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Introduction

This unit discusses the study of the role or changes of energy in the form of heat.
Almost all chemical reactions absorb or release energy, generally in the form of heat. It
is important to understand the distinction between thermal energy and heat. Heat is the
transfer of thermal energy between two bodies that are at different temperatures and we
often speak of “heat flow™ from a hot object to a cold one. Although the term “heat™ by
itself implies transfer of energy when describing the energy changes that occur during a
process, we customarily talk of “heat absorbed™ or “heat released”. Thermochemistry
is the study of heat change in chemical reactions and when considering thermochemical
events they are usually in reference Lo a state of standard state.

This chapter is concerned with the study of energy changes at the molecular level and
the consequences to the changes of that system. In this regard, the basic terms
appearing in thermochemistry must first be defined and understood. The significance of
mathematical symbols “+7 and - specified with the energy change must also be
understood in respect of the amount of energy produced or supplied and this will be
used to explain types of reactions such as endothermic and exothermic reactions.
Thereafter, the discussion will move into the definition of enthalpies of different
chemical events/reactions and expanded to the standard state. The basic laws in
thermochemistry (Hess Law) will be used to perform calculations for chemical events as
appropriate. Finally, the tendency for the occurrence of a reaction will be discussed with
entropy, enthalpy and Gibbs free energy relation (AG = AH — TAS) and hence to the
spontaneity of reactions.

2.1 Basic terms in thermochemistry and thermodynamics

2.1.1 System, surrounding and boundary

It is useful to define and understand important terms that are used to define and explain

the basic concepts and laws of thermochemistry.

e  System

A thermochemical system is defined as any portion of matter or universe under
consideration which is separated from the rest of the universe. (or simply the
object under study is defined as the system).

¢ Surroundings
Everything in the universe (or the rest) that is not a part of the system and can

interact with 1t 1s called surroundings (or simply everything outside the system).

e Boundary
It 18 anything (for example wall of flask) which separates the system from its
surroundings.
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Figure 2.1 Schematic representation of a system, surroundings and boundary

2.1.2 Types of systems
There are different Lypes of systems which can be defined depending on the
interactions/processes between the system and the surroundings.

Open system

A system is said to be open if it can exchange both energy and matter/ mass
with its surroundings. For example, an open bottle containing an aqueous salt
solution represents an open system. Here, matler and heal can be added or
removed simultaneously or separately from the system to its surroundings or
separately from the surroundings to the system.

Closed system

A system which permits the exchange of energy but not matter/ mass, across the
boundary with its surroundings is called a closed system. For example, a liquid
in equilibrium with its vapour in a sealed bottle represents a closed system since
the sealed container may be heated or cooled to add or remove energy from its
contents while no matter (liquid or vapour) can be added or removed.

Isolated system

A system which can exchange neither energy nor matter with its surroundings is
called an isolated system. For example, a sample in a sealed thermos flask with
walls made of insulating materials represents an isolated system.

Matter
Energy I Energy Energy Energy
““*ﬁ.l.{ Open N m/
| System ' System
(a) (b) (c)

Figure 2.2 Schematic view ol (a) open, (b) closed and (c) isolated systems

Homogeneous and heterogeneous systems

A system 1s said to be homogeneous if the physical states of all its matter are
uniform. For example mixtures of gases, mixtures of completely muiscible
liquads, elc.
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A system is said to be heterogeneous. if its contents do not possess the same
physical state (phase). For example, immiscible liquids, solid in contact with an
immiscible liquid, solid in contact with a gas, elc.

2.1.3 Properties of a system

Microscopic properties
A system is called a microscopic system if it is roughly of atomic dimensions
ie. on the atomic or molecular scale the properties must be determined by an

indirect method(s) such as kinetic energy, speed, etc. of atoms/molecules in a
closed container.

Macroscopic properties

The properties which are associated with bulk or macroscopic state of the system
such as pressure, volume, temperature, concentration, density, viscosity, surface
tension, refractive index, colour, etc. are called macroscopic properties.

Macroscopic properties of a system can be divided into two types.

Extensive properties

The properties that depend on the amount or size of a system (extent of a
system) are called extensive properties. (For example, volume, number of
moles, mass, energy, internal energy etc.). The value of the extensive property 1s
equal to the sum of extensive properties of smaller parts into which the system 15
divided. Suppose masses my g, mz g and m3 g are mixed in a system. Then the
total mass of the system is equal to (mp+mz+m3) g. Thus mass is an extensive

property.

Intensive properties

The properties that are independent of the amount or size of the system (extent
of a system) are known as intensive properties. (For example, refractive index,
surface tension, density, temperature, boiling point, freezing point, etc.), of the
system. These properties do not depend on the number of moles of the substance
In the system.

If any extensive property is expressed per mole (mol'") or per gram (g™') or per
cm’ (cm™) or per cm® (cm™), it becomes an intensive property. For example,
mass, volume, heat capacity are exlensive properties while densily, molar
volume, specific heat capacily are intensive properties.

2.1.4 State of a system
A system is said to be in a particular physical state when specific values of the

macroscopic properties of the system are known. For example, the gaseous state of
matter can be described by parameters pressure (P), volume (V) and temperature (T)
etc. The values of these parameters change when the matter 1s in liquid state. Thus, the

4
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state of a system is defined by specific measurable macroscopic properties of the
system.

The initial state of system refers to the starting state of the system before any kind of
interaction with its surroundings.

The final state of system refers to the state after the interaction of system with its
surroundings. A system can interact with its surroundings by means of exchange of
matter, heat, energy or all.

The variables like P, V, T and composition (or amount of moles or ‘n”) that are used to
describe the state of a system are called state variables or state functions. When the
state of the system changes, the values of the state variables of the system also change.
Thus, state functions depend only on the initial state and the final state of the system
and not on how the changes occur. Also, if the values of state functions of a system are
known, all other properties like mass, viscosily, density, etc. of the system become
specified. For specifying a state of the system, it 1s not necessary to know all the state
variables, since they are interdependent and only a few of them (state variables) are
sufficient.

