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CHAPTER 17 – SPONTANEITY, ENTROPY, and FREE ENERGY

In this chapter you'll learn:

· Entropy as a Thermodynamic quantity that determine the spontaneity of reactions; 

· Relative entropies of substances in different physical states entropy;

· Predicting the sign of entropy changes in chemical reactions;

· Free energy as a Thermodynamic function for spontaneity;

· The calculations of free energy change under standard and nonstandard conditions; 

· The relationships between equilibrium constant, K, and Go;

· The use of coupling reactions to drive nonspontaneous reactions.

Chemical Thermodynamics deals with changes of energy and entropy associated with reactions. Entropy also explains whether a reaction under the given conditions is spontaneous or nonspontaneous.

The first law of thermodynamics is a statement of the law of conservation of energy; that is, energy can neither be created nor destroyed. The energy of the universe is constant. (Which universe?) However, the various forms of energy can be interchanged in physical and/or chemical processes. For example, when methane burns in air the following reaction occurs:

   CH4(g) + 2O2(g)  (  CO2(g) + 2H2O(g) + energy

Energy is released or flows out of the system, which is the reaction, because the potential energy of the products (CO2 and H2O) is lower than that of the reactants (CH4 and O2). During the reaction, the excess potential energy is converted to thermal energy and released into the surrounding. Thus, the total energy lost by the system (the reaction) is equal to that gained by the surrounding. Since, Universe = System + Surroundings, the total energy of the universe has remained constant.

Although the first law of thermodynamics enables us to account for the energy change in the system, it does not explain why a particular process or reaction occurs in a given direction. In this chapter we discuss the second law of thermodynamics, which provides a mean for determining the direction of spontaneous reaction a given system will undergo under a given condition. 

Summary of the Laws of Thermodynamics

· The first law of thermodynamics (also known as the law of conservation of energy), states that the energy of the universe is constant, (or energy cannot be created or destroyed); it may only be changed from one form to another.  

· The second law of thermodynamics states that every spontaneous process is associated with an increase in the entropy of the universe.

· The third law of thermodynamics states that the entropy of a perfect crystalline substance is zero at absolute zero temperature (0 K). 

17.1  Spontaneous Processes and Entropy


A process is said to be spontaneous if (once started) it will continue without outside help. Spontaneous processes may be fast or slow. Thermodynamics enable us to predict whether a process will occur, but provides no information about how fast the process will occur.

Consider the following spontaneous processes, but only in one direction:

· A ball will spontaneously roll down the hill but will never rolls back up by itself.

· Wood burns spontaneously in an exothermic reaction to form carbon dioxide and water, but heating carbon dioxide and water never forms wood.

· Heat always flows from a hot object to a cooler one, but never in the reverse direction.

It was earlier thought that all spontaneous reactions are exothermic – that is, exothermic as the criteria for spontaneity. However, some endothermic processes have been known to occur spontaneously under certain condition. For example, ice will spontaneously melt at temperature above 0oC, and melting is an endothermic process. Ammonium nitrate spontaneously dissolves in water, although the dissolution of ammonium nitrate is an endothermic process. 


Scientists eventually came to the conclusion that spontaneous processes are always associated with a thermodynamic function called entropy. Entropy is a measure of the state randomness or disorderliness, or chaos.  Objects in which the components are arranged in a specific order are said to have low entropy, while those with the components arranged at random (in a disordered state) are said to have high entropy. The natural process of things is from an ordered to disordered state. For example, a deck of cards that has been arranged in a particular order will be scattered into a very disordered state when dropped on the floor. But a disorderly arranged deck is not likely to become ordered by itself.


Entropy is also a thermodynamic function that is associated with the degree of probability or the number of possible arrangements particles in a system can exist. The more ways a particular state can be achieved, the greater is the probability (chances) of finding or achieving that state. Nature spontaneously proceeds toward the states that have the highest probability of existing. For example, a gas will spontaneously expand into a vacuum or any available space, because by doing so it increases the number of available positions (microstates) for the molecules. It also increases the degree of freedom in molecular motions. Hence, gas expansion results in higher entropy.


Since the state of molecular disorder of a substance increases from solid to liquid to gas, the entropy of a substance also increases in the same fashion: solid  <  liquid  <  gas (vapor)

Therefore, melting, evaporation, and sublimation are processes that cause a positive entropy change for the system.

