this is not strictly correct, since ACP° will not in 
general be zero. Equation (5-29) may be written in the form 

ΔΗτο = Β + AaT + —y— — , (7-33) 

where Β is a constant of integration. The formal integration of Eq. (7-29) gives 

Β Δα Ab Δε 1 

In order to use Eq. (7-34), we must know ΔΗ
0
 at some one temperature so as to 

determine B, and KP at some one temperature so as to evaluate the integration 
constant / . In addition, of course, the coefficients Δα, Ab, and Ac for the tempera
ture dependence of the heat capacity of reaction are needed. The application is 
tedious, although straightforward. A more elaborate but ultimately more con
venient approach was described in Section 6-ST-3. 

7-5 Gas-Solid Equilibria 

A special case of heterogeneous equilibrium is that between a pure solid phase 
(or phases) and a gas (or mixture of gaseous products). Consider, for example, 
the reaction 

CaCO30) = CaOW + C02(g). (7-35) 

The expression for the AG of reaction is 

AG = G°co2 + RTln PCQ2 + G
0

CaO - G
0

CaCO3 (7-36) 

or 

AG = AG
0
 + RTln PCo2 · (7-37) 

At equilibrium AG = 0 and 

AG»= -RT\nPC02. (7-38) 

The equilibrium constant for the reaction is simply KP = P Co 2 · However 
—RT hi Κ ρ = AG

0
, which involves the standard free energies of all three 

substances. The point is that unless C 0 2 is in equilibrium with both CaC03(^ ) and 
CaO(s), its pressure will not correspond to KP . With only one gaseous species 
present there is an all-or-nothing aspect to the equilibrium. If CaO(^) is exposed 
to a pressure of C O a less than the KP value, no CaC03(,s) forms at all. If the pressure 
is increased to the equilibrium value, then further addition of C 0 2 results in con
version of CaO(.s) to CaCOaCs), the pressure remaining constant. Once the con
version is complete, the C 0 2 pressure may increase again. The situation is illustrated 
graphically in Fig. 7-2(a), which shows the phases present for systems of various 
overall compositions and pressures. The system might, for example, be contained 
in a piston and cylinder arrangement at constant temperature. For system 
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compositions lying between CaO and C a C 0 3 if Ρ is greater than KP , then no gas 
phase is present at all but just a mixture of the two solids. 

The corresponding temperature-composition diagram is shown schematically 
in Fig. 7-2(b), for a system under 1 atm pressure. The equilibrium pressure KP is 1 
atm at T0. Below this temperature a system of overall composition xx consists of 
just C 0 2 and C a C 0 3. When heated to T0, the C a C 0 3 decomposes to give more 
C 0 2, plus CaO, and above T0 only the last two phases are present. A system of 
overall composition x2 initially consists of C a C 0 3 and CaO; again the former 
dissociates at T0, and above T0 only C 0 2 and CaO are present. Diagrams of this 
type thus have the aspect of a phase map. They are discussed further in Chapter 8 
(on liquids) and in a more formal way, in Chapter 11 (on the phase rule). 

As another example of solid-gas equilibrium, KP for the reaction 

NH4HS(5) = NH3te) + H2Ste) (7-39) 

u s 

Kp — ^ N H / H 2: (7-40) 

As in the preceding case, solid N H 4H S must be present in order for the ammonia 
and hydrogen sulfide pressures to be equilibrium pressures. One may also phrase 
KP in terms of the total dissociation pressure above NH4HS(.s). Since N H 3 and 
H2S are formed in equal amounts, the pressure of each is half of the total pressure, 
so we have 

KP = I P
2
. (7-41) 

A third example will serve to illustrate an important point in stoichiometry. 
For the decomposition of methane KP = 20.5 atm at 800°C: 

CH,(g) = C(s) + 2H2te), KP = j ^ - = 20.5. (7-42) 
~ C H4 

Suppose that we initially have 3 mole of C H 4 in a 5-liter vessel at 800°C and wish 
to calculate the number of moles of each species at equilibrium. Let y be the 

£ ΑΡ 

c o 2 CaO 
+ + 

C a C 03 C a C 03 

C 0 2 + CaO 

ι ι 
C 0 2 xl C a C 0 3 CaO 

(a) 

C 0 2 + CaO 

1 • 
1 

c o 2 + CaO 1 + 
1 

C a C 03 1 
1 

1 
C a C 03 1 

1 C 0 2 xx C a C 03 x2 CaO 

(b) 

F I G . 7-2. The system C02-CaO. (a) Pressure versus composition, (b) Temperature versus 
composition. 
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number of moles of H 2 present. Then we have 

« H 2 = } " C H 4 = 3 - \y, Ν = 3 + \y. 

Also PjN = RT/V= (0.0821)(1073)/5 = 17.6 atm mole"
1
. Substitution into 

Eq. (7-12) gives 

20.5 = -
 y

 x 17.6, 

from which y = 1.60. Then Ν = 3.80 and Ρ = Π.6Ν = 66.9 atm. The number of 
moles of C H 4 are 3 — \y or 2.20, so 0.80 mole has decomposed, and nc is therefore 
0.80. 

