
Chapter 15:  Thermochemistry

Key Notes:

Fundamentals Aspects
Thermochemistry is an area of chemistry that deals with the relationship between
energy and chemical reactions.  Chemists would like to know if a proposed
chemical reaction is going to be endo- or exothermic, if it will proceed to give
products, or if it will produce a mixture of reactants and products.
Thermochemistry seeks to answer these questions by looking at thermodynamic
properties of the substances involved in a reaction.  Computational chemistry
allows one to calculate properties for these substances in order to provide the
answers chemists require, without resorting to experimental means of determining
this information.

Internal Energy
The internal energy (U) is the sum of the kinetic and potential energies of the
particles that make up a system.  Kinetic energy involves the motion of the
electrons, nuclei, and the molecules themselves while potential energy is present
in chemical bonds between atoms and in intermolecular forces.  Internal energy is
a state function.  A state function depends only on the present state of the system
and is completely determined by variables such as temperature and pressure.  As a
system changes from one state to another, the internal energy changes from one
definite value to a new definite value.  The change in internal energy (! U) equals
the difference in internal energy between the final and initial states.  In terms of a
chemical reaction, the change in internal energy is the difference between the
internal energy of the products and that of the reactants.

Enthalpy
The enthalpy (H) is a property of a substance that can be used to calculate the heat
produced or absorbed in a chemical reaction.  Enthalpy is also a state function,
and we calculate the enthalpy change for a chemical reaction by finding the
difference in enthalpy between the products and reactants.  Enthalpy is related to
internal energy via its precise definition:

H = U + PV

where P is the pressure and V is the volume.  Chemical reactions that release
energy (exothermic) are favored.

Entropy
The entropy (S) is a measure of the amount of disorder, or randomness, in a
system.  Entropy is another state function.  For reactions involving different
phases, we can often predict the sign of the entropy change.  Solids have a more
ordered structure since the constituent units (atoms, molecules, or ions) have
definite locations.  Liquids have less order (more entropy) as the units now move



freely within the liquid volume.  Gases have the least order (most entropy), as the
constituent units are free to move throughout the volume of the container that
holds them.  Chemical reactions that involve an increase in entropy are favored.

Gibbs Free Energy
The Gibbs free energy (G), or Gibbs energy, is the thermodynamic quantity
defined by the equation:

G = H Ð TS

where T is the temperature.  As a chemical reaction proceeds, both H and S
change.  These changes, denoted using the ! symbol, allow the change in the
Gibbs energy to be calculated:

!G  = !H  Ð T!S

If !G  for a reaction is positive, the reaction is nonspontaneous.  If !G  is negative,
the reaction is spontaneous.  A spontaneous reaction, once started, will continue
to completion.

Calculating Thermochemical Parameters
Previous chapters have discussed various calculations that were all performed on
single molecules in the gas phase at a temperature of 0 Kelvin.  The
thermochemical properties discussed above are macroscopic in nature, and arise
from large collections of like molecules.  Statistical mechanics relates the
microscopic calculations done earlier to the macroscopic properties we are now
interested in.  Statistical mechanics depends on the partition function.  The
partition function for a single molecule is a sum of exponential terms involving all
possible quantum energy states.  These energy states involve contributions from
translational, rotational, vibrational, and electronic modes.  Once the various
contributions to the partition function are calculated, a number of thermochemical
and macroscopic observables can be calculated, including U, H , S, and G.
Calculations performed on the molecules involved in a chemical reaction of
interest allow chemists to determine if a particular reaction is endo- or
exothermic, spontaneous or nonspontaneous, etc.

