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The Dynamics of Chemical Equilibrium 

Reactants  Products 

= symbol for equilibrium 

Rateforward =    Ratereverse 

H2O(g)  +  CO(g)             H2(g)  +  CO2(g) 

Example: 

Equil. far to the right 

(product favored) 

Equil. far to the left 

(reactant favored) 

Reversibility: 

If the rxn is interrupted by changing 

the T, conc. Reactants/products, then 

the rxn can be forced in the reverse 

direction 

Le Chatelier’s Principle 
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Reaction Rate vs. Time 

Maximum conc. 

= max rate 

conc.  = rate  

Equilibrium 

rateforward = ratereverse 

2 NO2(g) 

(brown) 

N2O4(g) 

(colorless) 

Kinetics of a Reversible Reaction 

From experiments it’s known 

that the forward reaction rate is 

second order: 

 

rateforward = kf [NO2]
2 

And the reverse rate is first order: 

 

ratereverse = kr [N2O4] 

At equilibrium that rates are equal: 

kf [NO2]
2 =   kr [N2O4] 

which can be rearranged to: 

kf  

kr  [NO2]
2 

[N2O4] 
= 

and 

finally 

kf  

kr  
Keq = 

[NO2]
2 

[N2O4] 
Keq = 

“Equilibrium 

constant” 
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Writing Equilibrium Constant Expressions 

H2O(g)  +  CO(g)             H2(g)  +  CO2(g) 

Consider 4 experiments with different starting concentrations in a sealed 

container which are then allowed to reach equilibrium: 
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The Law of Mass Action 

Generically for any reaction - 

[X] = concentration in 

Molarity 

Px = partial pressures 

(remember Dalton’s Law) 

Equilibrium constants are unitless (even though there could be 

different powers on each concentration) 
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Relationships Between Kc and Kp Values 

• As will be shown a little later in the chapter, Kc does not necessarily 

equal Kp when the number of moles of gaseous reactants isn’t equal to 

the number of moles of gaseous products 

 

• The mathematical relationship between Kc and Kp can be determined 

by starting with the Ideal Gas Law: 

2 NO2(g) N2O4(g) 

Back to the example - 
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2 NO2(g) N2O4(g) 

= Kc (RT)-1 

In general… All in the gas phase 

n =  moles products  -   moles reactants 

n = [c + d] – [a + b] 

=
𝐶 𝑹𝑻 𝑐 𝐷 𝑹𝑻 𝑑

𝐴 𝑹𝑻 𝑎 𝐵 𝑹𝑻 𝑏 

=  
[𝐶]𝑐(𝑹𝑻)𝑐  [𝐷]𝑑(𝑹𝑻)𝑑

[𝐴]𝑎(𝑹𝑻)𝑎 [𝐵]𝑏(𝑹𝑻)𝑏 

=  
[𝐶]𝑐[𝐷]𝑑

[𝐴]𝑎[𝐵]𝑏 𝑥 
(𝑹𝑻)𝑐(𝑹𝑻)𝑑

(𝑹𝑻)𝑎(𝑹𝑻)𝑏  

=  
[𝐶]𝑐[𝐷]𝑑

[𝐴]𝑎[𝐵]𝑏 𝑥 
(𝑹𝑻)𝑐+𝑑

(𝑹𝑻)𝑎+𝑏  

=  
[𝐶]𝑐[𝐷]𝑑

[𝐴]𝑎[𝐵]𝑏 𝑥 (𝑹𝑻) 𝑐+𝑑 −[𝑎+𝑏] 

= 𝐾𝑐(𝑅𝑇)𝑛 
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Returning to the previous statement that Kc does not necessarily equal Kp 

when the number of moles of gaseous reactants isn’t equal to the number of 

moles of gaseous products - 

n = 2 – 2 = 0 

so Kp = Kc 

n = 4 – 2 = 2 
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Manipulating Equilibrium Constant Expressions 

For this hypothetical reaction, let Kc = 100 

A  +  B  ⇌  2 C 

What is Kc for the reverse reaction? 

2 C  ⇌  A  +  B  Kc,reverse = ? 

What is Kc for the rxn if the stoichiometric coefficients 

are mult/div by a number, e.g. divide by 2? 