We next wish to compute how much hydrogen gas should be introduced into 
the same 5-liter vessel at 800°C in order to just convert 3 mole of carbon into 
methane. We first observe that there will then be 3 mole of methane, so that 
pCĤ = 3(17.6) = 52.8 atm. Since the carbon is to have just disappeared, the 
hydrogen pressure will be the equilibrium pressure, or P&2 = KPPĈ — (20.5)(52.8), 
P Ha = 32.9 atm, and nH2 = 32.9/17.6 = 1.87 mole. The total number of moles of 
hydrogen required is then 1.87 plus the number of moles required to convert the 
carbon to methane, or plus an additional 6 mole, for a total of 7.87 mole. Thus the 
stoichiometry of the reaction must be considered as well as the equilibrium pressure. 

7-6 Le Châtelier's Principle 

A principle put forth by H. Le Châtelier about 1890 reads as follows: A change 
in a variable that determines the state of an equilibrium system will cause a shift in 
the position of the equilibrium in a direction tending to counteract the effect of the 
change in the variable. We can see qualitatively that this principle must hold quite 
generally. Were the opposite to hold, namely, that a small change in a variable 
would cause a shift which magnified the effect of the change, then equilibrium 
systems would never be stable. A small fluctuation in condition would lead to a 
large change, which is contrary to observation. 

Specific applications of Le Châtelier's principle to gas equilibria follow. First, 
it was observed in Section 7-3B that if an equilibrium system is diluted or expanded, 
then a shift occurs such as to increase the number of moles of gas present and 
therefore such as to oppose the effect of the expansion. That is, owing to the shift, 
the change in pressure on expansion is less than it would be otherwise. The examples 
of Sections 7-3C and 7-5 illustrated the point that addition of a product causes a 
shift in the equilibrium to the left, or such as to consume some of the added species. 
Thus addition of Cl2 to the PC15-PC13-C12 equilibrium causes more PC15 to form, 
and the addition of hydrogen to carbon causes the formation of methane. 

The effect of temperature also obeys Le Châtelier's principle. As noted in Section 
7-4, if heat is evolved by the reaction, then an increase in temperature shifts the 
equilibrium to the left, or in the direction such as to absorb heat and thus reduce 
the change in temperature that a given amount of heating would otherwise produce. 
Conversely, if the reaction absorbs heat, addition of heat to the system shifts the 
equilibrium to the right. 



240 CHAPTER 7: CHEMICAL EQUILIBRIUM 

7-7 Free Energy and Entropy of Formation 

Free energies of formation are defined in the same way as were enthalpies of 
formation in Section 5-5, and a number of values are given in Table 7-2. The 
combined Tables 5-2 and 7-2 allow a calculation of entropies of formation from 
the relationship 

J G f° = AHi° - TASt
0
. (7-43) 

The use of AGt° values is similar to the use of AHf° values. 

As an illustration, the example used in Section 5-5A on the calculation of the enthalpy of 
hydrogénation of ethylene may be repeated using free energies of formation. The reaction is 

C2H4te) + H2(g) = C2H,(g). (7-44) ΔΟ
°298 = -7 .860 - 16.282 = -24.142 kcal. The corresponding ΔΗ%98 was previously found 
to be -32 .74 kcal, and by Eq. (7-43), AS°298 = [(-32,740) - (-24,142)1/298.2 = -28 .83 cal 
Κ"

1
. Also, from Eq. (7-11), In KP = 24,142/(1.987)(298.2) and KP = 4.96 x 10

17
 atm"

1
. (See 

Commentary and Notes regarding the use of units at this point.) 
If we ignore the complication of the ACP° for the reaction and assume that ΔΗ

0
 is constant, 

then we may use Eq. (7-32) to obtain KP at some other temperature, say 200°C. We have 

ln *ρ,2οο°ο _ 32,740 (_1 1 _ \ 
^p.25«c (1.987) \298.2 473.2/ 

= -20 .43 

T A B L E 7-2. Standard Free Energies of Formation* 

^ ? , 2 98 
Substance (kcal mole

- 1
) Substance (kcal mole

- 1
] 

AgCl(s) -26.224 H20(/) -56.6902 
Br2te) 0.751 H2Ofe) -57.6357 
C(diamond) 0.6850 HClfe) -22.769 
C(graphite) (0.000) 
CaC03(5) -269.78 HBrte) -12 .72 
CaO(5) -144.36 
CO(g) -32.8079 0.31 
C02(g) -94.2598 KC1(J) -97.592 

cn,(g) 
-12.140 NaCl(j) -91.785 

c2n2(g) 
50.000 Ν Η 3Ω -3 .976 

C2H4te) 16.282 NOte) 20.719 
C2H6fe) -7 .860 N02f e ) 12.390 
C3H8te) 17.217 Os(g) 39.06 
C A ( 0 29.756 Pfe) 66.77 
C2H6te) -7 .860 PCl3te) -68 .42 
C2H5OH(/) -41.77 PClefe) -77.59 
CH3COOH(/) - 9 3 . 8 S(rhombic) (0.000) 
COS) - 1 6 . 4 S(monoclinic) 0.023 
Fe203(s) -177.1 so2(g) 