Standard state

It is needed to refer to a reference pressure or the standard pressure
denoted by P° at a specified temperature when heat changes in a system is
considered. The standard pressure has a constant value in any given
application. The IUPAC recommended the value for P? as 1 atm
(101325 Pa). (Nete that there is no defined standard temperature, however,
298 K is used sometimes as specified.) A standard state of a pure substance
s a particular reference state appropriate for the phase and is described by
intensive variables. For example, standard state of solid iron is pure iron
at I atm and at a given temperature (500 K). Standard conditions are
denoted by adding the superscript @ to the symbol of the quantity (AH®,
AGY, ASY etc.) It has to be noted that when solutions are invelved, a
concentration is 1 mol dm”~.

e Spontaneous processes
These are occurring on their own accord. For example heat flow from a hotter
end of a metal rod to a colder end. In these processes, the transformation of the
system from the mmitial, to the final state 1s favourable n a particular direction
only. Many of the spontaneous processes are natural processes and are also,
irreversible processes.
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¢ Non-spontaneous processes
These are not occurring on their own accord. For example, although carbon
burns in air evolving heat to form carbon dioxide, on its own carbon does not
catch fire and an initial heat supply 1s required.

e Reversible process

In a reversible process the series of changes carried out on the system during its
transformation from initial to final state may be possibly reversed in an exact
manner. This is possible when the changes are carried out very slowly in many
smaller steps on the system during its change from initial to final state. Under
such conditions the initial and final states of the system become reversible
completely. For example, when ice melts a certain amount of heat is absorbed.
The water formed can be converted back to ice if the same amount of heat is
remaoved from it.

¢ Irreversible process
An irreversible process is one which cannot be retraced to the initial state
without making a permanent change in the surroundings. Many of the
spontancous processes are irreversible in nature. For example biological ageing
1s an irreversible process. Water flowing down a hill on its own accord 15 an
irreversible process.

2.1.5 Enthalpy (H)

Most of the physical and chemical changes take place or are carried out under the
constant pressure conditions. For example in the laboralory, reactions are generally
carried out in beakers, flasks, or test tubes that remain open to their surroundings and
hence to a pressure of approximately one atmosphere (1 atm, ~10° Pa). To quantify the
heat flow into or out of a system in a constant pressure process, chemists use a property
called enthalpy, represented by the symbol H. 1.e. at constant pressure chemist use the
relation, heat change equals to enthalpy change. Enthalpy is an extensive property; its
magnitude depends on the amount of the substance present. It 1s impossible to determine
the enthalpy of a substance, so it is the change in enthalpy, AH, that we actually
Mmeasure.

The enthalpy change of reaction, AH, is the difference beiween the iotal enthalpies of
the products and the total enthalpies of the reactanis.

3 H

EEH = H{pmduﬁs} = Hl.’reacmm?;]

LS
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2.1.6 Heat

As the enthalpy is equal to the heat (g) at constant pressure, we may consider the
measurement of heat changes. In the laboratory heat changes in physical and chemical
processes are measured with a calorimeter, a closed container designed specifically for
this purpose. To estimate heat changes we first need to have an understanding of
specific heat and heat capacity.

Specific heat and heat capacity

The specific heat (¢) of a substance is the amount of heal required (o raise Lhe
temperature of one gram of the substance by one degree Celsius. The heat capacity (C)
of a substance is the amount of heat required to raise the temperature of a given quantity
of the substance by one degree Celsius. Specific heat is an intensive property, whereas
heat capacity is an extensive property. The relationship between the heat capacity and
specific heat of a substance is

|C:mc‘

where, m 1s the mass of the substance in grams.
Note: sometimes s is used to denote specific heat.

For example, the specific heat of water is 4.184 J ¢! °C'! and the heat capacity of
100.0 g of water is (100.0 g) x (4.184 J g °C') =418.4 ] °C",

Note: Specific heat has the units J g °C' (or J g' K') and heat capacity has the units
T2 for T RE),

Knowing the specific heat, the mass of a substance and the change in the sample’s
temperature Ar (temperature in °C) or AT (temperature in K), the amount of heat (Q)
that has been absorbed or released in a particular process can be calculated by the
equation;

OQ=mcAt or Q=mcAT

where m 1s the mass of the sample and At is the temperature change 1.e. At = ffinal - finitial
The sign convention for g i1s the same as that for enthalpy change; ¢ 1s positive for
endothermic processes and negative for exothermic processes.

2.2 Enthalpy changes and standard enthalpy changes associated with different
thermochemical processes/ reactions

AH represents the heat given off or absorbed during a reaction. The enthalpy of reaction

can be positive or negative, depending on the process. Enthalpy change is directly

proportional to the amounts of substances 1n a system.

7
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2.2.1 Exothermic and endothermic processes

When a thermodynamic process is a chemical reaction or a physical transformation, it 1s

classified as either exothermic or endothermic depending on the nature of heat change

involved 1 the overall process. These two processes are differentiated as follows:

Table 2.1 Comparison between endothermic and exothermic processes

A process that transforms a system [rom
initial to final statc by absorption of heat is
called an endothermic process.

A process that transforms a system [rom

initial to final statc by cvolution of heat is
called an exothermic process.

The final state of the system possesses higher
energy than the initial state. The energy
needed is absorbed as heat by the system from
the surroundings.

Example: Dissolving ammonium chlorde in
water.

The final state of the system possesses lower
energy than the initial state. The excess
energy is released as heat to the surrounding.
Example: All combustion processcs arc
exothermic.

Generally in a physical transformation which
15 endothermic, heat 1s supplied to bring about
the change from initial to final state. Example;
melting of a solid by supplying heat 1s an
endothermic process.

If the physical transformation is exothermic
heat is removed to bring about the change
from the initial to final state. Example:
Freezing of a liquid at its freczing point is an
cxothermic process.

Eeactant + Energy(Heat) — Products
> Na(g) +5 Oa(g) + 90 kI - NO(g)

Reactant — Products + Energy(Heat)
Ha(g) +30x(2) > H:0(g) + 242 kJ

Surroundings

& 3

For an endothermic process (heat absorbed by
the system from the surroundings), AH is
positive (that is, AH = 0)

For an exothermic process (heat released by
the system to the surroundings), AH is
negative (that is, AH < 0)

A

Products
=
i Al =0
=
=
[

Reactants

Reactants

Afl < 0

Enthalpy

hd

Products

Heat effects measured al constant pressure indicate changes i enthalpy of a system.
Using calorimeters operaling al constant pressure, the enthalpy change of a process can

be measured directly,
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Standard enthalpy changes
The measured enthalpy change for a reaction has a unique value only if the initial state
(reactants) and final state (products) are precisely described. If we define a standard
state (10° Pa pressure and a temperature of interest) for the reactants and products, we
can then say that the standard enthalpy change is the enthalpy change in a reaction in
which the reactants and products are in their standard states. This so-called standard
enthalpy of reaction is denoted with a degree symbol, AH®. Although temperature is
not a part of the definition of a standard state, 1t sull must be specified in tabulated
values because it depends on temperature. The standard temperature values given in this
text are all 298.15 K or 25 °C unless otherwise stated.
Simply, we can say;
The standard enthalpy change of a reaction is the enthalpy change which occurs
when the given quantities in a reaction react under standard conditions to form

products in the standard state.