Fundamental Aspects
Chemical reactions either produce heat (exothermic) or absorb heat (endothermic).  In planning a
chemical synthesis, especially for a large scale reaction, it is important to know the amount of
heat that will be produced or absorbed as an appropriate method for removing or supplying the
heat must be devised.  Chemists are also concerned about the extent of a given reaction, or where
the position of equilibrium lies.  Some reactions proceed entirely to products, others produce an
equilibrium mixture of reactants and products, and some do not produce an appreciable amount
of products at all.  Before performing a reaction in the lab, it is important to know if the planned
synthesis is feasible, that is, if a substantial amount of product will be formed.
Thermochemistry, also called chemical thermodynamics, can guide the chemist in choosing



among several possible reactions that will produce a given product.  Extensive tables (see
Chapter 22) of thermochemical data exist.  The values supplied in these tables can be used to
determine _H, _S, and _G for a reaction of interest.  The problem is that many compounds have
not had thermochemical parameters determined, or a chemist may be interested in synthesizing
an entirely new class of compounds for which this data is unavailable.  In either case,
computational chemistry can be used to calculate the quantities of interest.  Before these
calculations can be discussed, a review of some of the parameters and concepts involved is in
order.

Internal Energy
We have defined the internal energy (U) as the sum of the kinetic and potential energies of the
particles that make up a system.  In a molecular system, kinetic energy is present in the motion of
the electrons, nuclei, and the translational movement of the molecules themselves.  Potential
energy is present in the chemical bonds in a molecule and also in forces between molecules
(intermolecular forces).  When a chemical reaction occurs, the internal energy of the system will
change from one definite starting or initial value to a definite final value.  Since U is a state
function, the details of how the changes in internal energy occur are not important.  That is, we
are not concerned with exactly how the reaction happens.  The change in the internal energy
(_U) is found by taking the difference between the final value (Uf) and the initial value (Ui):

_U = Uf - Ui

For a given reaction, the changes in U can be determined by noting the energy exchange between
the thermodynamic system (the mixture of reactants) and its surroundings (solvent, container,
etc).  The energy exchange involves both heat and work.

Heat (q) will flow into or out of the system due to a temperature difference between the system
and its surroundings.  By convention, heat flowing out of a system is given a negative sign, and
heat flowing into a system is given a positive sign.  Exothermic reactions produce heat (-q)
which we detect as a temperature increase in the surroundings.  Endothermic reactions absorb
heat from the surroundings (+q), which we detect as a temperature decrease.  Careful
measurement of the amount of reactants used and the temperature change of the surroundings
allows quantitative data to be obtained.

The other form of energy, work (w), is the result of some force (F) moving an object through
some distance (d), or:

w = F _ d

In chemistry, work is usually associated with the production of a gas, so-called expansion work.
For example, combustion of the gasoline/air mixture in the cylinder of a car engine produces heat
(exothermic) and gases that perform work by pushing against the piston.  Work done by the
system (pushing the piston) is given a negative sign, while work done on the system is given a
positive sign.

Energy, whether in the form of heat or work, is expressed in units of joules (J).  During an
exothermic chemical reaction, such as combustion of gasoline, some of the potential energy



stored in the bonds of the molecules making up the gasoline mixture is converted into heat and
work.  The first law of thermodynamics states that energy cannot be created or destroyed, but can
be converted from one form into another.  In terms of the change in the internal energy of a
system (_U), we can restate the first law as:

_U = q + w

The change in the internal energy of a system is equal to the sum of the heat and work.

Enthalpy
For a reaction carried out at a constant pressure, such as the pressure of the atmosphere for a
reaction done in an open beaker, the heat of the reaction is known as qp.  It turns out that the
change in enthalpy for a reaction (_H) is equal to qp:

_H = Hf Ð Hi = qp

where Hf and Hi are the final (product) and initial (reactant) enthalpy values, respectively.  If the
enthalpy values of the reactant and product molecules are known, it is possible calculate _H for
any reaction of interest.  Units for enthalpy are typically joules per mole (J/mole) or
kilojoules/mole (kJ/mole).