-71.79 
Glycine, 

H2NCH2COOH(i) -88.61 so3(^) -88 .52 
Glyc ine^) - 8 9 . 1 
Glycylglycine(a^) -117 .3 

a
 Data from F. A. Rossini et al, Selected Values of Chemical Thermodynamic 

Quantities, Nat. Bur. Std. Circ. No. 500. U. S. Govt. Printing Office, 
Washington, D.C., 1959; F. W. Carpenter,/. Amer. Chem. Soc. 82,1111 (1960). 

file:///298.2
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whence KPt200oC = 6.62 x 10
8
 atm. As expected from Le Châtelier's principle, KP decreases 

with increasing temperature. 

It was noted in Section 6-CN-3 that we may obtain absolute standard entropies 
thermochemically, using heat capacity data close to 0 Κ and assuming the third 
law of thermodynamics. A number of values so determined were given in Table 
6-2. The study of chemical equilibria interacts with such results in two ways. First, 
the temperature dependence of measured equilibrium constants gives experimental 
values for AS

0
 of reaction. These may then be compared with the values calculated 

from third law entropies, and one of the major evidences of the validity of the 
third law is the excellent agreement that has resulted. (The other is the agreement 
between thermochemical and spectroscopic absolute entropies.) 

The second interaction is that if AS
0
 is found experimentally for a reaction for 

which absolute entropies are known for all but one species, then the absolute 
entropy for this additional species can be calculated. A large number of the entries 
in the tables of absolute entropies have been obtained in this way. Just as an 
illustration, the absolute entropies for H 2( g ) and C 2H 4( g ) are 31.21 and 52.45 
cal Κ "

1
 m o l e

- 1
, respectively, at 298 K. The experimental AS%98 was found to be 

—28.8 cal K ~
1
 m o l e "

1
 for reaction (7-44); hence 

^ 9 8[ C 2H 6( ^ ) ] = - 2 8 . 8 + 31.21 + 52.45 = 54.86 cal Κ "
1
 m o l e "

1
. 

COMMENTARY AND NOTES 

7-CN-l Chemical Equilibrium 
and the Second Law of Thermodynamics 

Equations (7-29) and (7-30) constitute one of the major triumphs of the second 
law of thermodynamics. The connection between the temperature dependence of 
an equilibrium constant and the enthalpy change of a reaction is not otherwise 
deducible and provides a means for obtaining a calorimetric quantity, AH°, from 
equilibrium constant data, that involves only measurements of equilibrium con
centrations. The equations provide a means for verifying the second law, since the 
AH

0
 of a reaction obtained using them should be the same as the directly deter

mined calorimetric value. A number of such checks have been made, and three 
examples are given in Table 7-3. Since An = 0 for the reactions in question, 

TABLE 7-3. Comparison of Second Law and Calorimetric Heats of Reaction
11 

Reaction ^ P . 2 9 8 

J£°(kcal) 

Second law Calorimetric 

2HC1 = H2 + Cl2 5.50 χ 1 0- 3 4 43.96 44.0 
2HBr = H2 + Br2 1.05 χ i o -

19 
24.38 24.2 

2HI = H2 + I2 5.01 χ i o -
4 

2.95 2.94 
α
 Adapted from E. A. Moelwyn-Hughes, "Physical Chemistry," 2nd revised ed., 

p. 994. Pergamon, Oxford, 1961. 
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AH
0
 = ΔΕ

0
. It is quite likely that the calculated AE° values are more accurate than 

the directly measured ones, but the two agree within experimental error. 
Another application of the second law yields the conclusion that a catalyst 

cannot affect the equilibrium constant for a reaction. Consider the situation 
illustrated in Fig. 7-3. A reaction A + Β to give products Μ + Ν ordinarily 

proceeds by some direct path. Alternatively, it may occur with the aid of a catalyst. 
Thus the reaction H 2 + I2 = 2HI is a direct reaction, but it may also be catalyzed 
by platinum metal. Suppose that, as indicated in the figure, the catalyst affects 
only the forward reaction. In its presence, the sum of the forward rates would 
clearly be larger than otherwise, while the backward rate would be unchanged. 
The position of equilibrium would therefore shift to the right, by the law of mass 
action. If we suppose further that the reaction produces heat q when it occurs, then 
a violation of the second law would be possible. We first allow equilibrium to be 
reached without the catalyst (Pt, in the case of the formation of HI), and then add 
the catalyst, and heat 8q is produced as the equilibrium is shifted. This heat is 
used to run a machine, and thus do work, cooling the system back to its original 
temperature in the process. We then remove the catalyst and the equilibrium shifts 
back. Heat 8q is now extracted from the surroundings, which must warm the 
system back to the ambient temperature. A cycle has therefore been completed for 
which the net effect has been the isothermal conversion of heat energy into work, 
and a perpetual motion machine of the second kind has been found. 