Processes that increase the entropy of systems:

1.
Entropy increases when temperature increases. Raising the temperature causes molecules to move or vibrate faster and become more random.

2.
For gases, entropy increases as volume increases and/or pressure decreases.

3.
Entropy also increases when two or more gases are mixed even when pressure and temperature remains constant. The overall entropy of a gas mixture is higher than the sum of entropy of individual gases existing separately. Therefore, gases spontaneously mix into each other. A positive entropy change is also observed when two or more miscible liquids are mixed, or when solutes dissolve. 

4.
For elements or molecules in the same periodic group and under the same physical state, entropy increases down the group, such as, 




He < Ne < Ar < Kr < Xe;

HF < HCl < HBr < HI

5.
For a group of compounds having similar structures, the one with the most bonded atoms has the greatest entropy.  For example, the entropy of CO2 > CO;  NO2 > NO;  C3H8 > C2H6, and CH3CH2OH > CH3OH.  The more atoms a molecule has, the more rotational and vibrational motions are possible, which results in higher entropies. 

Standard Entropy, So
The entropy of a substance in its standard state is called the standard entropy, So, which is the entropy of the most stable state of the substance at 1 atm and 25oC. For example, graphite is the most stable allotrope of carbon. For ions in solution, it is the entropy for 1 M solution, but their values are relative to that of H+(aq), which is assigned 0.0 J/(mol.K). The unit of standard entropy is J/(mol.K).


Entropy is a state function; that is, the entropy of a substance in a given state is independent of how the substance arrives at that state.  The entropy change (S) depends only on the final and initial states of the substance. 

17.2  Entropy and the Second Law of Thermodynamics

According to the second law of thermodynamics, a spontaneous process is  one that results in an increase in the entropy of universe.   

· Universe = system + surroundings
· System = object or process whose thermodynamic changes is being studied;

· Surrounding = the part of the universe that interact with the system.

A spontaneous process may cause a decrease in the entropy of the system.  For example, the entropy of water vapor decreases when it condenses, and the entropy of water decreases as it becomes ice. However, a change in the state of water always causes another change in the surroundings. A decrease in the entropy of water (the system) must be accompanied by a greater increase in entropy of the surrounding to make the overall process spontaneous.


Ssys + Ssurr = Suniv >  0  ( a spontaneous process

It is the overall change in the entropy of universe that determines whether a process will be spontaneous or nonspontaneous. 

· Suniv > 0, ( the process is spontaneous in the specified direction;

· Suniv < 0, ( it is not spontaneous in the specified direction.

[Note that, if a process or reaction is spontaneous in one direction, it is not spontaneous in the opposite direction, and vice versa.]

17.3  The Effect of Temperature on Spontaneity 


The evaporation of water (or any liquids) is an example of a process that is endothermic (absorbs heat from the surrounding), but results in entropy increase for the system. While the condensation of steam is an exothermic process that causes a decrease in the entropy of system. For these types of processes, temperature is an important factor that influences their spontaneity. 

Note that the change (increase or decrease) in the entropy of surrounding is the result of energy flow into or from the surrounding as a function of temperature, such that, 
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The entropy change for the evaporation of water is calculated as follows:


So = SoH2O(g) – SoH2O(l) = 189 J/K – 70 J/K = 119 J/K

If the evaporation process occurs at 100oC, Hvap = 4.06 x 104 J/mol (for the system) and Hsurr = -4.06 x 104 J/mol. Then,

Ssurr = 
[image: image3.wmf]K

 

373

J)

 

10

 x 

(4.06

-

4
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Suniv = Ssys + Ssurr = 119 J/K + (-109 J/K) = +10 J/K ( the process is spontaneous
If the evaporation is at 25 oC, where Hvap = 4.40 x 104 J/mol, then


Ssurr = 
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Suniv = Ssys + Ssurr = 119 J/K + (-148 J/K) = -29 J/K, ( the process is nonspontaneous

17.4   Free Energy
Free energy is a thermodynamic property that is a state function. It can be used to predict whether a process/reaction is spontaneous or nonspontaneous. Free energy is related to enthalpy and entropy by the following expression:


 G = H – TS, 
(where T is temperature in Kelvin)

For a process at constant temperature, the change in free energy is given by the equation



G =  H - TS 
(all quantities refer to the system)

For a process at constant temperature and pressure, 

Ssurr = -H/T
   or   H = -TSsurr 

Substituting “-TSsurr” for H yields the following expressions for G:

G = -TSsurr - TS = -T(Ssurr + S) = -TSuniv. 

or 
Suniv. = -G/T 
(at constant temperature and pressure)

Since temperature is always a positive value, a negative value for G would yield a positive one for Suniv. Therefore, G < 0  ( Suniv > 0, which implies a spontaneous process. Thus, a spontaneous process is associated with a negative free energy change (G < 0). State in another way, at constant temperature and pressure, a process is spontaneous in the direction in which the free energy decreases.

The free energy change in a spontaneous process is the maximum usable energy that can be utilized or trapped to do work. While the free energy change in a nonspontaneous process is the minimum energy that is needed to make the (nonspontaneous) process happens.

The sign and magnitude of G of a reaction depends on the signs and relative magnitude of H and S, and for some reactions on the temperature. The dependence of G on H, S and T is summarized below.

· For exothermic reactions with positive entropy changes, G < 0 regardless of the temperature. 

· Exothermic reactions with negative entropy changes are spontaneous at low temperature, but become nonspontaneous at high temperature when |TS| > |H|. 

· Endothermic reactions with positive entropy changes are less spontaneous at low temperature, but become spontaneous at high enough if |TS| > |H| and G = (H - TS) < 0. 

· Finally, endothermic reactions with negative entropy change will never become spontaneous, regardless of the temperature condition.

G =  H - TS 

————————————————————————————————————————

Case:
H
S
  T
G
Comments

Examples______
  1
-
+
high
-
spontaneous at 
2H2O2(l) ( 2H2O(l) + O2(g)



or low

all temperature

  2
+
+
high
-
spontaneous at
CaCO3(s) ( CaO(s) + CO2(g)
  


 

high temperature

  3
-
-
low
-
spontaneous at
N2(g) + 3H2(g) (  2NH3(g)
  


 

low temperature

  4
+
-
high
+
nonspontaneous at
3O2(g) ( 2O3(g)



or low

all temperature

_______________________________________________________________________

17.5  Entropy Changes in Chemical Reactions 

For chemical reactions at constant temperature and pressure, entropy changes for the system are calculated using the following expression:


Sorxn =  npSoproducts - nrSoreactants
where np and nr are respective coefficients of products and reactants in the balanced equation. In general, a reaction has positive entropy change if np > nr - there is a net gain in the number of molecules (especially gas). For example, in the following reaction has a positive S:


1. CaCO3(s)  (  CaO(s) + CO2(g);  



2. PCl5(g)  (  PCl3(g) + Cl2(g);

3. C3H8(g) + 5O2(g) (  3CO2(g) + 4H2O(g),

Reactions that consume gaseous reactant have negative entropy change such as the following reactions:



1. CO(g) + Cl2(g)  (  COCl2(g);



2. 2CO(g) + 2O2(g)  (  2CO2(g);


3. CO(g) + 2H2(g)  (  CH3OH(g),

Calculating the S of Reactions:

Example-1: C3H8(g) + 5O2(g) (  3CO2(g) + 4H2O(g), 
 (np > nr)


Soreaction = {(3 x SoCO2) + (4 x SoH2O)} – {(SoC3H8) + (5 x SoO2)}



   = {(3 x 214 J/K) + (4 x 189 J/K)} – {(270 J/K) + (5 x 205 J/K)



   = (642 J/K + 756 J/K) – (270 J/K + 1025 J/K) = 103 J/K

Example-2:
CO(g) + 2H2(g)  (  CH3OH(g),
 (np < nr)

Soreaction = (SoCH3OH)  – {(SoCO) + (2 x SoH2)}



   = 240 J/K  – {198 J/K + (2 x 131 J/K) = 240 J/K – 460 J/K = -220 J/K
For reactions that have the same total number of gaseous substances is the same on both side of the equations, the entropy change (increase or decrease) is difficult to predict without doing actual calculations. For these reactions S will be relatively small. For example, we cannot predict whether the entropy increases or decreases in the following reaction:


H2(g)  +  Cl2(g)  (  2HCl(g),    

(Calculation of entropy change yields  So = 20 J/K  at 25 oC)

Exercise-1
1.
Predict whether each of the following reactions has positive or negative entropy change:


(a) 4Fe(s) + 3O2(g)  ( 2Fe2O3(s)

(b)  Fe2O3(s) + 3CO(g)  (  2Fe(l) + 3CO2(g)

(c)  CH4(g) + 2O2(g)  (  CO2(g) + 2H2O(g)
2.
Calculate So for each of the following reactions using the standard entropies of the substances involved in each reaction:


(a) 2SO2(g) + O2(g)  (  2SO3(g)

(b) 2C2H6(g) + 7O2(g)  (  4CO2(g) + 6H2O(g)
3.
Predict whether the following reaction is spontaneous at all temperature, at high temperature, at low temperature, or not spontaneous under any conditions.


(a) 2SO2(g) + O2(g)  (  2SO3(g);

Ho = -198 kJ


(b) 2KClO3(s)  ( 2KCl(s) + 3O2(g);

Ho = -90 kJ


(c) N2(g)  +  2H2(g)  (  N2H4(l);

Ho = +51 kJ

__________________________________________________________________________

17.6 Free Energy and Chemical Reactions
Calculation of Go From Ho and So
For reactions under standard conditions that occur at constant temperature and pressure, the standard free energy changes (Go) can be calculated using the expression:



Go = Ho - TSo 

Example-1: Consider the reaction:  N2(g) + 3H2(g) ( 2NH3(g),

with  Ho = -92 kJ  and  So = -199 J/K = -0.199 kJ/K

At 25 oC, TSo = 298 K x (-0.199 J/K) = -59.3 kJ


Go = Ho - TSo = -92 kJ – (-59.3 kJ) = -33 kJ;  ( reaction is spontaneous at 25 oC

At 200 oC,  TSo = 473 K x (-0.199 J/K) = -94.1 kJ;

Go = Ho - TSo = -92 kJ – (-94.1 kJ) = 2 kJ;   ( reaction is nonspontaneous at 250oC

Example-2: Consider the reaction: CH4(g) + H2O(g)  (  CO(g) + 3H2(g),

with  Ho = 206 kJ  and  So = 216 J/K = 0.216 kJ/K

At 25 oC, TSo = 298 K x (0.216 J/K) = 64.4 kJ

     Go = Ho - TSo = 206 kJ – 64.4 kJ = 142 kJ;  ( reaction is nonspontaneous at 25oC.

At 900oC,  TSo = 1173 K x (0.216 J/K) = 253 kJ;

Go = Ho - TSo = 206 kJ –  253 kJ) = -47 kJ;  ( reaction is spontaneous at 900oC

Exercise-2
1.
Calculate Go for the following reactions using Ho and So at 25oC.


(a)  CH4(g) + 2O2(g)  (  CO2(g) + 2H2O(g)

(b)  4CuO(s)  (  2Cu2O(s) + O2(g)

(c)  Fe2O3(s) + 3CO(g)  (  2Fe(s) + 3CO2(g)
_________________________________________________________________________

Calculations of Go from Gof  


The standard free energy of formation, Gof , of a substance is the free energy change when one mole of that substance is formed from its elements with all substances in their standard states.  For elements in their most stable states and under standard conditions (P = 1 atm, T = 25oC) Gof  = 0.0 kJ/mol



Gorxn  =  npGof[products] - nrGof[reactants]

Exercise-3:

1.
Given: Gof[NH3] = -17 kJ/mol; Gof[NO] = 87 kJ/mol; Gof[H2O(g)] = -229 kJ/mol,  and Gof[O2] = 0.0 kJ/mol, calculate Gorxn at 25 oC for the reaction:




4NH3(g) + 5O2(g)  (  4NO(g) + 6H2O(g)
___________________________________________________________________

17.7  The Dependence of Free Energy on Pressure

A reaction will proceed spontaneously toward equilibrium where the system has the lowest free energy. The free energy of a reaction changes as the reaction proceeds toward equilibrium, because free energy is dependent on partial pressures of gaseous species and on the concentration. Although enthalpy is not pressure-dependent, the entropy is. For a given amount of gas, its entropy increases as volume increases, but decreases as pressure increases. For a reaction in the gaseous state, such as,  xA  (  yB, 
the reaction quotient is  Q = (PB)y/(PA)x, where PA and PB are partial pressures of product B and reactant A, respectively. For this type of reaction, the general expression for free energy change is,