Enthalpy cannot be measured directly for a substance.  Enthalpy changes for many reactions
have been measured, and these values have been used to create tables of standard enthalpies of
formation (_Hf¡) for a variety of substances.  The superscript ¡ denotes standard conditions
(298K, 1 atm. pressure, 1M solution concentrations).  These tables can be used to calculate the
standard enthalpy change (_H¡) for a reaction:

_H¡ = _ n_Hf¡(products) Ð _ m_Hf¡(reactants)

where the Ò_Ó symbol means the Òsum ofÓ the heats of formation values for either reactants or
products, and n and m refer to the stoichiometric coefficients from the balanced chemical
equation.  For the reaction:

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

the relevant _Hf¡ values (kJ/mole) are:  NH3(g), -46.2; O2(g), 0; H2O(g), -241.8; NO(g), 90.4.
Substitution of these values into the above equation yields:

_H¡ = [6(-241.8) + 4(90.4)]  -  [4(-46.2) + 5(0)]  =  [-1089.2]  -  [-184.8] = -904.4 kJ/mol

The negative value for _H¡ shows that this is an exothermic reaction. The standard enthalpy of
formation of elements in their most stable states is equal to zero.  (Note the value of zero for
O2(g) above).



Entropy
The thermodynamic quantity entropy (S) measures the amount of randomness or disorder in a
system.  Since entropy is a state function, the amount of entropy for a given amount of a
substance is determined by variables such as temperature and pressure.  If these variables are
fixed, the amount of entropy will also be fixed.  Typical units for entropy are joules/Kelvin _
mole (J/K _ mole).

The entropy change for a process, _S, is calculated the same way _H was calculated.  The change
in entropy is given by:

_S = Sf - Si

where Sf is the final entropy and Si is the initial entropy.  The second law of thermodynamics
states that the total entropy of a system and its surroundings always increases for a spontaneous
process.  This means that entropy is quite distinct from energy.  Energy cannot be created or
destroyed during a chemical change, while entropy is created during a spontaneous process.

The experimental determination of entropy for a substance involves measurement of its heat
capacity at different temperatures.  This method finds its basis in the third law of
thermodynamics which states that a perfectly crystalline substance at 0 K has an entropy of zero.
As the temperature of a substance is increased, it absorbs heat and becomes more disordered.
The increase in entropy is gradual, but large, sharp increases occur during phase changes.  The
standard, or absolute entropy (S¡) is the entropy value for the standard state of a species, with
units of J/mole _ K.

Standard entropies for the substances involved in a chemical reaction can be used to determine
the change in entropy (_S¡) for the reaction:

_S¡ = _ nS¡(products) Ð _ mS¡(reactants)

where n and m refer to the stoichiometric coefficients from the balanced chemical equation.  For
the reaction:

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

the relevant S¡ values (J/mol _ K) are:  NH3(g), 192.5; O2(g), 205.0; H2O(g), 188.7; NO(g),
210.6.  Substitution of these values into the above equation yields:

_S¡ = [6(188.7) + 4(210.6)]  -  [4(192.5) + 5(205.0)]  =  [1974.6]  -  [1795.0] = 179.6 J/K

The positive value for _S¡ could have been predicted for this reaction as 9 total moles of gaseous
reactants forms 10 total moles of gas in the products.  The production of more moles of gas
means that an increase in entropy is expected.

Gibbs Free Energy
In planning a chemical synthesis, a chemist wants to know if a proposed reaction will actually
proceed to give products, that is, if the reaction is spontaneous.  What is needed is a way to



determine reaction spontaniety.  A quantity that provides a direct way to do this is the Gibbs free
energy (G).  The Gibbs energy is defined by the equation:

G = H Ð TS

where T is the temperature in Kelvin.  Gibbs energy has units of kilojoules per mole (kJ/mole).
As a chemical reaction proceeds at constant temperature and pressure, changes in both the
enthalpy and entropy occur.  The changes in H and S result in a change in the Gibbs energy as
well, given by:

_G = _H Ð T_S

If the reactants and products involved in a reaction are in their standard states, the standard free
energy change can be calculated using the equation:

_G¡ = _H¡ Ð T_S¡

For a given reaction we can look up the required _Hf¡ and S¡ values (if available) and calculate
_H¡ and _S¡.  If _G¡ is negative, then the reaction is spontaneous.  If _G¡ is positive, the reaction
is nonspontaneous.  If _G¡ equals 0, the reaction is at equilibrium.