We conclude that the supposed situation is impossible and that the catalyst must 
accelerate the forward and backward reactions equally. A catalyst is simply a 
chemical intermediate that is regenerated and hence not consumed in the reaction; 
it is in this respect no different from any reaction intermediate through which the 
reaction can proceed. We also conclude that for any reaction path the forward and 
backward rates must be the same at equilibrium. Further, if a reaction can occur 
by two or more different paths, catalyzed or not, at equilibrium the molecular 
traffic must be balanced for each path separately. This general conclusion is known 
as the principle of microscopic reversibility. It will be of use in Chapter 14 (on 
chemical kinetics). 

A minor point has to do with the use of unit designations for equilibrium 
constants. It was mentioned in Section 7-2 that KP is usually given in atmosphere 
units and Kc in moles per liter units. Equation (7-11) relates In KP to and 
there appears to be a difficulty since it is mathematical nonsense to take the 
logarithm of a quantity having dimensions. One is, in effect, taking the base e to a 
power expressed in atmospheres, which is meaningless; all exponents must be 
dimensionless numbers. The problem traces back to Eq. (7-8), which, in turn, was 
obtained by integration of Eq. (6-48): 

Catalyst 

A + B Μ + Ν (+q) 

F I G . 7 - 3 . 

The limits of integration used in obtaining Eq. (7-8) were from Ρ = 1 atm and 
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G = G
0
 to P and G, so the more precisely stated result is 

Gt = Gt° + RTln-r^—. 
1 1

 1 atm 

Thus, while it is perfectly all right to substitute values of pressures in atmospheres 
in equations such as this, the values are really relative to 1 atm, and hence dimen-
sionless. The statement of units in writing a KP or a KC supplies the necessary 
information as to the unit of pressure or of concentration to which inserted values 
are relative. 

SPECIAL TOPICS 

7-ST-l Effect of Pressure on 
Chemical Equilibria Involving Gases 

There are two quite different ways in which the total pressure of a mixture of 
gases affects the equilibrium. The first was discussed in Section 7-3B and involves 
the Le Châtelier principle. The second, the subject here, involves nonideal behavior. 
The material so far has been developed on the basis that gases are ideal; the assump
tion is a good one for low-boiling gases at pressures around 1 atm. Otherwise 
rather serious errors can develop. 

It was shown in Section 6-ST-2 that a quantity known as the fugacity/functions 
as a thermodynamic pressure. By this is meant that all thermodynamic equations 
calling for the partial pressure of an ideal gas remain exact for nonideal gases 
iffi is used instead. Equation (7-8) then reads 

Gi = G,° + RT I n ( 7 - 4 5 ) 

and on carrying through the subsequent derivation, Eq. (7-11) becomes 

AG
0
 = -RT In KF, (7-46) 

where KF has the same form as KP , but with fugacities instead of partial pressures. 
Fugacity is so defined that fx -> PT as Λ -> 0. It follows that KF -> KP as Ρ -> 0. If, 
further, we adopt the convenience of writing ft = γΧΡΧ (see Section 6-ST-2), where 
Yi is the activity coefficient, we have 

mf η ... p m ρ η . . . Λ/ m*, η . . . Λ
'
 = =

 P A' J V - ΥΜ- = Κ ρ Κ ν · ( } 

Since y< -> 1 as Ρ, -> 0, it follows that KY 1 as Ρ -> 0. 
The procedure is to evaluate γ for each species, calculate KY, and then calculate 

KF. Alternatively, if KP is known at low pressures, so that KF C=L KP , one may 
determine KP at high pressures by estimating KY and using Eq. (7-47). Certain 
approximations are tolerated at this point. First, the law of corresponding states 
will begin to fail at very high pressures, as the individual shapes of molecules begin 
to be important. Second, it is usually assumed that in a mixture of gases the fugacity 
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TABLE 7 - 4 . 

Pc (atm) Pr T0(K) Tr Y 

N H3 112.2 6.11 405.5 1.91 0.90 
N 2 33.5 20.5 126.0 6.14 1.35 
H2 12.8 53.6 33.2 23.3 1.29 

of any one component is determined by the reduced pressure of that component, 
based on the total gas pressure. Again at high pressures this assumption will lead 
to some error. The procedure is adequate, however, for most purposes. 

Example. We can continue the example of Section 7-3 on the equilibrium, 3H2 + N 2 = 
2 N H 3, for which KP was given as 2.49 x 10"

5
 at 500°C. This is actually the Kf value (as 

obtained from Tables 6-4 and 6-5). It was calculated that a pressure of 686 atm was required 
if the equilibrium mixture w^s to contain 40% N H 3. We obtain a more correct answer as 
follows. The various values of Pr , Ττ, and γ are summarized in Table 7-4 and we obtain 
Ky = (0.90)7(1.29)

3
(1.35) = 0.280. At this total pressure, then, the value of KP that should 

be used is 2.49 x 10~
5
/0\280 = 8.89 χ 10"

5
 and the equilibrium percent of ammonia should 

be about 50% instead of 40%. 

