Hess’s Law, Bond Enthalpy, Entropy, Free Energy and Spontaneity
OBJECTIVES:

10. Use Hess’s Law to determine the enthalpy change of a reaction, which is the sum of two or more reactions with known enthalpy changes.
11. Define the term average bond enthalpy.
12. Describe and explain the changes which take place at the molecular level in chemical reactions.
13. Calculate the enthalpy change of a reaction using bond enthalpies.
14. State and explain the factors which increase the entropy in a system.
15. Predict whether the entropy change for a given reaction or process would be positive or negative.
16. Define standard free energy change of reaction.
17. State whether a reaction or process will be spontaneous by using the sign of free energy.
18. State and predict the effect of a change in temperature on the spontaneity of a reaction, given standard entropy and enthalpy changes.
Hess’s Law: For any reaction that can be written in steps, the standard heat of reaction is the same as the sum of the standard heats of reactions for the steps.
Enthalpy is a state function

· It depends only upon the initial and final state of the reactants/products and not on the specific pathway taken to get from the reactants to the products 
· Whether one can arrive at the products via either a single step or multi-step mechanism is unimportant as far as the enthalpy of reaction is concerned - they should be equal

Hess's Law can be used if we know the enthalpy changes of a series of reactions to calculate the value of the total enthalpy for a reaction whose total enthalpy is not known and may react to fast to be measured.

∆H = Sum of ∆Hfө (products) - Sum of ∆Hfө (reactants)
Characteristics of enthalpy change

· if the reaction is reversed, the sign of ΔH is reversed

· the magnitude of ΔH is directly proportional to the quantities of the reactants and products in a reaction

·  if the coefficients in a balanced reaction are multiplied by an integer, the value of ΔH is multiplied by the same integer.

Consider the combustion reaction of methane to form CO2 and liquid H2O

CH4(g) + 2O2(g) -> CO2(g) + 2H2O(l)

This reaction can be thought of as occurring in two steps:

· In the first step methane is combusted to produce water vapor: 

CH4(g) + 2O2(g) -> CO2(g) + 2H2O(g)

· In the second step water vapor condenses from the gas phase to the liquid phase: 

2H2O(g) -> 2H2O(l) 

Each of these reactions is associated with a specific enthalpy change:

CH4(g) + 2O2(g) -> CO2(g) + 2H2O(g) H = -802 kJ

2H2O(g) -> 2H2O(l) H = -88 Kj
Combining these equations yields the following:

CH4(g)+2O2(g)+2H2O(g) -> CO2(g)+2H2O(g)+2H2O(l) 

H = (-802) kJ + (-88) kJ= -890 kJ

Carbon occurs in two forms: graphite and diamond. The enthalpy of combustion of graphite is -393.5 kJ, and that of diamond is -395.4 kJ

C(graphite) + O2(g) → CO2(g) Hө = -393.5 kJ

C(diamond) + O2(g) → CO2(g) Hө = -395.4 kJ

Calculate H for the conversion of graphite to diamond.

What we want is H for the reaction: 

C(graphite) → C(diamond)

C(graphite) + O2(g) → CO2(g) Hө = -393.5 kJ

CO2(g) → C(diamond) + O2(g) Hө = +395.4 kJ

C(graphite) → C(diamond) Hө = +1.9 kJ

Bond Energies 

When bonds are formed energy is released. Electrons are in a more stable arrangement when in a bond (molecular orbital) than when they are unpaired (non-bonded) in atomic orbitals.

H2(g) → 2H (g,atom)    ∆Hө = 436.0 kJ/mol

We would write it as BE(H–H) = 436.0 kJ/mol

Bond enthalpy: enthalpy change per mole when a bond is broken in the gas phase for a particular substance.  Bond enthalpies are always positive: bond breaking is endothermic

Average Bond Enthalpy: Average enthalpy change per mole when the same type of bond is broken in the gas phase for many similar substances.

We can use the bond-energies to calculate (approximate) enthalpies of formation for any compound (Standard enthalpy change of formation ∆Hfө)
Average Bond Enthalpies in kJ/mol
= denotes a double bond;
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EXAMPLE 1:

H(g,atom) ∆Hfө = 1/2 BE(H–H).

1/2 H2(g) → H(g,atom)  ∆Hfө = 218.0 kJ/mol

EXAMPLE 2:

Consider the bonds in methane CH4. There are four C-H bonds.