2.2.2 Thermochemical equations

A balanced chemical equation together with standard conventions adopted and
including the value of AH (or AHY) of the reaction is called a thermochemical equation.
The following conventions are necessarily adopled in a thermochemical equation.

(1) The coefficients in a balanced thermochemical equation refer (o number of
moles of reactants and products involved in the reaction.

(ii) The enthalpy change of a reaction has unit kJ mol® and will remain as it is,
even il more than one mole of the reactant or product are involved but with
only the magnitude changing.

(111) When a chemical reaction is reversed the value of AH is reversed in sign with
the magnitude remaining the same.

(iv) Physical states of all species is important and must be specified in a
thermochemical equation since AH (or AH®?) depends on states (phases) of
reactants and products.

(v) If the thermochemical equation is multiplied throughout by a number, the
enthalpy change is also be multiplied by the same number.

(vi) The negative sign of AH" indicates an exothermic reaction and a positive sign
of AHY indicates an endothermic reaction.

Example:

Consider the following reactions.
2H:(g) + Oa(g) — 2H20(g) AHY = - 483.7 k] mol!
2Ha(g) + O2(g) — 2H:20() AH® = - 571.6 kJ mol’

First reaction in the above thermochemical equations can be interpreted in several ways.
e 483.7 kJ given off per mole of the reaction®
o 483.7 ki given off per 2 moles of Ha(g) consumed
e 483.7 k] given off per mole of Oz(g) consumed

9
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e 453.7 k] given off per 2 moles of water vapour formed
AH"Y tells how much the enthalpy change would be, if the number of moles reacting is
the same as the stoichiometric coefficients.

* Note: In this case, 483.7 kJ mol 'means that 483.7 kJ of heat is evolved when 2 moles
of hvdrogen gas were to react with 1 mole of oxygen gas to form 2 moles of gaseous
waler

Sometimes the above reaction is written as;
2Ha(g) + Oa(g) — 2H2O(g) AH® =- 483.7 k]

* Note: In this case, 483.7 kJ of heat is evolved when a defined extent of reaction
occurs as wrilten and gives the units in kJ. Extent of reaction has the unit of mol. For
the above reaction ; AH = AH? xmol = - 483.7 k] mol!'x mol = - 483.7 k]

For example 1if we write the reaction as;
4Ha(g) + 202 (g) = 4H20(g)

then we write AH of the reaction as 2 <« AHY =-967.4 k]

That means the original AH® value has to be multiplied by 2 or in other words the value
of AH is multiplied by the amount (mol) of substance reacting. Therefore, instead of the
extent of reaction, we can use the actual amount of substance of any species reacting,
divided by its stoichiometric coefficient in the simplest balanced chemical equation.
Hence for the above reaction we get (for oxygen),

AH = -483.7 k] mol'x (22%) =. 9674 kJ

If we are giving only AH?, then it would equals to - 967.4 kJ mol’!

If we write the equations as;
Ha(g) +502(g) > H:0()  AH} = —285.8 kJ mol ™!

Ha(g) +%Clg{g} > H,0(g) AH? = —241.85k] mol ™!

We can see that the enthalpy values are halves of the above values.

The above equations describe the combustion of hydrogen gas to water in a general
sense. The first reaction can be considered the formation reaction of liguid water and the

second reaction the formation of water vapour. The negative sign of AH indicates that
they are exothermic reactions.

The reaction which 1s exothermic in the forward direction 1s endothermic in the reverse
direction and vice-versa. This rule applies to both physical and chemical processes.

10
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2H>0(l) — 2Ha(g) + O2(g) AH® =+ 571.6 kJ mol’’
2H-0(g) — 2Ha(g) + O2(g) AHY = + 483.7 kJ mol”’

2.2.3 Enthalpy diagrams
Consider the following reaction.
Ci2H»011(s) + 12 0a2(g) =12 COx(g) + 11 H2O() AH® = -5650 kJ mol

The negative sign of AH® in the above equation means that the enthalpy of the products
1s lower than that of the reactants. This decrease in enthalpy appears as heat evolved to
the surroundings. The combustion of sucrose 1s an exothermic reaction.

Nz(g) + O2(g) = 2NO(g) AH?= 180.50 kJ mol!

In the above reaction the products have a higher enthalpy than the reactants so AH%is
positive. To produce this increase in enthalpy, heat is absorbed from the surroundings.
The reaction 1s endothermic. An enthalpy diagram is a diagrammatic representation of
enthalpy changes 1in a process. Figure 2.3 below shows how exothermic and
endothermic reactions can be represented through such diagrams as are already shown
in the Table 2.1).

F'y F 3
Products Reactants
i
E 8
™ AH >0 s AH <D
E t
L5 wi
|
Reactants Products
(a) (b)

Figure 2.3 Enthalpy diagrams ol (a) endothermmic and (b) exothermic processes

2.2.4 Enthalpy changes and standard enthalpy changes
¢ Standard enthalpy change of formation, dH}’e

The standard enthalpy of formation, AH of a substance is the enthalpy change that

occurs in the formation of one mole of the substance mn the standard state from the
reference forms of the elements in their standard states. The reference forms of the
elements in all but a few cases are the most stable forms of the elements at one atm
(101325 Pa) and the given temperature. The © symbol denotes that the enthalpy change
1s a standard enthalpy change, and the subscript “f ” signifies that the reaction 15 one n
which a substance is formed from its elements. Because the formation of the most stable
form of an element from itself is no change at all that is the standard enthalpy of a pure
element in tis reference form is (.

11
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For example, listed below are the most stable forms of some elements/ compounds at
298.15 K, the temperature at which thermochemical data are commonly tabulated.
Nais), Ha(e), Na(e), Oz(e), Cos, graphite), Bra(l)

Example :

One may concern the situation with carbon. In addition to graphite, carbon also exists
naturally in the form of diamond. However, because there is a measurable enthalpy
difference between them, they cannot both be assigned AH? =

C(s, graphite) — C(s, diamond) ; AH} = 1.9 k] mol™*

We choose as the reference form the more stable form, the one with the lower enthalpy.
Thus, we assign .-*\H;Lgmpme;, =0.

The physical state of the product of the formation reaction must be indicated
explicitly 1f 1t 1s not the most stable one at 25 °C and 1 atm pressure
Ha(g) + z02() = H200) AH} = —285.8 k] mol ™!

Ha(g) + 502() >H20(g) AH} = —241.8 k] mol™?