7-ST-2 Application of Statistical 
Thermodynamics to Chemical Equilibrium 

The various expressions for obtaining the translational, rotational, and vibra
tional contributions to the enthalpy, free energy, and entropy of an ideal gas were 
developed in Section 6-9. Their application to the case of N2(g) at 25°C was illus
trated in Section 6-9C and the statistical thermodynamic calculation of the enthalpy 
change for the reaction 3 H2 + N 2 = 2 N H 3 was carried out in detail in Section 
5-ST-2. 

An important point is that statistical thermodynamics can give the absolute 
entropy of a substance if the translational, rotational, and vibrational partition 
functions are known but cannot give the absolute energy, enthalpy, or free energy. 
The reason is that while the third law allows us to set the entropy equal to zero 
at 0 K, we do not know the energy at 0 K. As a result, the statistical thermo
dynamic calculations yield, for some temperature T, S°, (H° — E0) or (H° — H0°), 
and (G° — E0) or (G° — H0°). The subscript zero denotes values at 0 K, and 
enthalpies and free energies can only be obtained relative to E0 or to H0°. The 
differences H° — H0° and (G° — H0°)/Tare known as the enthalpy and free energy 
functions, respectively. 

The consequence is that if all the partition functions are available, statistical 
thermodynamics can give AS

0
 for a reaction and quantities such as AH° — AH0° 

and AG
0
 — AH0°. It is therefore necessary to have an experimental value of AH

0 

for some one temperature; this allows AH0° to be calculated, and hence AH
0 

and AG
0
, at any other temperature. 

Because of their natural relationship to the statistical approach, the enthalpy 
and free energy functions are now often tabulated instead of free energies of 
formation, as in Tables 6-4 and 6-5. A further advantage is that the quantity 
(G° — H0°)/T varies only slowly with temperature. It is therefore possible to 
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tabulate it for rather widely spaced temperature intervals, and tables of such 
values allow a calculation of a àG° of reaction over a wide range of temperature 
without the awkwardness of Eq. (7-34). The approach using free energy functions, 
although valuable, is somewhat specialized, and is not emphasized here. The 
procedure is detailed in Section 6-ST-3. Yet another way of applying statistical 
thermodynamics to the formulation of equilibrium constants is given in Section 
14-ST-2. 

An alternative and often useful approach is as follows. We can write the standard 
free energy of a substance as 

G° = E0 + GT\ (7-48) 

that is, as the sum of its energy at absolute zero and of the free energy developed 
on raising the temperature to T. The free energy GT° may be calculated, for example, 
from Eqs. (6-79)-(6-81); it may thus be written as a sum of contributions for 
translation, rotation, and vibration as given by the explicit statistical thermo
dynamic expressions. 

We next define a quantity q as 

q = exp( - . (7-49) 

Equation (7-11) may be written as 

Κ = « p ( - ^ r ) (7-50) 

and on using Eqs. (7-48) and (7-49), we obtain 

K=Kqexp(-^), (7-51) 

where KQ is the product and quotient of the q 's for the reaction products and reac
tants; thus for a reaction A + Β = C, Kq = q c/ q A< l B · We can think of q as a statis
tical thermodynamic concentration (sometimes called the rational activity—see 
Section 9-CN-3). 

If the species are all ideal gases, then the expression for q becomes rather simple. 
Thus combination of Eqs. (4-68) and (6-79) gives 

/ 2nmkT \
3
/
2
 1 fn qtrans = ( — £ 2 — j ^ > (7-52) 

provided the standard state is taken to be 1 molecule c m "
3
. Equation (6-90) yields 

8n
2
IkT Τ 

qrot = —fir- = ^ (7-53) 

for a linear molecule and 

7 7 V 2 Γ 8 π

2
( 4 / Λ )

1 / 3
^ η

3 /2 

qrot [ \l J (7-54) 

for a nonlinear molecule, where Ix, Iy , and Iz are the three principal moments of 
inertia and σ is a degeneracy factor defined as the number of equivalent ways of 
orienting the molecule in space. Thus σ Ηζ = 2, σ ΗΙ = 1, σ Η ο0 = 2, a N Hs = 3, 
and o " k e i l z e ne = 12. 

Finally, Eq. (6-92) gives 

qvn, = Π [l - e x p ( - (7-55) 
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where th e produc t i s ove r al l vibrationa l modes , th e zer o poin t energie s bein g 

included i n E 0 .  Th e tota l q  i s the n th e produc t q trans<ïrot<ïvib · 
If Κ is known for a gaseous equilibrium at some one temperature, a calculation 

of ΔΕ0 is in principle possible from spectroscopic values of 0rot and # v ib . One may 
then calculate Κ for any other temperature. 
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EXERCISES 

7-1 Calculate AG
0
 and KP at 25°C for the reaction C(graphite) + 2H2 = C H 4. 