CH4(g) → C(g,atom) + 4 H(g,atom)   ∆Hө = 4 BE(C–H)

∆Hө = ∆Hfө (C,g,atom) + 4 ∆Hfө(H,g,atom) - ∆Hfө(CH4,g) 

       = 716.7 kJ/mol + 4(218.0 kJ/mol) - (-74.5 kJ/mol)

       = 1663 kJ/mol

BE(C–H) =  ∆Hө/4 = 1663 kJ/mol/4 = 415.8 kJ/mol

EXAMPLE 3:

Now, let's consider the bonds in C2H6. There is one C-C bond and there are 6 C-H bonds.

C2H6(g) → 2 C(g,atom) + 6 H(g,atom)

∆Hө = 2 ∆Hfө(C,g,atom) + 6 ∆Hfө(H,g,atom) - ∆Hfө(C2H6,g) 

       = 2(716.7 kJ/mol) + 6(218.0 kJ/mol) - (-84.7 kJ/mol)

       = 2826.1 kJ/mol

We assume BE(C–H) = 415.8 kJ/mol (same as for CH4).

∆Hө = BE(C–C) + 6 BE(C–H)

∆BE(C–C) =  ∆Hө - 6 BE(C–H)

      =  2826.1 kJ/mol – 6 x 415.8 kJ/mol 

      =  331.3 kJ/mol

Ideally, we could continue like this and build up a complete list of all possible bond energies. From there, we could calculate the exact energies (enthalpies) of every chemical reaction without ever doing a single experiment (in some ways, this is like the goal of many theoretical chemists; to be able to calculate the energies of the molecules and reactions in chemistry without need for actually doing the chemistry).

Unfortunately, the C-H bond in one compound is never quite the same as it is in any other compound. Therefore, this technique can at best give us rough approximations of certain reaction enthalpies. We wouldn't want to push this idea very far as an analytical tool but it is very useful as a concept to understand reaction energies.

Bond Energies From Double and Triple Bonds
EXAMPLE 4:

Consider the molecule C2H4 . There are four C-H bonds and one C=C bond. We calculate the BE(C=C) as follows:

C2H4(g) → 2C(g,atom) + 4 H(g,atom)

∆Hө = 2 ∆Hf ө(C,g,atom) + 4 ∆Hf ө(H,g,atom) - ∆Hf ө(C2H4,g) 

        = 2(716.7 kJ/mol) + 6(218.0 kJ/mol) - 52.3 kJ/mol)

        = 2253.1 kJ/mol

We assume BE(C–H) = 415.8 kJ/mol (same as for CH4).

∆Hө = BE(C=C) + 4 BE(C-H)

BE(C=C) =  ∆Hө - 4 BE(C-H)

    =  2253.1 kJ/mol – 4 x 415.8 kJ/mol 

    =  589.9 kJ/mol

Note that this is greater than BE(C–C) but not twice as great, i.e., a double bond is not twice as strong as a single bond.

EXAMPLE 5:

Estimate the enthalpy of combustion of ethane, given the bond energies below:

	bond type
	Bond Energy/kJ mol-1

	O-H
	464

	O=O
	498.4

	C=O
	804

	C-H
	414

	C-C
	347


The balanced chemical reaction is:

C2H6 + 7/2 O2 → 2 CO2 + 3 H2O

∆Hө =  ∆BE(broken) - ∆BE(formed) 

∆Hө = BE(C–C) + 6×BE(C–H) + 3.5×BE(O=O) – 4×BE(C=O) – 6×BE(O-H)

∆Hө = 347 + 6×414 + 3.5×498.4 - 4×804 - 6×464

∆Hө = -1425 kJ/mol 

Compare this value with that calculated using tabulated values of enthalpy of formation.

∆Hө = 2 × ∆Hөf(CO2) + 3 × ∆Hөf(H2O, g) - ∆Hөf(C2H6) -3.5 × ∆Hөf(O2)

∆Hө = 2(-393.509) + 3(-241.818) - (-84.68) – 0

∆Hө = -1427.79 kJ/mol

Entropy
The thermodynamic entropy S, often simply called the entropy in the context of thermodynamics, is a measure of the amount of energy in a physical system that cannot be used to do work. It is also a measure of the disorder or randomness present in a system. The larger the value of the entropy, the larger is the degree of randomness of the system. Like enthalpy, entropy is a state function. It depends only on the state of the system, and therefore a change in entropy, ∆S, is independent of the path from start to finish.  The SI unit of entropy is JK-1 (Joule per Kelvin), which is the same unit as heat capacity.

