
Chemical Equilibrium 



The Concept of Equilibrium 

 Chemical equilibrium occurs when a reaction 
and its reverse reaction proceed at the same 
rate. 



The Concept of Equilibrium 
• As a system approaches 

equilibrium, both the 
forward and reverse 
reactions are occurring. 

• At equilibrium, the 
forward and reverse 
reactions are proceeding 
at the same rate. 



A System at Equilibrium 

 Once equilibrium is 
achieved, the amount 
of each reactant and 
product remains 
constant. 



Depicting Equilibrium 

 In a system at equilibrium, both the forward 
and reverse reactions are being carried out; as 
a result, we write its equation with a double 
arrow 

N2O4 (g) 2 NO2 (g) 



The Equilibrium 
Constant 



The Equilibrium Constant 

• Forward reaction: 

N2O4 (g)   2 NO2 (g) 

 

• Rate law: 

Rate = kf [N2O4] 



The Equilibrium Constant 

• Reverse reaction: 

2 NO2 (g)   N2O4 (g) 

 

• Rate law: 

Rate = kr [NO2]2 



The Equilibrium Constant 
• Therefore, at equilibrium 

 
Ratef = Rater 

 
kf [N2O4] = kr [NO2]2 

 
• Rewriting this, it becomes 

kf 
kr  

[NO2]2 
[N2O4] 

= 



The Equilibrium Constant 

 The ratio of the rate constants is a constant at 
that temperature, and the expression 
becomes 

Keq = 
kf 
kr  

[NO2]2 
[N2O4] 

= 



The Equilibrium Constant 

• To generalize this expression, consider the 
reaction 

• The equilibrium expression for this reaction 
would be 

Kc =  
[C]c[D]d 
[A]a[B]b 

aA + bB cC + dD 



What Are the Equilibrium Expressions for 
These Equilibria? 



The Equilibrium Constant 

 Because pressure is proportional to 
concentration for gases in a closed system, the 
equilibrium expression can also be written 

Kp = 
(PC)c (PD)d 
(PA)a (PB)b 



Relationship between Kc and Kp 

• From the ideal gas law we know that 

• Rearranging it, we get 

PV = nRT 

P =        RT 
n 
V 



Relationship between Kc and Kp 

 Plugging this into the expression for Kp for 
each substance, the relationship between 
Kc and Kp becomes 

Where 

Kp = Kc (RT)n 

n = (moles of gaseous product) − (moles of gaseous reactant) 



Equilibrium Can Be Reached from 
Either Direction 

 As you can see, the ratio of [NO2]2 to [N2O4] remains 
constant at this temperature no matter what the initial 
concentrations of NO2 and N2O4 are. 



Equilibrium Can Be Reached from 
Either Direction 

 This is the data from the 
last two trials from the 
table on the previous 
slide. 



Equilibrium Can Be Reached from 
Either Direction 

 It does not matter whether we start with N2 and H2 
or whether we start with NH3.  We will have the 
same proportions of all three substances at 
equilibrium. 



What Does the Value of K Mean? 

• If K >> 1, the reaction is 
product-favored; product 
predominates at 
equilibrium. 



What Does the Value of K Mean? 

• If K >> 1, the reaction is 
product-favored; product 
predominates at 
equilibrium. 

• If K << 1, the reaction is 
reactant-favored; reactant 
predominates at 
equilibrium. 



Manipulating Equilibrium Constants 

 The equilibrium constant of a reaction in 
the reverse reaction is the reciprocal of the 
equilibrium constant of the forward 
reaction. 

1 
0.212 

= 

Kc =     = 0.212 at 100C 
[NO2]2 
[N2O4] 

N2O4 (g) 2 NO2 (g) 

Kc =      
      
    = 4.72 at 100C 

[N2O4] 
[NO2]2 

N2O4 (g) 2 NO2 (g) 



Manipulating Equilibrium Constants 
 The equilibrium constant of a reaction that has 

been multiplied by a number is the equilibrium 
constant raised to a power that is equal to that 
number. 

 
Kc =     = 0.212 at 100C 

[NO2]2 
[N2O4] 

N2O4 (g) 2 NO2 (g) 

Kc =     = (0.212)2 at 100C 
[NO2]4 
[N2O4]2 

2 N2O4 (g) 4 NO2 (g) 



Manipulating Equilibrium Constants 

 The equilibrium constant for a net reaction 
made up of two or more steps is the 
product of the equilibrium constants for 
the individual steps. 