Ans. AG
0
 = -12 ,140 cal, KP = 7.94 x 10

8
 atm"

1
. 

7-2 Calculate AG
0
 and KP at 25°C for the reaction S 0 2 + i O a = S 0 3. 

Ans. AG
0
 = - 16 .73 kcal, KP = 1.84 χ 1 0

12
 atm"

1
'
2
. 

7-3 The value of AG
0
 is -29 .82 kcal for the reaction 2CH4 + C2H2 = /i-C4H10 at 25°C. 

Calculate the free energy of formation of /i-butane at this temperature. 

Ans. —4.10 kcal mole
- 1
. 

7-4 Given the reaction C02(g) + H2fe) = CO(g) 4- H2Ofe), calculate KP, Kn, and Kc if 
after the mixing of 1 mole of C 0 2 and 1 mole of H 2, the equilibrium mixture at 0.1 atm 
and 25°C contains 1.92% by volume of CO. 

Ans. KP = Kc = Kn= 1.59 x 10"
3
. 

7-5 A flask initially contains 1 mole of HI and then equilibrates according to the reaction 
2HI = H2 + I 2. The equilibrium degree of this dissociation is 0.220 at 45°C and 1 atm 
total pressure. Calculate KP. Calculate also the degree of dissociation if the equilibrium 
mixture is allowed to expand until the pressure falls to 0.1 atm. 

Ans. KP = 0.0200; α = 0.220 (unchanged). 

7-6 The value of Kc is 11.39 liter mole"
1
 at 900°C for the reaction 2SOa + 0 2 = 2 S 0 3. 

Calculate the value of KP and the equilibrium composition and pressure if 2 mole of 
SO 3 are introduced into a 50-liter flask at 900°C. 

Ans. KP = 0.1183 atm"
1
, % S 03 = 21.2, 

%SOa = 52.6, % 0 2 = 26.2; Ρ = 5.22 atm. 

7-7 The reaction 4HC1 + 0 2 = 2C12 + 2 H 20 comes to equilibrium in the presence of a suitable 
catalyst. A mixture initially contains 50 mole % of HC1 and of 0 2 and at 480°C, 75 % 
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of the HC1 is converted to Cl2 at equilibrium if the total pressure is 720 Torr. Calculate KP . 
Alternatively, calculate KP from Tables 6-4 and 6-5. 

Ans. 11.92 atm"
1
, 13.3 atm"

1
. 

7 -8 KP changes by 0.200% deg-
1
 (around 100°C) for a certain reaction. Calculate ΔΗ

0
. 

Ans. 553 cal. 

7 - 9 For the reaction 2 S 0 2 + 0 2 = 2 S O s, KP = 1.16 χ 10
3
 atm"

1
 at 800 Κ and 44.1 atm"

1 

at 900 K. Calculate ΔΗ
0
. 

Ans. - 4 6 . 8 kcal. 

7 - 1 0 Calculate KP at 25°C and at 398 Κ for the reaction S Os + CO = S 0 2 + C 0 2. Use 
data from Tables 5-2 and 7-2. 

Ans. 6.09 x 10
3 2

, 4.63 x 10
2 4

. 

7 - 1 1 Verify the plot in Fig. 7-1 of the data in Table 7-1 and the calculated value of ΔΗ
0
. 

7 - 1 2 In a study of the equilibrium 3Fe(s) + 4 H 20 = Fe304(s) + 4H2 it was found that if the 
partial pressure of water vapor is 10.0 Torr, then at 900°C the total pressure of the equilib
rium gases is 24.2 Torr. Calculate KP and the percentage of steam converted at 1 atm to 
H2 when it is passed over iron at 900°C. 

Ans. 4.066, 58.7%. 

7 - 1 3 Calculate KP at 25°C for the reaction 2C(s) + 3Η2(#) = C2H6(#). How many moles of 
hydrogen must be added to a 5-liter flask containing 12 mg of carbon at 25°C in order 
to just convert all of the carbon to C2H6 ? 

Ans. KP = 5.78 χ 10
5
 atm"

2
; 1.83 χ 10~

3
 mole. 

PROBLEMS 

7 - 1 An equimolar mixture of H 2, 1 2( # ) , and HI comes to equilibrium at 25°C. Calculate the 
composition of this mixture. (Note: use Table 6-5 or use Table 7-2 plus the information 
that Δβ°298 for I2(.y) = I2(g) is 4630 cal mole"

1
.) 

7 - 2 The standard enthalpies of formation and absolute entropies at 25°C are —7.590 kcal 
mole"

1
 and 81.81 cal K "

1
 mole"

1
 and - 1 8 . 4 6 kcal mole"

1
 and 70 .00ca lK"

1
 for 

/raw.s-2-pentene and cyclopentane, respectively. Calculate the equilibrium constant for 
the conversion of the former to the latter compound at 25°C. 