Nole that the difference between these two ﬂH? values 1s just the heat of vapourization
(44 k] mol™?!) of water.

We often use standard enthalpies of formation in a variety of calculations and the first
thing we must do is to write the chemical equation to which a.-"uHF value applies, as

illustrated in following examples in the text.

The standard enthalpy of formation of formaldehyde (HCHO) is -108 k] mol ™! at 298 K
and the chemical equation below shows this event.

Ha(g) +202(g) + C(graphite) > HCHO(2) ~ AH§ = —108 k] mol

Before going to discuss some examples it 1s worth defining standard enthalpies of some
chemical reactions/events.

¢ Standard enthalpy change of combustion, AH,
It is the enthalpy change when one mole of an element or a compound in the standard
state undergoes complete combustion with excess oxygen (or one may say air) in the
standard state to give the products in the standard state.

CHHE{E] 23 EDE[E] —> ECDEEE} + 4H20(1) ﬁHELEEHH':Hjlz - 2219.9 ki mﬂ]_l
Cis) + O20g) = CO2(g) EMSJ]: - 393.5 k] mol™?

13
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¢ Standard enthalpy change of bond dissociation, AH |,
It is the enthalpy change when a gaseous compound in the standard state undergoes

dissociation to gaseous atoms or components in the standard state by breaking a mole of
bonds.

H(g) — 2H(g) b= 432 k] mol™?
CHa(g) —» CHs(g) + Hig) AHY = 428 k] mol !
CHsi(g) = CHa(g) + Hig) AHS = 441 k] mol ™1
CHa(g) — CHig) + H(g) AHY) = 454 k] mol !
CH (g) —» Cig) + H(g) AHS = 344Kk]) mol !

Therefore the bond dissociation energy change of methane is the mean value of the
above four enthalpy values.

=
Mean standard enthalpy change of = (425 +441 & ‘1‘5“: 344) kJ mol

hond dissociation of CHy(g)
= 416.75 K] mol-1

e Standard enthalpy change of neutralization, AH} .,
It 1s the enthalpy change when a mole of an aqueous H" 1ons and a mole of an aqueous
OH’ 10ns in the standard state react to form a mole of hiquid water.

H*(aq) + OH(aq) — H-0(1) AHE, = -57 k] mol™?

)
sol

¢ Standard enthalpy change of solvation, AH
It is the enthalpy change when a mole of gaseous ions in the standard state changes into
a solution to form 1.0 mol dm™.
M™(g) + solvent - M" (solvent)

e Standard enthalpy change of hydration, .-"uHE},d
It is the enthalpy change when a mole of gaseous ions in the standard state changes into
a solution with water with the concentration of 1.0 mol dm™.
Na'(g) + water — Na'(aq) AH ﬂ},d = - 406 kJ mol

* Standard enthalpy change of dissolution, AHy; .o 1ution
It 1s the enthalpy change when a mole of a substance in the standard state dissolved 1n a
solvent to form a solution with the concentration of 1.0 mol dm™ (a saturated solution
formed by a sparingly soluble salt).
NaCls) + water —» NaCl(aq) AH tﬂﬂssmmiﬂn: 1 kJ mol’

13
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¢ Standard enthalpy change of sublimation, AH, ;
It i1s the enthalpy change when a mole of a solid element or a mole of a solid compound

in the standard state converts completely into a gas at its standard state.
Ca(s) — Caig) AH = 193 k] mol!

* Standard enthalpy change of evaporization, AHg,,,,
It is the enthalpy change when a mole of a liquid compound or an element in the
standard state converts into a mole of gaseous compound or element at its standard
state.
Bra(l) = Bra(g) AHepap= 30.91 kJ mol’

e Standard enthalpy change of fusion, ﬁH?M

It 1s the enthalpy change when a mole of a solid compound or an element in the standard
state converts into a mole of liquid compound or element at its standard state.

Al(s) = Al() AHY,= 10.7 kJ mol’

* Standard enthalpy change of atomization, AH,
It is the enthalpy change when an element in the standard state converts into a one mole
of gaseous atoms at the standard state.

Y5 Ch(g) — Cl(g) AHE,= 121 kJ mol’

e Standard enthalpy change of first ionization, AH},
It 1s the enthalpy change when a mole of a gaseous mono-positive 1ons at standard stale
are formed by removing an electron from each atom that is most weakly bonded to the
nucleus from a mole of gaseous atoms of an element in standard state.

Na(g) — Na'(g) +e AHY,= 496 kJ mol’!

e Standard enthalpy change of electron gain, AHY,
It is the enthalpy change when a mole of gaseous mono-negative ions are formed by
gaining electrons to a mole of gaseous atom at the standard state.

Cl(g) + e — CI' (g) AH} .= -349 kJ mol!

o Standard lattice dissociation enthalpy change of an ionic compound, AH}
It 18 the enthalpy change when one mole of a solid 1onic compound is converted (o its
gaseous positive and negative ions at the standard state.

NaCl(s) = Na'(g) + Cl(g) AH{ = +788 kJ mol’

14
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2.2.5 Indirect determination of AH (AH®): Hess Law

One of the reasons that the enthalpy concept is so useful 1s that a large number of heat
of reaction can be calculated from a small number of measurements. The following
features of enthalpy change make this possible.

AH is an extensive property and is also a function of state. Consider the standard
enthalpy change of formation of NO(g) from its elements at 25 °C.

Na(g) + 02(g) —>2NO(g) AH? = 180.50 kJ mol!

To express the enthalpy change in terms of one mole of NO(g) we divide all coefficients
and the value AH? by two.

INa(g) +20s(g) - NO(g) AH = 90.25 kJ mol ™!

AH*Y changes sign when a process 1s reversed as the change in a function of state
reverses sign. Thus, for the decomposition of one mole of NO(g), standard enthalpy
change is -90.25 k] mol~! which is the negative value of the enthalpy for the formation
of one mole of NO(g).

NO(g) — %N;{'g} i éﬂg{g] AH? = -90.25 k] mol 1

An example for Hess Law of constant heat summation:
The standard enthalpy change for the formation of NO:(g) from N2(g) and O2(g) can be
found as follows.

%Nzig] +0a(g) — NOa(g) AH? = 9

We can think of the reaction as proceeding n two steps: First we form NO(g) from Na(g)
and Oz(g), and then NO:z(g) from NO(g) and Oz(g). When the thermochemical equations
for these two steps are added together with their individual and distinctive AH“ values,

we get the overall equation and AH® value that we are seeking.

iNz(g} +%Ch{g} — NO(g) AH? = 90.25 k] mol™!  ------ (1)
NO(g) +-0a(g) - NOx(g) AHP = -57.07k] mol™* -~ (2)
(1) +(2). ;Na(g) + 0x(g) - NO:(g) AHY = +33.18 k] mol ™!