[image: image18.png]AS

final

initial




An increase in disorder can result from the mixing of different types of particles, change of state (increased distance between particles), increased movement of particles or increased numbers of particles. An increase in the number of particles in the gaseous state usually has a greater influence than any other possible factor.

As you can see, if the Sproducts is larger than Sreactants then the value of ∆S is positive. A positive value of ∆S means an increase in the randomness of the system during the change, and we have seen that this kind of change tends to be spontaneous. This leads to a general statement about entropy: 

Any event that is accompanied by an increase in the entropy of the system tends to occur spontaneously.
The First Law of Thermodynamics is also known as The Law of Conservation of Energy: energy can be converted from one form to another but can neither be created nor destroyed; it is independent of place and time.  This means that neither energy nor matter can be created out of nothing.

The Second Law of Thermodynamics, or The Law of Entropy, is more difficult to state. Here is an attempt: "In any transformation of energy from one form to another, 'useful' energy is lost." A familiar consequence of that is the fact that much of the energy of automobile engines does not end up in motion, but in overcoming friction. Another is that it is not possible to have a refrigerator, freezer, or air conditioner that merely removes energy from one place to another. In the process of moving energy, each of these actually increases the total heat in the universe, as it uses electricity (or gas, etc.) to do its work, and some of that work is not merely to transfer heat, but to overcome friction. Another consequence is that when light energy is transformed into chemical energy in green plants by photosynthesis, and then to chemical energy in animals that eat green plants, most of the light energy is not actually transformed into chemical energy in animals, but does various "non-useful" things. As a result, meat of all kinds is more expensive than plant food, either in the grocery store, or if you grow your own. To put it another way, you can feed a family on a lot less space, using a garden, than the space required to feed the same family, if they eat only meat. 

Another statement of the second law is that entropy, or randomness, is constantly increasing. We rely on the fact that the universe is not random. For instance, there are concentrations of water, oil, and iron that we can use. If water molecules were distributed evenly throughout the universe, life would be impossible, because there would be no concentration of water for us to drink. Another homely consequence of this is that, left to itself, any system, such as your house, or room, or desk, or hard disk, or car, gets more and more disordered.
You cannot put such a system in order without expending energy. In the very process of applying energy, for instance to run the vacuum cleaner, the amount of useful energy in the universe declines, or the entropy increases.

Scientists say that the increase of entropy must take place in a closed system. Your house isn't a closed system. Energy is brought in from outside, so that it isn't "left to itself." But the universe is a closed system, unless there is an external power acting on it.

The second law is a straightforward law of physics with the consequence that, in a closed system, you can't finish any real physical process with as much useful energy as you had to start with — some is always wasted. This means that a perpetual motion machine is impossible. The second law was formulated after nineteenth century engineers noticed that heat cannot pass from a colder body to a warmer body by itself.

So whereas the first law expresses that which remains the same, or is time-symmetric, in all real-world processes the second law expresses that which changes and motivates the change, the fundamental time-asymmetry, in all real-world process. Entropy refers to the dissipated potential and the second law, in its most general form, states that the world acts spontaneously to minimize potentials (or equivalently maximize entropy), and with this, active end-directedness or time-asymmetry was, for the first time, given a universal physical basis. The balance equation of the second law, expressed as S > 0, says that in all natural processes the entropy of the world always increases, and thus whereas with the first law there is no time, and the past, present, and future are indistinguishable, the second law, with its one-way flow, introduces the basis for telling the difference. 
The active nature of the second law is easy to grasp and demonstrate. If a glass of hot liquid, for example, as shown in Figure 3, is placed in a colder room a potential exists and a flow of heat is spontaneously produced from the cup to the room until it is minimized (or the entropy is maximized) at which point the temperatures are the same and all flows stop.
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Figure 3





The disequilibrium produces a field potential that results in a flow of energy in the form of heat from the glass to the room so as to drain the potential until it is minimized (the entropy is maximized) at which time thermodynamic equilibrium is reached and all flows stop.

Exothermic reactions tend to be spontaneous. 