7 - 3 Calculate the equilibrium constant for the reaction : 2 glycine(a#) = glycylglycine(^) + 
H 20 at 25°C. 

7 - 4 Assuming that the saturated solution of glycine in water at 25°C is ideal, calculate its 
solubility from the data of Table 7-2. 

7 -5 Let pr be the density of an equilibrium mixture of N 20 4 and N 0 2 divided by the density 
that would be observed at the same temperature and pressure if the N 20 4 were not disso
ciated. Derive an expression for KP involving only pr and the equilibrium total pressure 
P. Find the degree of dissociation α and Kp for an equilibrium mixture if Ρ is 500 Torr 
at 50°C (use Table 5-2). 
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7-6 Determine the ratio of initial partial pressures of S 0 2 and 0 2 that will give the maximum 
yield of S 0 3 in the reaction 2 S 02 + 0 2 = 2 S 0 3, assuming a flask of constant volume and 
temperature. 

7 -7 Solid NaHS04 is transformed on heating to N a 2S 20 7. The equilibrium pressure over the 
salts is 2.15 Torr at 140°C and 17.84 Torr at 180°C. What amount of heat must be added 
to 1 mole of NaHS04 to convert it all to N a 2S 20 7 at constant temperature ? 

7-8 Ammonium carbamate dissociates completely in the vapor phase as shown by the equation 
NH4C02NH2( i ) = 2NH3(#) + C02(g), and at 25°C the dissociation pressure at equilibrium 
is 0.117 atm. The dissociation pressure at 25°C for the equilibrium LiCl · 3NH3(s) = 
LiCl · NH30) + 2ΝΗ3(#) is 0.168 atm. 

(a) Neglecting the volume of the solid phases in comparison with the volume of the 
vapor phase, calculate the final total pressure when equilibrium is reached in a 24.4-liter 
vessel at 25°C when it initially contains 0.050 mole of C02(g) and 0.20 mole of 
LiCl-3NH3Cs). 

(b) Calculate the number of moles of each solid phase present at equilibrium. 
(c) Calculate the equilibrium total pressure at 25°C in a 24.4-liter vessel containing 

initially 0.050 mole C02(g) and 0.10 mole of LiCl · 3NH30). 

7 - 9 Calculate the degree of dissociation of CH4 into C(graphite) and H 2 at 0.01 atm total 
pressure and 2000 K. Use Eq. (7-34) and data from Tables 5-2, 5-4, and 7-2. 

7 - 1 0 For the reactions (a) H2 = 2H, (b) Cl2 - 2C1, (c) 2HC1 = H2 + CI,, the values of log KP 
at 2000 Κ are (a) —5.509, (b) —0.245, and (c) —5.560 (pressures in atm). By successive 
approximations find the equilibrium pressures accurate to one or two places (that is, to 
about 10 %) for HC1, H 2, C l2, H, and CI on heating HC\(g) to 2000 Κ at the total pressure 
of 1 atm. 

7 - 1 1 A glass bulb initially contains a mixture of N 2 and NO at a total pressure of 1 atm. Some 
Br2 is added such that the total pressure would have been 2.25 atm ( Τ constant) had not the 
equilibrium 2NO + Br2 = 2NOBr been established; as a result of the equilibrium the 
actual pressure after adding the bromine was 2.12 atm. A second addition of bromine 
was made such that the total pressure would have been 22.75 atm had no reaction at all 
occurred, while the actual equilibrium total pressure was 22.50 atm. Calculate KP for the 
equilibrium. Nitrogen is inert. 

7 - 1 2 Ammonium iodide (solid) dissociates into N H3 and HI; in a particular experiment excess 
NHJ(s) is introduced into an evacuated flask and at 400°C the equilibrium pressure of the 
gases is 705 Torr. Eventually the HI dissociates into H2 and I 2, its degree of dissociation 
being 21 % at this temperature. Calculate the final equilibrium pressure above the solid 
ammonium iodide. 

7 - 1 3 A mixture of S 0 2 and 0 2 at a certain Ρ and Τ is passed over a catalyst so that the equilib
rium amount of S 0 3 is formed. Assuming constant Ρ and Τ throughout, derive mathe
matically the ratio of S 0 2 to 0 2 in the entering gas that will give the highest number of 
moles of S 0 3 per mole of S 0 2 in the effluent gas. Derive the corresponding equation for 
the case where a mixture of S 0 2 and air (1 mole of 0 2 to 4 mole of N2) is used and show 
that the optimum ratio of initial number of moles of S 0 2 to number of moles of air is now 
less than the ratio of S 0 2 to 0 2 in the first part of this problem. 