As of the above example the Hess law states the principle we used: Le.
If a process occurs in stages or steps (even if only hypothetically), the
enthalpy change for the overall process is the sum of the enthalpy changes
Jor the individual steps.
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In other words, Hess law is simply a consequence of the state function
property of enthalpy. Regardless of the path taken in going from the initial
siate 1o the final state, AH (or AH? if the process is carried oul under
standard states) has the same value or it is independent of the roule.

This concept can also be illustrated by an enthalpy diagram and a thermochemical cycle
as described in Figure 2.4 and 2.5 respectively.

A r Y Intermediates (I)

" Y
AH,T G
Eﬁ_actants (A) Reactants (A):
3 z
[} o -
= AH <0 £ | aH AH, -
= = =
W w :
4 - :

Products (B) Products (B)

(a) (b)

Figure 2.4 Enthalpy changes for an exothermic reaction using two dilferent
ways of getting from reactants A to products B. (a) direct
conversion and (b) two-step process involving some intermediates

Figure 2.4 describes the statement of Hess Law, that 1s, if you convert reactants A into
products B, the overall enthalpy change will be exactly the same whether you do it in
one step or two steps or many steps. In either case, the overall enthalpy change must be
the same, because 1t 15 governed by the relative positions of the reactants and products

on the enthalpy diagram.

Calculations can also be done by setting them out as enthalpy diagrams as above, bul
there is a much simpler way of doing it which needs a cycle to understand the process as
below where the conversion of reactant A to product B 1s considered in two routes.
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Route 1

7 N\

Reactants (A) —— Products (B)

S

Intermediates (I

Roule 11 |

AH = AHh+AH:

Figure 2.5 Thermochemical cycle

When we write the thermochemical cycle it is important to follow the instructions given
below.

First write the chemical reaction in which the enthalpy change needs to find and write
AH over the top of the arrow. Then include the other reactions with thermodynamic
information to the same diagram to make a thermochemical cycle (Hess law cycle), and
write the known enthalpy changes over the arrows for each of the other reactions. Find
two routes around the diagram, always going with the flow of the various arrows. There
must be no arrows going in the opposite direction.

In addition, it 1s necessary to multiply the known enthalpy values by a number of moles
involved 1n a particular reaction. For example, standard enthalpy changes of
combustion starts with one mole of the substance (carbon) burning and the enthalpy
value should be multiplied by the number of carbon atoms involved in the reaction (see
the example given below). Remember that this should also be included when the
problem is solved with the equations.

Example:
Suppose we want the standard enthalpy change for the following reaction.

3C(s) + 4Hz(g) = CsHs(g) AHe= ?

Now we have a question that how should we proceed? If we try to get graphite and
hydrogen to react, but it will not go to completion. Furthermore, the product will not be
limited to propane and several other hydrocarbons will form as well. The fact is that we
cannot directly measure AH" for reaction above. Instead, we must resort to an indirect
calculation from AH® values that can be established by experiment. Here 1s where Hess
law 1s of greatest value. It permits us to calculate AHY values that we cannot measure
directly.

To determine an enthalpy change with Hess law, we need to combine the appropriate
chemical equations. A good starting point is to write chemical equations for the given
combustion reactions based on one mole of the indicated reactant. Considering that the
products of the combustion of carbon—hydrogen—oxygen compounds are COz(g) and
H:0(l) we can find the path to solve the problem as follows.
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C3iHs(g) + 502(g) —» 3COx(g) + 4H20(1)  AH? =-2219.9kI mol!  (a)

C(s) + Oxg ) = CO2(g) AH® =-393.5 kI mol” (b)
éﬂz[g} + Ha(g) — Ha0(l) AH? =-285.8 k] mol’ (c)

Reverse of the reaction (a).
3C0O2(g) + 4H,O(1) — C3Hs(g) + 502(g)  AH? =2219.9 kJ mol” (a)'

Considering the reactants of the reaction of interest, C(s) and Ha(g), to get the proper
number of moles of each, we must multiply equation (b) by three and equation (c) by
four.

3C(s) + 305(g) = 3C0x(g) AH? = 3(-393.5 kJ mol") =-1180.5 kJ mol' (b’
202(g) + 4Ha(g) —» 4H2O(1) AH? = 4(-285.8 kJ mol') =-1143.2kJ mol?  (¢)’

Here is the overall change we have described: 3 mol of C(s) and 4 mol of Ha(g) have
been consumed, and 1 mol of CsHs(g) has been produced. This is exactly what is
required. We can now combine the three modified equations by summing them up (i.e.

(@)’ + (b)" + (c))

3C0:(e) +4H20(1) > CiHs(g) +56:£e) AH?= 2219.9 kJ mol’ (a)'
3C(s) +30262)—> 3C0{er AH? = 3(- 393.5 k] mol') =-1180.5 kI mol'  (b)’
20:(2)+ 4Ha(g) — 4H20¢) AH® =4(-285.8 k) mol') = -1143.2 kI mol’ (¢’

3C(s) + 4 Ha(g) > C3Hs(g) AH?= -103.8 k] mol ™!

Solving the above with a thermochemical cycle:

AH
202(g) +3C(s) +4Ha(g) —— CsHs(g) +50:(g)

4 x -285.8 kJ mol ;
3 % -393.5 kJ mol ! 2219.9 kI mol !

CO;(g) +4H: 0

AH = 3(- 393.5 kI mol") + 4(-285.8 kI mol"") + 2219.9 kI mol"' = -103.8 k] mol !

Representation and solving of the above with an enthalpy diagram:

In the enthalpy diagrams we have drawn, we have not written any numerical values on
the enthalpy axis. This is because we cannot determine absolute values of enthalpy, H.
However, enthalpy is a function of state, so changes in enthalpy, AH have unique
values. We can deal just with these changes. Nevertheless, as with many other
properties, it is still useful to have a starting point, a zero value.
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H/ kJ maol’

A IC(s, graphite) + 4Hh(g) + 5040g)

Al

-104

Calfslg) + 5 Ouig)

Formation of 3 C00ug

Wi, = 3 (-393.3)

=1 18415

AH,

22199

V300,02 + 4H.(g)+ 20,(g)

W/ kI mol’

A s, graphite) = 4fp) + S0:0g)

AH,

104

Caffg) + 5 Oxg)

A -

2219.9

Formation of 3 C0g)

AT, = 3 (3193.5)

= 1180.5

3CO(g) + 4H(g)+ 20,(g)

Formation of 4 Jf.0k)

AH, = 4 (285.8)
= 1143.2

Formation of 4 1,00
Al = 4 [-283 %)
-1143.2

ICOg) + 4 H:0)

¢ 3COn(g) + 4 H 00

(a) (b)

Figure 2.6 Enthalpy diagram for 3Ci(s) + 4Hx(g) — CsHs(g) reaction. (a)
represents each process with the enthalpy values with respect to
the direction of reaction. (b) shows the enthalpy-gap and we can
decide the sign according to the direction of the reactions wanted.