C  ⇌  ½ A  +  ½ B  Kc,1/2 = ? 

Kc = 
[C]

2

A [B]
 = 100 
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K for Reverse Reactions 

A  +  B  ⇌  2 C Kc = 
[C]

2

A [B]
 = 100 

2 C  ⇌  A  +  B  Kc,rev = 
A [B]

[C]
2

 = 
1

Kc
 

Kreverse = 1/Kforward 1 

= 
1

100
= 0.0100 

K for an Equation Multiplied/Divided by a Number 

½ A  +  ½ B  ⇌  C  Kc,1/2 = 
[C]

[A]
1/2

[B]
1/2

 

2 Knew = (Kc)
n  

A  +  B  ⇌  2 C Kc = 
[C]

2

A [B]
 = 100 

2 A  +  2 B  ⇌  4 C Knew = 
[C]

4

[A]
2

[B]
2

 = (Kc)
2 = (100)2 = 104 

where n = 1,2,3 when multiplying 

and ½, 1/3, ¼ etc when dividing 

Kc,1/2 = 
[C]

[A]
1/2

[B]
1/2

= 100 = 10 

=  𝐾𝑐 
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Combining K values 

3 Knew = K1 x K2 x K3 etc 

(1)  N2(g)  +  O2(g)  ⇌  2 NO(g) 

(2)  2 NO(g) + O2(g) ⇌ 2 NO2(g) 

 

 
  

 

   

 

  
2

2

K K K

2 2 2

2
3 1 2 2 2

2 2 2 2

NO NO NO
= × = × =

N O NO O N O

 N2(g)  + 2 O2(g) ⇌  2 NO2(g) 

 
  

K

2

1

2 2

NO
=

N O

 

   
K

2

2
2 2

2

NO
=

NO O
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Equilibrium Constants and Reaction Quotients 

The Law of Mass Action: 

 

Keq= 
products m

reactants n  where m and n represent the stoichiometric coefficients. 

 

Even if the initial concentrations of the reactants and products are different from 

experiment to experiment, once the system reestablishes equilibrium, the value of 

Keq remains the same. 

Reaction Quotient (Q): 

 

Has the same general form as Keq, but the concentrations are not the 

equilibrium concentrations, but some starting, or initial, amount. 

 

o 

o 

Q = 
[products]

m

[reactants]
n where the subscript ‘o’ refers to initial 

 

Just like K, there is a Qc and a Qp 

H2O(g)  +  CO2(g)         H2(g)  +  CO2(g)      Kc = 24 at 500 K 

From Experiment 3 in Table 14.1, the initial concentrations of 

reactants and products are (note that I have added the ‘o’ sign): 

o o o o 
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At 

equil. 

• Since Qc is less than Kc = 24, that means that there are more 

reactants and fewer products than there are at equilibrium. 

 

• So the reaction will shift towards products until Qc  =  Kc 

o o o o 

F
ro

m
 l
a

s
t 
s
lid

e
 

Rate Laws and Equilibrium 

What is the underlying cause of the shifting of the reaction towards 

equilibrium? You’re book doesn’t explicitly state that it’s kinetics and rate laws. 

ratef  =  rater 

kf [reactants]m  = 

reactants          products 

kr [products]n 

• In our reaction, Qc = 6 and Kc = 24 

• So the concentration of reactants is too high, and the 

concentration of products is too low 

• Since there are more reactants present than at equil., the 

forward rate increases 

• so the reaction shifts towards the right, generating more 

products until the system reestablishes equilibrium 
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Summary 

K = 1.5 x 10-3 

Since K > Q, the reaction will shift to the right to produce more 

product, increasing Q until it equals K 

o 

o o 
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Heterogeneous Equilibria 

• Homogeneous equilibria - products and reactants 

are all in the same phase 

• Heterogeneous equilibria - products and reactants 

are in different phases 

CaO(s)  +  SO2(g)  =  CaSO3(s)  

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

K= 
CaO(s) [CO2(g)]

[CaCO3(s)]
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Pure Solids and Liquids do not Appear in 

Equilibrium Constant Expressions 

Kc = [SO2(g)] 

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

Kc = 
CaO(s) [CO2(g)]

[CaCO3(s)]
 

Do not appear in equil. const. expressions because 

there is so much mass per unit volume that the amount 

consumed is insignificant compared to aqueous or gas 

phase reactants and products. 
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Le Chatelier’s Principle 

If a system at equilibrium is perturbed (or 

stressed), the position of the equilibrium shifts 

in the direction that relieves the stress. 