7 - 1 4 The density of acetic acid vapor at 453.66 Torr and 110.1°C corresponds to an apparent 
molecular weight which is 1.520 times the simple mole weight (formula weight). The 
corresponding figure is 1.190 at 458.37 Torr and 155.73°C. Find ΔΗ

Ό
 for the reaction 

2HAc(#) = (HAc)2(#) assuming the gas to contain only single and double molecules 
(Fenton and Garner, 1930). 
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7 - 1 5 Given the following CP° values (cal °C"
1
 mole"

1
): 

H2(£): -6.85 + 0.00028Γ + 0.00000022Γ
2
, 

CH4(^): 4.38 + 0.01417Γ, 
C(graphite): 1.22 + 0.00489Γ - 0.00000111T

2
. 

For the reaction 

C(graphite) + 2U2(g) = CH^g) 

(

J
^ 2 ° 9 8 = -18,062 cal, AG°298 = -11,994 cal), calculate (a) UCP\(b) the equation giving 

AH
0
 as a function of temperature, (c) AH

0
 at 873 K, (d) the equation giving AG

0
 as a 

function of temperature, and (e) AG
0
 and KP for the reaction at 873 K. 

7 - 1 6 For the gaseous reaction C2H2 + D 20 = C2D2 + H 20 , AH = 520 cal and KP = 0.80 
at 25°C. How many moles of C2D2 are formed when 2 mole of C2H2 and 1 mole of D 20 
are mixed at 100°C and at a total pressure of 1 atm? Assume that CP for C2H2 is the same 
as for C2D2 and that the CP values for D 20 and H 20 are the same. 

7 - 1 7 For the equilibrium 2HI = H2 + I2 with KP = 0.020 at 184°C and AH = 3000 cal, 
the following calculations are to be made on the basis of one mole of total gases. Assume 
that AH does not vary with temperature and that the heat capacities per mole are the same 
for the three gases. On heating of an equilibrium mixture, there would be no change in the 
heat capacity except for the fact that an increasing dissociation occurs with an attendant 
absorption of heat. The heat capacity of the mixture will therefore be, per mole, CP = 
CP° + CPi where CP° is the constant heat capacity per mole of HI, H 2, or I2 and CP 
is the added effect due to the increasing dissociation. 

(a) Calculate the change in equilibrium constant AKP for the temperature ranges 
0-l°C and 100-101°C. 
(b) Calculate the change in number of moles of H2 or I2 over the two temperature ranges. 
(c) What is the heat absorbed by the dissociation that occurs over the two temperature 
ranges, that is, c y ? 
(d) On the basis of the results, sketch the expected variation of CP with temperature 
between 0°C and 300°C. 

7 - 1 8 * Calculate AG°296 for the reaction C02(g) + H2(g) = CO(g) + H 20 ( # ) . Use Table 5-4 
to express the temperature dependence of AG

0
 as a polynomial in temperature and plot 

AG
0
 versus Γ from 25°C to 1500°C. Calculate and similarly plot AH

0
 and AS

0
 for the 

reaction. 

7 - 1 9 Show that for an equilibrium involving ideal gases, din Kc/dT = AE/RT
2
. 

7 - 2 0 * The following data are reported for the reaction S 0 2 + i 0 2 = S O s. 

KP (atm"
1
/») 

727 
789 
832 
897 

1.86 
0.96 
0.63 
0.36 

>(°C) KP (atm-
1
/
2
) 

528 
579 
627 
680 

31.3 
13.8 
6.55 
3.24 

Obtain the best least squares slope for the plot of In KP versus 1/T and calculate AH
0 

for the reaction and its standard deviation. 
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7-1 Calculate KP for the reaction 3 H 2 + N 2 = 2 N H 3 at 1000°C, assuming a low total pressure, 
then evaluate Kv if the pressure is 800 atm, and obtain the KP for this condition. 

7-2 Calculate KP for the equilibrium C 2H 2 + H 2 = C2H4 at 300 atm total pressure at 400°C. 
(Obtain Kf from the appropriate tables of free energies and enthalpies of formation at 
25°C, applying the necessary heat capacity corrections, or use Tables 6-4 and 6-5.) 

7-3 Calculate KP for CO + J 0 2 = C 0 2 at 25°C from free energies of formation and find the 
Kq [Eq. (7-51)] from the spectroscopic constants for the molecules. Evaluate ΔΕ0 for the 
reaction and calculate KP at 1000°C. The rotational constant Be is 0.3906 c m

-1
 for C Oz, 

where Be = k0TOt/hcy and the fundamental vibrational wave numbers are vx = 1388.3 c m

- 1
, 

v2 = 667.3 c m

-1
 (twice), and vz = 2349.3 c m

- 1
. 

7-4 Calculate KP for H 2 + I 2 = 2HI from free energies of formation and KQ [Eq. (7-51)] 
from the spectroscopic constants for the molecules. Evaluate ΔΕ0 and calculate KP dit 
2000°C. 

7-5 Calculate the statistical mechanical value of KP for the reaction H 2 = 2 H at 2000°C. 
Assume ΔΕ0 is 103.2 kcal mole

- 1
. 

7-6 Derive Eq. (7-52) ; calculate q t r a n8 for I2 at STP. 

SPECIAL TOPICS PROBLEMS 