Standard enthalpies of reaction

We have learned that if the reactants and products of a reaction are n their standard
states, the enthalpy change 1s the standard enthalpy change. which we can denote as
AH? or AHpy,. One of the primary uses of standard enthalpies of formation is in
calculating standard enthalpies of reaction.

Example 2.1
Calculate the standard enthalpy of reaction for the decomposition of sodium

bicarbonate, a side reaction that occurs when baking soda is used in baking by using
Hess law.

2 NaHCO3(5) = NaxCOsis) + HoO0) + CO2g) AHY,, = 7
Answer:

From Hess law, we see that the following four equations yield the above equation

when added together.
2NaHCOs(s) — 2Nas) + Ho(g) + 2C(graphite) +302(g)  AH" = -20H{anco, @)
2Na(s) + Cgraphite) + -Ox(g) = NaxCOx(s) AH® = AHping co )] (b)
20a(g) + Hag) > H200) AH® = AHjiyom ©
Cigraphite) + Oa(g) = COa(g) AH® = AHS 0.t (d)
2NaHCOs(s) = Na:COs(s) + H:O) + COxgy AHZ (= 7
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Equation (a) is the reverse of the equation representing the formation of two moles
of NaHCOs(s) from 1its elements. This means that AHY for reaction (a) 15 the
negative of Lwice AHfy, 400, Equations (b), (¢) and (d) represent the formation of
one mole each of Na>COs(s), H2Od1) and COa(g). Thus, we can express the value of
AH® for the reaction;

AHPen = AHpiNg cou9) + Aoy + AHfico,) + (= 2AHfNaHcO,(s)))
= (—1130.68 kJ mol )+=(—187.78 kJ mol 1)+(=393.51 kJ mol!) + (1901.62 kJ mol 1)
~ 189.65 kJ mol! (For 2 moles of NaHCOj(s))
= 94.825 kJ mol ! (For 1 mole of NaHCOs(s))

We can use the enthalpy diagram to visualize the Hess law procedure and to show how
the state function property of enthalpy enables us to arrive at the equation above.

Imagine the decomposition of sodium bicarbonate taking place in two steps. In the first
step, suppose a vessel contains 2 mol of NaHCO3(s) which 1s allowed to decompose mto
2 mol Na(s), 2 mol C(graphite), and 3 mol of Oz(g) as in equation (a) above. In the second
step, recombine 2 mol Na(s), 2 mol C(graphite), 1 mol of Ha(g) and 3 mol of Oz(g) to form
the products according to equations (b), (c) and (d) above.,

Step 1: 2 x [NaHCOs(s) — Na(s) + 1/2Ha(g) + C(graphite) + 3/20:(g)]
AH? = 2x (——.f_"b.HF [NaHCO:(s)]) = (2 mol)[—(—950.81 kJ mol )]
Step 2: 2Na(s) + C(graphite) + 3/20:(g) = Na:COs(s)
AH? = AHF[Na:CO5x(s)] = (1 mol Na;CO3)(-1130.68 kJ mol )]
Ci(graphite) + O:(g) — CO:(g)
A= ﬁHﬁ [CO:z(g)] = (1 mol CO;)(-393.51 k] mol )]
Hag) + 1/2 Oz(g) — H0(1)
AH? = AHP [H20(1)] = (1 mol H;0)(-187.78 KJ mol )]

Because enthalpy is a state function and the change of any state function is independent
of the path chosen, the enthalpy change for the overall reaction is the sum of the
standard enthalpy changes of the individual steps as shown in the above equation
according o Hess law. Therefore, the above procedure is a specific application of the
following more general relationship for a standard enthalpy of reaction.

T T & ; B
["”Ir'xn et Z Vo ”f[pruriuctsl = Z i 'F‘IflTE‘-'H'-tﬂ“TSJ }
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where wv,andv, are the stoichiometric coefficients of products and reactants,
respectively. The enthalpy change of the reaction (AHZ,,) (sometimes written as AH?) 1s
the sum of terms for the products minus the sum of terms for the reactants.

Simply for example, consider the hypothetical reaction
a

aA+bB —>cC+dD A= 1

where a, b, ¢ and d are stoichiometric coefficients. For this reaction AH,,,, 1s given by
In order to use the above equation to calculate AHZ,,,, we must know the lef-’ values of

the compounds that take part in the reaction. To determine these values we can apply
the direct method or the indirect method.

The Direct Method;

This method of measuring AHf works for compounds that can be readily synthesized
from their elements. Suppose we want to know the enthalpy, AH;,,, for the combustion
of C2He(g). We must measure or know the ;'".HF values of Cz2Hs(g), Oa(g), CO2(g) and
H>O(l) in their standard states.

Example 2.2
Calculate AH?,.,, for the combustion of C:Hs(g) using the direct method

Answer;
The reaction 1s;

CaHg(g) + 202(g) = 2C0a(g) + 3H20 (1)
¥
AHPxn = [2AHf1co, 1 + 38 001 — [ AHfc, 001 + 5 AHf 0201
= 2%-393.5 kJ mol '+3 x -285.8 k] mol”" — (-84.7 kJ mol '+ gx 0.0 kI mol™)
= -1559.7 k] mol !

The Indirect Method;

In many cases or reactions, compounds cannol be directly synthesized from their
elements. In some cases, the reaction proceeds too slowly, or side reactions produce
substances other than the desired compound. In these cases ﬂHf-’ can be determined by

an indirect approach of Hess law as described earlier.
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Example 2.3
Calculate AHZ,,, for the combustion of C:Hg(g) using the indirect method

Answer:
This is use of simple Hess Law cycles that you are likely to come across.

In the cycle below, this reaction has been written horizontally, and the enthalpy of
formation values are added to complete the cycle.

Hess law cycle for the reaction of C2Hg with Os.

AH}
—» CiHg(g) + 7/20x(g) —» 2C0x(g) + IH0(]) +—

-84.7 kJ mol 2x393.5 klinol!
3x285.8 kJ mol?!