G =  Go + RT lnQ


Under standard condition, PA = PB = 1 atm, Q = 1, and lnQ = 0, which ( G =  Go 

Consider the reaction:  N2(g) + 3H2(g)  (  2NH3(g),
where Q =  
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Under standard condition, PN2 = PH2 = PNH3 = 1 atm, ( Q = 1 and lnQ = 0.


G =  Go + RT lnQ = Go = -33 kJ  (when Q = 1)

If PN2 = 0.90 atm, PH2 = 2.7 atm, and PNH3 = 0.20 atm,  Q = (0.20)2/(0.90 x 2.73) = 0.0023

At 25 oC,   G = -33 kJ + (0.008314 kJ/K.mol)(298 K) ln(0.0023)



= -33 kJ + 2.48 kJ (-6.1) = -48 kJ

If PN2 = 0.20 atm, PH2 = 0.60 atm, and PNH3 = 1.6 atm,  Q = 1.62/(0.20 x (0.60)3) = 59 

At 25 oC,   G = -33 kJ + (0.008314 kJ/K.mol)(298 K) ln(59)



= -33 kJ + 10. = -23 kJ

Therefore, at the beginning of the reaction when there are a lot more reactants than products and Q is small, G has a large negative value and the forward reaction is very spontaneous. As more products are formed and reactants consumed, the value of Q increases and G becomes less negative.

The Effect of Temperature on Free Energy

Many reactions are carried out at temperatures much higher than 25oC. We can only estimate free energy change at higher temperatures using Ho and So values measured at 25oC.  For example, Go for the following reaction at 250 oC is calculated as follows:



N2(g) + 3H2(g)  (  2 NH3(g);

Enthalpy change for the reaction: Ho = 2 mol NH3 (- 46 kJ/mol NH3) = -92 kJ

Entropy change, 



So = 2 mol NH3 (193 J/K.mol) - 1 mol N2(192 J/K.mol) - 3 mol H2(131 J/K.mol)


      = - 199 J/K = -0.199 kJ/K


Go =  Ho  -  TSo   = -92 kJ - 523 K(-0.199 kJ/K) = +12 kJ
The positive Go implies that the reaction is not spontaneous at 250 oC under standard conditions.  

At what temperature does a reaction that is spontaneous at 25 oC becomes nonspontaneous?


An exothermic reaction with negative S is very spontaneous at low temperature, but becomes less spontaneous or nonspontaneous at high temperature. To go from a spontaneous reaction to a nonspontaneous one, G must change from negative to positive. The transition from spontaneous to nonspontaneous occurs when Go = 0; that is, at the temperature when |Ho| = |TSo|.


Go =  Ho  -  TSo = 0;  (  T = Ho/So 

The formation of ammonia: N2(g) + 3H2(g) ( 2NH3(g), has Ho = -92 kJ and  So = -0.199 kJ/K. The transition temperature is  T = -92 kJ/(-0.199 kJ/K) = 462 K  or 189 oC

At temperature T < 189oC and partial pressures of 1 atm, the reaction is spontaneous, but at temperature T > 189oC and partial pressures of 1 atm, the reaction becomes nonspontaneous.

How does a change in the partial pressures affect G and the spontaneity of the reaction?
The industrial production of ammonia is normally carried out at temperature about 250oC – 300oC and at a total pressure of 150 - 200 atm, with the partial pressures of N2 and H2 much are higher than that of NH3. 

Suppose the reaction is carried out at PN2 = 50 atm, PH2 = 100 atm, and PNH3 = 10 atm.