Because spontaneous reactions are so important, it is necessary for you to understand the factors that favour spontaneity. Think about a skier going downhill, a waterfall and a fuel fire at a gasoline refinery. If you study these events all of them involve a lowering, or decrease, in the energy of a system. Because these events are spontaneous, we can conclude that when a change lowers the energy of a system, it tends to occur spontaneously. Since a change that lowers the energy of a system is exothermic then we can come up with the opening sentence generalization. Exothermic changes have a tendency to proceed spontaneously. 
The word tendency should be emphasized. There are some exothermic reactions that are not spontaneous, nor is every nonspontaneous endothermic. 
Entropy and Spontaneous Change 
The dissolving of salts such as NaI in water is just one example of a change that occurs spontaneously even though it is endothermic. It is a universal phenomenon that something that brings about randomness is more likely to occur than something that brings about order. Think about your room at home. It does not spontaneously get more organized. But clean it up and wait a few days and it will look like a hurricane went through it. There is a tendency for things to become more disorganized and random. Another example to think about is playing cards. Take out a deck of cards that are in order. Throw them up in the air. What are the chances that they will land on the floor perfectly lined up and still in order? 

We expect this disordering of the cards because there are so many ways for them to become disordered and only one way for them to fall and still stay in order. 

Predicting S for Physical and Chemical Changes 
It is often a relatively simple matter to predict whether a particular change will become more or less random. One of the things to look for is the state of the reactants and products. Gases have more entropy than liquids, which have more than solids. During chemical reactions, the freedom of movement of the atoms often changes because of changes in the complexity of the molecules. For example, consider the reaction 

                                     2 NO(g) -----> N2O4(g) 

Among the reactants are six atoms combined into two molecules of NO2. Among the products, these same six atoms are confined to one molecule. In the reaction vessel, dividing the six atoms between two molecules allows them to spread out more ad gives greater freedom of movement than when the atoms are combined into just one molecule. 

Therefore, we can conclude that as this reaction occurs, there is an entropy decrease. 

Two general rules for predicting entropy changes. 

1.   Look at the states first. (gases > liquids > solids) 

2. If  both states are the same then look at the number of moles of reactants and products and decide if there has been an increase in the number of moles or a decrease.  

	Standard State Entropies, Sө, of Representative Substances

	Gases
	Liquids
	Solids

	H2
	31.2 (cal/deg mole)
	Br2
	18.4 (cal/deg mole)
	C graphite
	1.4 (cal/deg mole)

	O2
	49.0
	H2O
	16.8
	C diamond
	0.6

	CO2
	53.2
	Cyclohexane
	49.2
	I 2
	14.0

	H2O
	45.2
	Benzene
	41.9
	NaCl
	17.2


It should be noted that a given sign for ΔSө carries a different interpretation than it does for ΔHө. Accordingly, a negative ΔHө is associated with an exothermic and energetically favorable transformation; but a negative ΔSө indicates an increase in system order (a less random system), and this is entropically unfavorable. Depending on the case to which they apply, these two functions may complement (support) each other or act in opposition. 

Because entropy increases proportionally with the randomness or statistical probability of a state, it is useful to identify and describe some common chemical transformations that result in significant changes in entropy (|ΔSº| is relatively large). 

1. For a given number of total atoms, a process that converts a few large molecules to many smaller molecules proceeds with a significant increase in entropy (ΔSө is +).

2.  If the total number of molecules remains unchanged, a process that converts a single molecular species to a mixture of different molecules proceeds with a significant increase in entropy (ΔSө is +).

3. In general, a change from a condensed phase (solid or liquid) to a gaseous state will proceed with a significant increase in entropy (ΔSө is +).

The spontaneity of a reaction involves two concepts, enthalpy and entropy. Enthalpy is defined as the amount of heat absorbed by a system at constant pressure. Entropy is a measure of the amount of disorder or randomness in a system.

If we know the enthalpy change, [image: image20.png]


Hө, and the entropy change, [image: image21.png]


Sө, for a chemical process, we can determine the standard state free energy change, [image: image22.png]


Gө, for the process using the following equation: 
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In this equation, T is the temperature on the Kelvin scale. In introductory courses we make the assumption that [image: image24.png]


Hө and [image: image25.png]


Sө, do not change as the temperature changes. Free energy is a thermodynamic function that is useful in dealing with the temperature dependence of spontaneity.
The ө means "standard". The standard enthalpy change for a reaction is the heat released when one mole of reaction proceeds in the forward direction and all the reactants and products are held at standard concentration (1 molar concentration, one atm pressure, etc).
The sign of [image: image26.png]


Gө indicates the spontaneity or non-spontaneity of a process in which reactants in their standard states are converted to products in their standard states. The magnitude of [image: image27.png]


Gө tells us how far the standard state is from the equilibrium state. A process for which [image: image28.png]


Gө is negative is spontaneous under standard conditions, and will proceed left to right to reach equilibrium. At equilibrium, the reactants will be present at less than the standard state pressure (1 atm) or concentration (1 M), because they have been used up to some extent in achieving equilibrium. The products will be present at greater than the standard state pressure or concentration, because they have been formed in achieving equilibrium. For a process with [image: image29.png]


Gө = -50 kJ, the standard state is much farther away from equilibrium than is the standard state for a process with [image: image30.png]


Gө = -5 kJ.