The standard free energy of formation, _Gf¡, for a substance is defined as the free energy change
that occurs when 1 mole of a substance is formed from its elements in their most stable states at
standard temperature and pressure.  Standard free energy of formation values can be used to
directly calculate _G¡ for a reaction using the equation:

_G¡ = _ n_Gf¡(products) Ð _ m_Gf¡(reactants)

where n and m are the stoichiometric coefficients from the balanced chemical reaction.  For the
reaction we looked at previously:

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

the relevant _Gf¡ values (kJ/mole) are:  NH3(g), -16.7; O2(g), 0; H2O(g), -228.6; NO(g), 86.7.
Substitution of these values into the above equation yields:

_G¡ = [6(-228.6) + 4(86.7)]  -  [4(-16.7) + 5(0)]  =  [-1024.8]  -  [-66.8] = -958.0 kJ/mol

The negative value for _G¡ shows that this is a spontaneous reaction. Just as with standard
enthalpies of formation, standard free energies of formation for elements in their most stable
states are equal to zero.  (Note the value of zero for O2(g) above).

Spontaneous chemical reactions can be harnessed to perform useful work.  Think of our gasoline
combustion example.  The terminology ÒfreeÓ energy is used because the free energy change is
the maximum energy available (free) to do useful work.  In theory, if a reaction were carried out
to obtain the maximum useful work (wmax), and no entropy were produced, then:



_G = wmax

In reality the maximum amount of work is never obtained and some entropy is always created.

One of the most important reasons for calculating _G¡ for a reaction is in determining the extent
of reaction as given by the value of the equilibrium constant K.  Recall that for the generic
reaction:

aA + bB  _  cC + dD

the equilibrium constant is given by:
K = [C]c[D]d Ö [A]a[B]b

where the square brackets denote solution concentration units of molarity.  If gases are involved
in the reaction, the concentration is instead expressed using the partial pressure of the gas in units
of atmospheres.  Large values of K mean that the reaction favors products while small values
indicate that reactants are favored.  Values close to 1 mean that the equilibrium mixture will
contain both reactants and products.  Once _G¡ has been calculated, the value of K can be found
using the relation:

_G¡ = -RT lnK

If a reaction occurs under nonstandard state conditions, we use the thermodynamic reaction
quotient Q in place of K.  The value for Q is obtained the same way as that for K.  The
relationship between _G¡, _G, and Q is given by:

_G = _G¡ +RT lnQ

Applying the above relationships to our earlier reaction:

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

and solving for the value of K gives:

K = e(_G¡/-RT) = e(386.855) = 1.021 x 10168

The very large value of K tells us that this reaction greatly favors products and proceeds to
completion as written.

Calculating Thermochemical Parameters
In the preceding discussion we have seen how useful the parameters _Hf¡, S¡, and _Gf¡ are as
they relate to chemical reactions.  What if we are interested in reactions that include species that
these quantities are not available for?  What if we can find these values, but our proposed
reaction conditions will be at some other temperature than 298 K?  In these situations we can
calculate a number of these parameters for various chemical species and use the results to learn



more about any reaction we are interested in.  This section looks at some of the details of these
calculations.

In previous chapters we have calculated single point energies, electron densities, infrared spectra,
etc.  All of these calculations were performed on single molecules in the gas phase at 0 K.  The
thermochemical parameters covered in this chapter result from the interactions of large
collections of like molecules.  In other words, we need to relate the results of a calculation
performed on a single molecule to the macroscopic properties enthalpy, entropy, and Gibbs free
energy.  Statistical mechanics will help us make this connection.