Under this pressure condition, which is not a standard condition, the free energy is calculated using the equation:



G =  Go + RT lnQ,  

where, for the reaction: N2(g) + 3H2(g) ( 2NH3(g),  Q =  
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When PN2 = 50 atm, PH2 = 100 atm, and PNH3 = 10 atm


Q = 102/(50 x 1003) =  2.0 x 10-6 

Earlier, we have calculated that at 250oC,  Go = 12 kJ 

Using Go = 12 kJ at 250oC and Q = 2.0 x 10-6 we calculate G using the expression:



G =  Go + RT lnQ, 

and obtain,
G = 12 kJ + (0.008314 kJ/mol.K)(523 K) ln(2.0 x 10-6)



      = 12 kJ + (4.35 kJ/mol)(-13)



      = -45 kJ

Thus, under condition where the partial pressures of N2 and H2 are much higher than that of NH3, the reaction is spontaneous at 250oC. 

Exercise-4:

1.
For the reaction: 2NO2(g)  ( 2NO(g) + O2(g), Horxn = 114 kJ and Sorxn = 146 J/K. 

Is the reaction spontaneous at 25oC? Determine the transition temperature that would change the spontaneity of the reaction (either from spontaneous to nonspontaneous or from nonspontaneous to spontaneous). 

2.
For the reaction:  CO(g) + 2H2(g)  (  CH3OH(g), calculate Go at 250oC using Horxn = -90 kJ and So = -220 J/K. Is the reaction spontaneous at 250oC? What is Go at 250oC if the reaction is carried out with PCO = 30 atm, PH2 = 60. atm, and PCH3OH = 10. atm.

3.
For liquid bromine, Hovap = 29.5 kJ/mol and Sovap = 89 J/(mol.K). Estimate its boiling point at 1 atm.

4.
At what pressure would water boils at 25oC? Assume Hovap = 44 kJ and So = 119 J/K

The Meaning of G in a Chemical Reaction

In a reaction such as  A + B ( C + D under a set of conditions, if G is negative the forward reaction is spontaneous. As the reaction proceeds towards equilibrium, G for the reaction becomes less and less negative, and at equilibrium, G = 0, which means there is no net reaction. How far has the reaction gone when it reaches equilibrium will depend on the value of Go. Reactions with a very large negative Go may be considered to go to completion.

17.8  Free Energies and Equilibrium Constants

When reactants of a given chemical reaction are mixed, they will proceed rapidly or slowly depending on the kinetics of the reaction, towards  equilibrium. Therefore, at the beginning of the reaction, the reaction has a negative free energy (G < 0)

When the system is at equilibrium and G = 0, Q = K (the equilibrium constant for the reaction:


      G =  Go + RTlnK = 0,    

which yields  ln K =  -Go/RT;
 (  K = exp(-Go/RT)

where  Go is calculated at temperature T. 

When Go = 0, K = 1; when Go < 0,  K > 1; ( the forward reaction is spontaneous.  

When Go > 0, K < 1; ( the reverse reaction is spontaneous.

For example, the reaction:  N2(g)  +  3H2(g)  (  2NH3(g)   has Go = -33 kJ  at 25oC.

What is the value of the equilibrium constant K for this reaction at 25oC?

At equilibrium,  G =  Go + RT lnK = 0

That is,
G = -33 kJ + (0.008314 kJ/mol.K)(298 K) lnK = 0

(
 ln K = 34/2.48 = 13;  (  K = e13 ~ 4.4 x 105 

What is the value of the equilibrium constant K for this reaction at 250oC?

We have calculated that for this reaction, Go = +12 kJ  at 250oC. The equilibrium constant at 250 oC:


K = exp[-12 kJ/{(0.008314 kJ/mol.K)(523 K)}] = 0.063
Note that, for exothermic reactions, the value of K decreases as the temperature increases; whereas for endothermic reactions, equilibrium constant increases as temperature increases.
The value and sign of Go for a reaction determines the position of equilibrium.  For reactions of the type: A ( B with Go = 0, K = 1, which implies that at equilibrium, about 50% of the reactant has been converted to product.
For the same type of reactions with Go ~ -20 kJ, the reaction would be about 99% complete when it reaches equilibrium. But for those reactions with Go ~ +20 kJ, very little reaction (about 1%) has actually taken place when it reaches equilibrium.

Exercise-5:

1.
For the following equilibrium at 425.4 oC: H2(g) + I2(g) (  2HI(g), Go = -25.3 kJ. What is the equilibrium constant Kp for this reaction at 425.4 oC.