Since free energy is negatively related to the total entropy change, reactions that proceed in the direction of increasing entropy proceed in the direction of decreasing free energy (proceed such that less of the system is ordered). Negative [image: image31.png]


Hө also favors a lower [image: image32.png]


Gө. 

It is also important to note that [image: image33.png]


Gө<0 for a spontaneous reaction, [image: image34.png]


Gө>0 for a non-spontaneous reaction and [image: image35.png]


Gө=0 at equilibrium.

A reaction will proceed to decrease the free energy of the system. In other words, all spontaneous processes have a negative change in free energy.
EXAMPLE 

Given are several reactions and their standard free energies of reaction. Which reaction is furthest from equilibrium in the standard state? In which direction will each reaction have to proceed to reach the equilibrium state? 

	Process
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Gө

	N2(g) + 3H2(g) → 2NH3(g)
	-33 kJ

	6CO2(g) + 6H2O(l) → C6H12O6(s) + 6O2(g) 
	2880 kJ

	CO2(g) + 2H2O(l) → CH3OH(l) + 3/2 O2(g)
	702.4 kJ


The magnitude of [image: image37.png]


Gө is largest for the second reaction; it is furthest from equilibrium under standard conditions. The first reaction will proceed left to right toward equilibrium, because it is spontaneous under standard conditions; the other two will proceed right to left. 

Spontaneous Processes and Entropy 
A spontaneous process is a process that occurs without outside intervention. A spontaneous process may be fast or slow. The driving force for a spontaneous process is an increase in the entropy of the universe. Entropy is a thermodynamic function that describes the number of arrangements that are available to a system existing in a given state. An example of spontaneity is when water spontaneously freezes at temperatures zero degrees Celsius and how ice spontaneously melts at zero degrees Celsius.  Here, [image: image38.png]


Gө is negative.

The Effect of Temperature on Spontaneity 

Entropy changes in the surroundings are determined primarily by the flow of energy into or out of the system as heat. When an endothermic process occurs, heat flows from the surroundings to the system decreasing the entropy of the surroundings. An exothermic process in the system increases the entropy of the surroundings. This is because of the resulting energy flow increases the random motion in the surroundings. Exothermic processes are an important driving force for spontaneity. The impact of the transfer of a given quantity of energy as heat to or from the surroundings will be greater at lower temperatures. Exothermicity is most important as a driving force at low temperatures. 

Free Energy and Chemical Reactions 

For chemical reactions, the standard free energy change is helpful. The standard free energy change is the change on free energy that will occur if the reactants in their standard states are converted to the products in their standard states. The standard free energy change for a reaction is not measured directly. Also there is no instrument to measure free energy. We are able to calculate the standard free energy change from other measured quantities. One method for calculating the free energy change for a reaction uses standard free energies of formation. The standard free energy of formation of a substance is the change in free energy that accompanies the formation of 1 mole of that substance from its constituent elements with all reactants and products in their standard states. 

Free Energy and Equilibrium 

When the components of a given chemical reaction are mixed, they will proceed rapidly or slowly. This depends on the kinetics of the process, to the equilibrium position. The equilibrium position is the point at which the forward and reverse reaction rates are equal. The equilibrium point occurs at the lowest value of free energy available to the reaction system.

Free Energy and Work 

At constant temperature and pressure, the sign of the change in free energy tells us whether a given process is spontaneous or not. The maximum possible useful work obtainable from a process at constant temperature and pressure is equal to the change in free energy. Achieving the maximum work available from a spontaneous process can only occur via a hypothetical pathway. Any real pathway wastes energy. A reversible process is the system in which the surroundings are exactly the same as it was before the cyclic process. In an irreversible process, the universe is different after the cyclic process is performed. All real processes are irreversible. Basically, in any real process in the system, work is changed to heat in the surroundings, and the entropy of the universe increases (this is another way of stating the second law of thermodynamics). 