Heterogeneous 
Equilibrium 



The Concentrations of Solids and 
Liquids Are Essentially Constant 

 Both can be obtained by dividing the density 
of the substance by its molar mass—and both 
of these are constants at constant 
temperature. 



The Concentrations of Solids and 
Liquids Are Essentially Constant 

 Therefore, the concentrations of solids and 
liquids do not appear in the equilibrium 
expression 

Kc = [Pb2+] [Cl−]2 

PbCl2 (s) Pb2+
 (aq) + 2 Cl−(aq) 



 As long as some CaCO3 or CaO remain in the 
system, the amount of CO2 above the solid will 
remain the same. 

CaCO3 (s) CO2 (g) + CaO(s) 



Equilibrium 
Calculations 



Equilibrium Calculations 

A closed system initially containing 

1.000 x 10−3 M H2 and 2.000 x 10−3 M I2 

At 448C is allowed to reach equilibrium.  Analysis of the 
equilibrium mixture shows that the concentration of HI 
is 1.87 x 10−3 M.  Calculate Kc at 448C for the reaction 
taking place, which is 

H2 (g) + I2 (g) 2 HI (g) 



What Do We Know? 

[H2], M [I2], M [HI], M 

Initially 1.000 x 10-3 2.000 x 10-3 0 

Change 

At 

equilibrium 

1.87 x 10-3 



[HI] Increases by 1.87 x 10-3 M 

[H2], M [I2], M [HI], M 

Initially 1.000 x 10-3 2.000 x 10-3 0 

Change +1.87 x 10-3 

At 

equilibrium 

1.87 x 10-3 



Stoichiometry tells us [H2] and [I2] 
decrease by half as much 

[H2], M [I2], M [HI], M 

Initially 1.000 x 10-3 2.000 x 10-3 0 

Change -9.35 x 10-4 -9.35 x 10-4 +1.87 x 10-3 

At 

equilibrium 

1.87 x 10-3 



We can now calculate the equilibrium 
concentrations of all three compounds… 

[H2], M [I2], M [HI], M 

Initially 1.000 x 10-3 2.000 x 10-3 0 

Change -9.35 x 10-4 -9.35 x 10-4 +1.87 x 10-3 

At 

equilibrium 

6.5 x 10-5 1.065 x 10-3 1.87 x 10-3 



…and, therefore, the equilibrium constant 

Kc = 
[HI]2 

[H2] [I2] 

=  51 

= 
(1.87 x 10-3)2 

(6.5 x 10-5)(1.065 x 10-3) 



The Reaction Quotient (Q) 

• To calculate Q, one substitutes the initial 
concentrations on reactants and products into 
the equilibrium expression. 

• Q gives the same ratio the equilibrium 
expression gives, but for a system that is not 
at equilibrium. 



If Q = K, 

the system is at equilibrium. 



If Q > K, 
there is too much product and the equilibrium 

shifts to the left. 



If Q < K, 
there is too much reactant, and the equilibrium 

shifts to the right. 



Le Châtelier’s 
Principle 



Le Châtelier’s Principle 

“If a system at equilibrium is disturbed by a 
change in temperature, pressure, or the 
concentration of one of the components, the 
system will shift its equilibrium position so as to 
counteract the effect of the disturbance.” 



The Haber Process 

 The transformation of nitrogen and hydrogen into 
ammonia (NH3) is of tremendous significance in agriculture, 
where ammonia-based fertilizers are of utmost importance. 



The Haber Process 

 If H2 is added to the 
system, N2 will be 
consumed and the two 
reagents will form more 
NH3. 



The Haber Process 

 This apparatus helps 
push the equilibrium to 
the right by removing 
the ammonia (NH3) 
from the system as a 
liquid. 



The Effect of Changes in Pressure 



The Effect of Changes in Temperature 

Co(H2O)6
2+

(aq) + 4 Cl(aq) CoCl4 (aq) + 6 H2O (l) 



The Effect of Changes in Temperature 



Catalysts increase the rate of both the 
forward and reverse reactions. 



Equilibrium is achieved faster, but the 
equilibrium composition remains 

unaltered. 