2.
The reaction:  PCl5(g)  (  PCl3(g)  +  Cl2(g), is an endothermic reaction (Ho > 0) and has Kp = 11.5 at 600 K. Calculate Go at 600 K. How would you predict the magnitude of Kp at 25oC compared to that at 600 K? Explain your reasoning.

___________________________________________________________________________

17.9  Free Energy and Work

The free energy change is available energy that is associated with work. A negative G associated with a spontaneous process is the maximum amount of useful energy available to do work. The actual work done is usually less than the available energy because some of this energy is always lost to the surroundings as heat, or needed to increase the entropy of the surrounding.

The fraction of free energy that will be converted to do work depends on how the process occurs.  For example, if a gallon of gasoline is burned in an open container, all of the chemical energy will be lost as heat; no work is done.  However, when the reaction is carried out in an internal combustion engine, the energy produced from the combustion of gasoline can be coupled to the mechanical parts of the engine to make them work, which would cause other parts connected to the engine to move.

The amount of work done depends on the process of change from which the energy is obtained.  If the spontaneous process occurs very fast, little work could be derived from the free energy change; most of the energy is lost as heat to the surroundings.  Theoretically, a maximum free energy can be trapped and converted into work if the reaction occurs infinitesimally slowly. However, a process that occurs too slowly is also of no practical use, especially when a large amount of energy is needed to do work within a very short time.

G from a spontaneous reaction can also be used to drive another reaction that is nonspontaneous.  This is done by coupling the two reactions.  The G for the spontaneous reaction must be greater in magnitude than G of the nonspontaneous reaction. For nonspontaneous processes, G represents the minimum amount of energy needed to make the reaction happens. 

For example, the conversion of iron(III) oxide to iron is a nonspontaneous process:


Fe2O3(s)  (  2Fe(s) + 3/2 O2(g);
Go = 740 kJ

(eq.1)

The reaction cannot take place by itself, but will happen if it is coupled to a spontaneous reaction with large enough Go, such as the combustion of carbon monoxide:


CO(g) + ½ O2(g)  (  CO2(g);
Go = -283 kJ


3CO(g) + 3/2 O2(g) ( 3CO2(g);
Go = -849 kJ

(eq.2)

Adding equations (1) and (2) together we obtained, 


Fe2O3(s) + 3CO(g) (  2Fe(s) + 3CO2(g);


And the free energy change for the coupled reaction is,


Go =  740 kJ – 847 kJ = -109 kJ

The coupled reaction has a negative Go, implying the reaction is spontaneous.
Coupled reactions are very important in biochemical processes. Many biochemical reactions are nonspontaneous. These reactions are driven by coupling them to reactions that have Go, such as the hydrolysis of an energy rich compounds, called ATP (adenosine triphosphate).  For example, the first step in the breakdown of glucose during glycolysis is the conversion of glucose to glucose-6-phosphate, which is a nonspontaneous process.  The conversion is accomplished by coupling this reaction to the hydrolysis of an ATP molecule, as follows:


C6H12O6 + HPO42-   (  C6H11O5-OPO32-) + H2O;

Go = +14 kJ


ATP4-(aq)  +  H2O   (  ADP3- + HPO42- +  H+;

Go = -30 kJ

Overall rxn: C6H12O6 + ATP4-  ( C6H11O5-OPO32-) + ADP3- + H+;   Go = -16 kJ

Exercise-6:

1.
If
  
2Fe(s) + 3/2 O2(g)  (  Fe2O3(s);
Go = -740 kJ


and
2Al(s) + 3/2 O2(g)  (  Al2O3(s);
Go = -1582 kJ


Calculate Go for the reaction:  Fe2O3(s) + 2Al(s)  (  2Fe(s) + Al2O3(s)
2.
Adenosine triphosphate (ATP) is essential for muscle contraction, protein building, nerve conduction, and numerous other energy-requiring processes in the body. These nonspontaneous processes are coupled to the spontaneous hydrolysis of ATP to ADP. In a similar manner, ATP is regenerated by coupling its formation to other energy-releasing reactions, one of which is



Creatine-phosphate (  creatine + phosphate
Go = -43 kJ/mol



ADP + phosphate  (  ATP ;


Go = +30 kJ/mol


Calculate Go for the overall reaction:



Creatine-phosphate + ADP  (  creatine + ATP
____________________________________________________________________________________
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