Henri Louis Le Chatelier 

1. Effects of Adding or Removing 

Reactants or Products 

2. Effects of Changes in Pressure 

and Volume 

3. Effect of Temperature Changes 

ratef  =  rater 

? 

? 
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1. Effects of Adding or Removing 

Reactants or Products 

Industrial prep of H2(g): H2O(g)  +  CO(g)  =  H2(g)  +  CO2(g) 

 

 

 

 

“Scrubbing” CO2(g)          CO2(g)  +  H2O(l)  + K2CO3(aq)  =  2 KHCO3(s) 

Shifts 1st rxn towards 

products 

ratef  =  rater K =  
H2 [CO2]

H2O [CO]
 

ratef  >  rater 
Q =  

H2 o[CO2]o

H2O o[CO]o
 

Now Q < K 

Until equilibrium re-established 
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2. Effects of Changes in Pressure 

and Volume 
• A rxn with gas-phase reactants or products may be perturbed by 

changing the partial pressures of the gases 

• A simple way to do this is to change the volume while keeping the 

temperature constant 

2 NO2(g)  =  N2O4(g) Kp =  

PN2O4

(PNO2
)
2

 

NO2 

NO2 NO2 

NO2 

NO2 

NO2 

N2O4 N2O4 

N2O4 

N2O4 

N2O4 

Halve the 

volume NO2 

NO2 
NO2 

NO2 

NO2 NO2 

N2O4 N2O4 

N2O4 N2O4 

N2O4 
At const T and n, 

according to Boyle’s 

Law halving the 

volume will double the 

pressure. 

2 NO2(g)  =  N2O4(g) 

Kp =  

PN2O4

(PNO2
)
2

 = 
Y

X
2

 

Qp =  
2Y

(2X)
2

 

• For clarity, substitute X and Y for the 

partial pressures 

• After halving the volume and doubling 

the pressure, calculate Qp to determine 

which direction the equilibrium will shift 

=  
2 Y

4 (X)
2

 =  
Y

2 X
2

 =  
1

2
 KP 

• Q < Kp, so the amount of 

products needs to increase in 

order to re-attain equil 

• So the rxn shifts towards 

products 

• Notice that there is a total of 2 moles of gas on the reactant side and 1 mole 

total of gas on the product side 

• Since there are fewer moles on the product side, shifting the rxn to the right 

decreases the total number of moles in the reaction chamber 

• When the total number of moles decreases, so does the pressure, and then 

equilibrium is re-established 

• Conversely, if the volume of the reaction chamber increases, then the rxn 

would shift towards reactants in order to increase the total pressure 
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3. Effect of Temperature Changes 

•  Changes in Temperature - Exothermic Reactions 

2 SO2(g)  +  O2(g)         2 SO3(g)       Ho = -180 kJ   

Reaction gives off heat so THINK OF AS A PRODUCT 

2 SO2(g)  +  O2(g)         2 SO3(g)  + HEAT   

Change Shifts the Equilibrium 

Increase temperature (add product) left 

Decrease temperature (remove product) right 

The only perturbation that changes the value of 

the equil const K. More in Section 14.10 
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• Changes in Temperature - Endothermic Reactions 

½ N2(g)  +  O2(g)         NO2(g)       Ho = +33.2 kJ   

Reaction absorbs heat so THINK OF AS A REACTANT 

HEAT + ½ N2(g)  +  O2(g)         NO2(g)   

Change Shifts the Equilibrium 

Increase temperature (add “reactant”) 

left Decrease temperature (“remove reactant”) 

right 

3. Effect of Temperature Changes 
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Summary - Changes in Concentration 

Summary - Changes in Pressure 

and Volume 
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Summary - Changes in Temperature 