Chemical Equilibrium 

•Will a given reaction ever take place spontaneously, even if one waits 
forever?  
•The answer was that any reaction that leads to a lower free energy will occur 
spontaneously.  
•Any reaction that requires an increase in free energy will not; it will be 
spontaneous in the reverse direction instead.  
•Now we come to a more difficult but very practical question in this and the 
following chapter: Granted that a given reaction is spontaneous,  
•how far will it go, and will it take place within a reasonable time?  
•What factors determine the rates of chemical reactions?  
•Some chemical reactions appear to go essentially to completion, ending with 
products and an undetectable or negligable amount of reactants. Some but 
not all of these reactions also are very fast (e.g., explosions). 
• Other reactions stop short of completion and remain a mixture of reactants 
and products after all visible chemical change is over.  
•Still other reactions do not appear to take place at all within a reasonable 
time, even though their calculated free energy change is quite negative. 



Chemical Equilibrium  

HCl synthesis is an example of the first kind of reaction: fast, and 
apparently complete (see previous page). If hydrogen gas and 

chlorine gas are mixed in a container with a window and kept in 
the dark, no reaction will occur. But light will trigger an explosion: 

 
H2  (g) + Cl2  (g) →2HCl (g) 

 
 ΔG = - 45.54 kcal per 2 moles of HCl 

 
After the explosion almost no detectable quantities of H  and Cl  
will remain. The large negative free energy change indicates that 

the reaction should be spontaneous, and the light-triggered 
explosion shows that this is so. Then why is there no reaction in 

the dark? The answer is that the reaction in the dark is still 
spontaneous, but is so slow that we do not notice any changes. 

 
 







Chemical Equilibrium 

 





Chemical Equilibrium 

Hydrogen and oxygen gases behave similarly. The reaction:  
2H2 (g) + O2 (g)   →   2H2O(g) 

 

∆ G  = - 109.3 kcal per 2 moles of H O 
has a large negative free energy change and threfore is highly 

spontaneous. Yet we can allow a mixture of hydrogen and oxygen 
to sit for years without seeing an appreciable reaction. We have 
only to bring a lighted match up to the mixture, however, for a 

vivid demonstration of how intrinsically spontaneous the reaction 
is. The same effect can be produced by a catalyst such as platinum 

black, a finely divided form of metallic platinum that has a large 
surface area. 

 





Chemical Equilibrium 

One of the villains in automotive smog is nitric oxide, NO. If we 
calculate the free energy of decomposition of NO,  

2NO(g)  →   N2 (g) + O2 (g) 
 ΔG = -41.4 kcal per 2 moles of NO we arrive at the conclusion that 

the reaction should be spontaneous. The breakdown of NO to 
harmless atmospheric gases should be quite complete. Yet any 
inhabitant of the Los Angeles basin can tell you that this is only 

wishful thinking. Oxides of nitrogen are among the most difficult 
components of the smog problem. They do not break down to N  

and O  at an appreciable rate, although breakdown is 
thermodynamically spontaneous. By analogy with the water 

reaction, you might expect that a catalyst could be found that 
would speed up the decomposition of NO, and this is true.  





Chemical Equilibrium 
•The other factor that we have mentioned that speeds up reaction is temperature.  
•Changing the temperature can do more than just accelerate a reaction; it can also 
affect the nature of the products. As an example, the synthesis of ammonia is 
important as a means of fixing atmospheric nitrogen for use in fertilizers and 
explosives: 
N2 (g) + 3H2 (g)   2NH3 (g)  
 ΔG  = -7.95 kcal per 2 moles of NH3   
If the reaction is run at room temperature, the final mixture is almost entirely NH3  with 
very little N2  and H2  left. A disadvantage is that the reaction is extremely slow, but it 
can be speeded up with an iron-manganese catalyst. Trying to accomplish the same 
result by raising the temperature leads only to trouble, since at 450K, the product is no 
longer virtually pure NH3 , but is a mixture of N2 , H2  and NH3  in roughly equal 
proportions. The standard free energy change at this temperature is zero. (The standard 
starting condition of 1 atm partial pressure for each gas is, in fact, the equilibrium 
condition at 450K.) Even worse, at 1000K the standard free energy change is +29.6 kcal 
(compared with -7.95 kcal at 298K), and almost no ammonia is formed. 
 