2C(s) + Oxz) + 3 Hig)

And now for the calculation we can write down all the enthalpy changes which
make up the two routes, and equate.

—84.7k] mol™! + AH” = 2x-393.5k] mol™! + 3 x -285.8 k] mol ™
AH? = -1559.7 k] mol !

2.3 Lattice enthalpy or enthalpy of formation of an ionic compound: Born-Haber
cvcle

We can predict which elements are likely to form stable ionic compounds based on
ionization energy and electron gain enthalpy. lonization energy and electron gain
enthalpy are defined for processes occurring in the gas phase, but at 100 kPa (1 atm)
and 25 “C all ionic compounds are solids. The solid state is a very different environment
because each cation in a solid is surrounded by a specific number of anions, and vice
versa. Thus the overall stability of a solid ionic compound depends on the interactions
of all these ions and not merely on the interaction of a single cation with a single anion.
A quantitative measure of the stability of any ionic solid is its lattice (dissociation)
enthalpy, defined as the enthalpy change when one mole of a solid ionic compound is
completely separaied into i1s gaseous ions.
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Lattice (dissociation) enthalpy cannot be measured directly. However, if we know the
structure and composition of an ionic compound, we can calculate the compound’s
lattice enthalpy by using Coulomb law, which states that the potential energy (E)
between two ions is directly proportional to the product of their charges and inversely
proportional to the distance of separation between them (will not discuss here).

We can also determine lattice enthalpy indirectly, by assuming that the formation of an
ionic compound takes place in a series of steps. This procedure, known as the Born-
Haber cycle, relates lattice enthalpies of ionic compounds to ionization energies,
electron gain energies and other atomic and molecular properties. Basically, il i1s based
on Hess law. The Born-Haber cycle defines the various steps that precede the formation
of an ionic solid. We will illustrate its use to find the lattice (dissociation) enthalpy of
lithium fluoride. Consider the reaction between lithium and fluorine.

Li(s) + > Fal@ > LiFs)  AHP =7

The standard enthalpy change for this reaction is -594.1 kJ mol"' which is the standard
enthalpy of formation of LiF. Considering the formation of LiF from its elements
through five separate steps as described below. This pathway facilitates to analyze the
energy (enthalpy) changes in 1onic compound formation, with the help of Hess law.

1. Sublimation step to convert solid lithium to lithium vapour

Li(s) — Li(g) AHY,, = AH{ = 155.2 k] mol ™!
2. Atomization of Fa(g) to F(g)

%Fz{g} — F(z2) AHY, = AH? = 75.3 k] mol~!
3. Ionization of gaseous Li atoms

Lig) > Li*(g) +e AHS, = AH§ = 520 k] mol !
4. Formation of F by capturing an electron

Fig) + ¢ =2F(g) AH% . = AH = —328 k] mol !
5. Combination between Lit(g) and F~(g)

Li*(g) + F~(g) > LiF(s) AH? = xKkJmol™!

The lattice dissociation enthalpy of LiF is defined as
LiF(s) = Lit(@)+F (@) AH] = —AH? = —x K] mol™’

The value of AHS can be calculated by the following procedure. As the overall reaction
has the standard enthalpy change, AH,.,,, of -594.1 k] mol”', we can write,
AHE., = AHY + AH; + AH; + AH] + AH¢

and by summing up reactions of 5 steps we get the overall reaction as ;
Li(s) + JFa(e) — LiF(s
Therefore, -594.1 kI mol”' = 155.2 kJ mol ' +75.3 kI mol '+520 kJ mol ™ +(-328 kJ mal™) + AHE
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AH? = -1016.6 Kl mol~! and hence the lattice dissociation enthalpy of LiF(s) is
1016.6 k) mol ™!

The Figure 2.7 below summarizes the Born-Haber cycle for LiF. Steps 1, 2 and 3 all
require the mput of energy. On the other hand, steps 4 and 5 release energy. Because
AHE is a large negative quantity, the lattice dissociation enthalpy of LiF is a large
positive quantity, which accounts for the stability of solid LiF. The greater the lattice
dissociation enthalpy means that the more stable the ionic compound which exists. Keep
in mind that lattice dissociation enthalpy is always a positive quantity because the
separation of 10ns 1n a solid into 10ns 1n the gas phase 1s an endothermic process.

Li(g) + ¢ + F(g)

Li(g) + F(g)

AHC,
AH, C | =-328 10 mol” AR i
= 5§70 | 7 | A 1
520 kJ mol = . :
Li(g) + Fig) = 520 kJ mgl” = -328 kJ njol”
W+ Fe) Li(g) + F(g)
fﬂ;r:'lj kJ mol Al 1
2.3 Kl mo =-1016.6 kJ mol
Li(g) + ¥ F{g) AH®, _ AH®, :
= 155.2 kJ thol” =753 kJ nfol”
ﬂ"Hlﬂi { an;
| =155.2kTmol = -1016.6 kJ mol’
Li(s) + %2 F.(g) Li(s) + % F.(g)
'II:"HG [ L) ; anr'ﬂ-wllll
=. 5041 k.T ““1]" = - 504.1 kJ mol”
LiF
T ¥ LF \J
(a) (b)

Figure 2.7 Born-Haber cycle of the above system (AHE = -1016.6 k] mol™*
and hence the lattice dissociation enthalpy of LiF(s) is
1016.6 kI mol'). In (a) each process is shown separately while (b)
show respective processes together.

2.4 Spontaneity of chemical reactions

Spontaneous processes; An important part of experimental chemistry deals with
spontaneous reactions, that 1s, reactions that take place without having to continually
supply energy from outside the system. Or we can describe that as once a spontaneous
reaction starts it will go to completion until either the reactants are consumed or 1t enters
a state of equilibrium if the products are not removed. It 1s also important o remember
that the term spontaneous does not necessarily mean a fast reaction rate. Time 1s not a
part of the thermodynamic definition of a spontaneous process. A spontaneous process
may or may not happen immediately, or at all.
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For example, the conversion of diamond to graphite is a spontaneous process at 25 °C
and a pressure of 100 kPa, even though this process is so slow that it cannot be observed
in a human life (ime.

One goal of thermodynamics is to predict whether a reaction will take place when a
given set of reactants is brought together. Thermodynamics only tells us whether or not
the reaction will occur, but it tells us nothing about how fast.

The release of heat by a reaction was once thought to be an indication that the reaction
was spontaneous. The sign of the enthalpy change, AH or AHY | by itself is not an
adequate guide to spontaneity because while some spontaneous reactions are known to
be exothermic (AH" is -ve), many endothermic reactions (AH" is +ve) are known to be
spontaneous as well.