• Exothermic Reactions 

Change Shifts the Equilibrium 

Increase temperature (add product) left 

Decrease temperature (remove product) right 

• Endothermic Reactions 

Reaction absorbs heat so THINK OF AS A REACTANT 

Change Shifts the Equilibrium 

Increase temperature (add reactant) 

left Decrease temperature (remove reactant) 

right 

Reaction gives off heat so THINK OF AS A PRODUCT 
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Calculations Based on K 

1.We want to determine whether a reaction mixture 

has reached equilibrium (Sample Exercise 14.7) 

 

2.We know the value of K and the starting 

concentrations or partial pressures of reactant 

and/or products, and we want to calculate their 

equilibrium concentrations or pressures 

K= 
[products]

m

[reactants]
n 

The “RICE” Table 

N2(g)  +  O2(g)  =  2 NO(g) 1 1 2 
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Algebra 

x = 
−b ± b2−4ac

2a
 

ax2  +  bx  +  c  =  0 

= 

a b c 
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Approximations to Simplify the Math 

Kp = 1.00 x 10-5 

 

x = 6.428 x 10-4 
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The algebra also simplifies when the 

concentrations of reactants are the same. 
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Equilibrium and Thermodynamics 

It won’t be derived here, but there is a relationship between G 

and the reaction quotient Q - 

∆G = ∆G
o

 + RT ln Q 

e.g. N2O4(g)  =  2 NO2(g) 

Case 1: Under standard conditions of 1.0 atm, ∆G
o

 = + 4.8 kJ 

This equation incorporates Q and therefore also predicts in 

which direction an equilibrium will shift 

e.g. N2O4(g)  =  2 NO2(g) 

Case 2: What if at 298K there is only 1 atm of 

N2O4(g) and virtually no NO2(g) ? 

So the reaction under standard conditions is non-

spontaneous, but… 

P2
NO2(g) 

PN2O4(g)  
Qp =  =  

 0 
1 

 0 
Qp < K and the reaction 

shifts towards products  

∆G = ∆G
o

 + RT ln Q 

0 
So G <<<<<< 0 and 

the reaction is 

spontaneous  
-   
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e.g. N2O4(g)  =  2 NO2(g) 

Case 3: What if at 298K there is only 1 atm of 

NO2(g) and virtually no N2O4(g) ? 

P2
NO2(g) 

PN2O4(g)  
Qp =  =  

1 
 0 

  
Qp > K and the reaction 

shifts towards reactants  

∆G = ∆G
o

 + RT ln Q 

 
So G >>>>> 0 so the 

reverse rxn is 

nonspontaneous   

 

G 

(Equilibrium) 

Case 3: 

Q > K 

Shifts towards reactants 

Case 2: 

Q < K 

Shifts towards products 

Q = K 

G = 0 

G < 0 G > 0 

Moles N2O4 

Case 1: 

Go = +4.8 kJ 

1.0 

0.0 

The point is that reactions shift in a direction that minimizes 

the available free energy of a system 
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∆G = ∆G
o

 + RT ln Q 

The Relationship Between G and K 

And since Q = K 

at equilibrium 

∆G = ∆G
o

 + RT ln K And since G = 0 

at equilibrium 

0 = ∆G
o

 + RT ln K 

∆G
o

 = −RT ln K ∆G
o

 = ln K 
−RT 

K = e -Go/RT 
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Temperature, K and Go 

ln K = −
(∆Ho − T∆So)

RT
 

ln K = −
∆Ho 
RT

 − −
T∆So

RT
 

ln K = −
∆Ho 
RT

 + 
∆So

R
 

Derivation of the relationship between K, H, 

and T starting with - 

∆Go = ∆Ho − T∆So ln K= −
∆Go

RT
 and 
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Linearization: ln K vs. 1/T 

Simultaneous Measurement of Ho
rxn and So

rxn 

ln K  =  −
∆Ho 
RT

 + 
∆So

R
 

y   =     m    x  +  b 

ln K  =  −
∆Ho 

R
  

1
T

  + 
∆So

R
 

b = 
∆So

R
 m = − 

∆Ho 

R
 