In addition to the heat absorbed or released in a spontaneous process, another factor
called entropy must be considered. Entropy is a measure of the disorder or randomness
of a system. The entropy (S) is a state function that increases in value as the disorder or
randomness of the system increases. Entropy has the units J K mol™.

A number of factors contribute to the entropy of a substance, such as the physical state,
temperature, molecular size, intermolecular forces, and mixing. Here at this stage it 1s
simply described with physical state and temperature.

Gases tend to have the highest entropies because the motion of gas particles is highly
random. Liquids tend to have higher entropies than solids, which are much more
restricted in their motions. At room temperature, one mole of CO2(g) has a much higher
entropy than one mole of liquid water, which has a higher entropy than one mole of
solid copper metal. The entropy of a substance increases with temperature because the
translational and rotational motions of the molecules increase with temperature. Water
at 50 °C 1s higher in entropy than water at 25 “C.

Standard entropy change of a chemical reaction

The standard entropy change of a reaction is denoted by the symbol AS,,,. It can be
calculated from standard molar entropy (entropy content of one mole of substance under
a standard state) values where each standard molar entropy value 1s multiplied by the
stoichiometric coefficient in the balanced chemical equation.

[ ﬁﬂfxn = X S5%products) — X'5? (reactants) ]

ASE,, is the entropy change when pure (unmixed) reactants in their standard states are
converted to pure (unmixed) products in their standard states. The sign of ASS,, can
often be estimated by taking into account the stoichiometry of a reaction and the
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physical states of reactants and products. If the total number of moles of gas increases
when going from reactants to products, we can predict that the sign of ASY,,, is positive.
The entropy of products 1s higher than that of reactants. Conversely, if the number of
moles of gaseous products is less than the number of moles of gaseous reactants then

the sign of ASy., is negative.

Example 2.4
Hydrogen and oxygen react to form waler vapor in a spontaneous reaction.
2Ha(g) + O2(g) — 2H20(g)
Predict the sign of the entropy change for this reaction and calculate AS;,,, at
29 %,

Answer:

When hydrogen and oxygen gas react to form water vapour, three moles of gas are
converted into two moles of gas, for every mole of reaction. The total number of
moles of gas decreases, so AS?,, for this reaction should be negative.

Using standard molar entropy values to calculate the standard entropy;
ASL.. = S5%(products) — §° (reactants)
= (2 mol)(S® H:00a1) — {(2 mol)(5° Hxwl) + (1 mol)(S® [0xw])}
= (21888 TK' mol™)— {2 X130.7J K mol™) + (1 205.1 T K mol )}
=—88.9 I K'mol*!

The entropy change for this reaction 1s negative, as predicted based on the reaction

stoichiometry.

For a reaction to occur spontaneously, both enthalpy, AH,,,, and entropy, AS,.,, should
be considered. As we know, for a reaction we can simply say that the decrease in
enthalpy and increase in entropy favour the reaction and hence the reaction occurs
spontaneously. In addition following combinations can also be considered under some
conditions of temperature.

AHZ., —ve, ASP., + ve Spontancous at all temperatures

AHP., +ve, ASY., + ve Spontancous at high temperatures

AHZ., —ve, ASE.., — ve Spontaneous at low temperatures

AHZ.., +ve, ASE.,, — ve Not spontaneous at all temperatures (Reverse

reaction is spontaneous)
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Gibbs free energy (G) and spontaneity of a reaction

As we have seen, the spontaneily of a reaction is determined by both the entropy and
enthalpy change of the system. The Gibbs free energy (G), or simply free energy, is a
state function that combines enthalpy and entropy, where T is the absolute temperature.
G 1s defined as follows:

Genrs |

For a reaction occurring at constant lemperature, the change in free energy is,

[ ﬂ{r’:iH—TfiSJ

For a reaction occurring at constant temperature and at standard state the change in free
energy is,

[ ﬁ“-;?xn= 'ﬁ'—HExn_ T ﬁs?'m }

Note: Sometimes AGpy,, indicated as AGy.

e A reaction that is at equilibrium has AG},,,= 0. There will be no net change in
either the forward or reverse direction. For a spontaneous reaction at constant
temperature and pressure, AGY,, < 0, and for non-spontaneous reaction
AGY ., > 0.

Example 2.5
Carbon monoxide and oxygen gas react to form carbon dioxide.
CO(g) +¥202g) = COz(g)
Calculate the standard free energy change for this reaction at 25°C from AHP,.,
and ASE,,..
(AHP [COxg))= —393.5 kJ mol™!, AHF [CO(g)= —110.5 kJ mol™, $¥ [COxg)|= 213.7 J mol' K,

5%cog) = 197.7 T mol™ K, §%[0xg)] = 205.1 T mol' K

Answer:
Using the standard heats of formation calculate first the enthalpy change for this
reaction under standard state conditions.
.-ﬂHf.'xﬂ = ﬂH}] (products) — ﬂH}] (reactants)
= AHP[COx)] — AHP[COg)] — Y2 AHP [0x9)]
-393.5 kJ mol" = (=110.5 k] mol™") — 0 kJ mol’!
=-283 0 kJ mol!
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Table 2.2 A summary

Relationships Units

Enthalpy change  AH =X v, Hproduets) - Ve 2 Hireactants) kJ mol™!

of reaction

standard enthialpy AHpn = Z "pH}}[prmlucis] B 50 Hj{“}[reammns] K nt

change of a

LN (Where v, and v, are the stoichiometric
cocfficients of products and rcactants)

Hess Law If a process occurs 1n stages or steps (even il only hypothetically), the
enthalpy change for the overall process 1s the sum of enthalpy changes
for the individual steps.

In other words, Hess law 1s simply a consequence of the state function
property enthalpy. Regardless of the path taken in going [rom the
initial state to the final state, AH (or AH®) if the process is carried
out under standard conditions) has the same value or it 15
independent of the route.

Standard entropy  ASPZ,,, = X 1335 ? (products) —X V.S ? (reactants) T K mol’

change for a

reaction

Standard change  AG .= AH — T ASE kJ mol

in free energy

Spontaneity of a  Spontaneous at all temperatures AHE,, -ve

reaction ASE.. + ve
Spontaneous at high temperatures AHR . +ve

ASe. . F De
Spontaneous at low temperatures AHL.., -ve

ﬂsﬁxn e
Not spontaneous at all temperatures (Reverse  AHgZ,,, +ve
reaction is spontaneous) ASE., — ve
Spontaneous AGE., < 0
Not spontaneous AGE, =0
Equilibrium AGR— 1)
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