In earlier chapters quantum mechanics and the Schršdinger equation were introduced.  Quantum
mechanics depends on the wavefunction _.  Application of the appropriate operator to _ allows
the calculation of the various properties of interest.  For example, the Hamiltonian (H) applied to
_ gives the energy (E) according to:

H_ = E_

Statistical mechanics depends on the molecular partition function, q (not to be confused with
heat!).  For a single molecule, q is the sum of exponential terms involving all possible quantum
energy states _i:

where kB is the Boltzmann constant and T is the temperature in K.  Once the molecular partition
function (q) is known, the partition function (Q) for N identical molecules can easily be found
via:

Once the partition function Q is found, a number of thermochemical parameters and macroscopic
observables can be calculated.  The thermochemical parameters include H, S, and G as shown
below:

In order to find Q, we first need to determine the molecular partition function, q.  To get q we
need to know all the possible quantum energy states.  The total molecular energy (_tot) can be
approximated as a sum of various contributions.  These include translational, rotational, and
vibrational motions as well as electronic energy levels:
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The total molecular partition function (qtot) then becomes a product of terms:

The total enthalpy (Htot) and total entropy (Stot) involve ln(q) and can be expressed as a sum of
the various contributions:

To determine thermochemical parameters for a molecule, the vibrational frequencies (i.e. the
infrared spectral results) are first calculated.  As discussed in Chapter 13, a bad starting geometry
will give bad vibrational frequencies.  This will result in incorrect thermochemical parameters,
so the geometry must first be optimized, then the vibrational frequencies should be calculated
using the same level of theory.  Once the vibrational frequencies have been determined, most
computational chemistry programs will calculate the various thermochemical parameters since
only a small amount of CPU time is necessary.

The translational component of the molecular partition function (qtrans) is given by:

where M is the molecular weight of the molecule, V is the molar gas volume, and h is PlanckÕs
constant.  The rotational component (qrot) is given by the equation:

where _ is a number related to the symmetry of the molecule and Ii are the moments of inertia for
the molecule.  The vibrational component (qvib) is a product of partition functions for each
vibration (_i), given by:

where 3n-6 is the total number of vibrations for a nonlinear molecule composed of n atoms (See
Chapter 13).  The final component of the molecular partition function is the electronic portion
(qelec).  Since excited electronic states typically lie much higher in energy than the ground state,
only the ground state need be considered.  This means:
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In comparing the energies of individual molecules (calculated at 0 K with fixed nuclei) to
experimental results (typically gathered at ~298 K with vibrating nuclei), two corrections are
required:  (1) the zero point energy (_0), and (2) the thermal energy correction.

At 0 K a molecule will still have vibrational energy.  This energy is known as the zero point
energy (_0) and can be calculated by summing the energy contributed by each vibrational mode
(_i):

Most computational chemistry programs automatically calculate the zero point energy and add it
to the reported total energy.  The program output will typically list all of the contributions to the
total energy and will also specify the value of _0.

As a molecule is heated from 0 K, it gains translational, rotational, and vibrational energy.  The
amount of energy gained depends on the temperature of interest.  At some temperature (T) above
0 K, the change in enthalpy is given by:

where R is the ideal gas constant.  The translational and rotational components are easily
calculated:

The vibrational component again involves a summation over all normal modes (_i), taking the
temperature of interest into account:

The output obtained will depend on the particular program and method used to do the
calculation.  As discussed in Chapter 6, the energies reported from a molecular mechanics
calculation are not externally referenced, and will therefore not be of use in investigating the
energetics of chemical reactions.

The semiempirical methods (Chapter 8) MINDO/3, AM1, and PM3 available in MOPAC (See
Chapter 20) have been parameterized to give reasonable energy values.  The program will report
enthalpy and entropy values at a variety of temperatures (200 Ð 400K), including individual
partition function values for vibration, translation, and rotation.  The most useful number
reported is the _Hf¡ value.  This value can be calculated for all reactants and products, and _H¡
for the reaction can be calculated as demonstrated above.  The _H¡ values obtained in this way
are semi-quantitative at best (See example below).
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Hartree-Fock and Density Functional Theory methods (Chapters 7 & 9, respectively), using
either the Gaussian or GAMESS programs (Chapters 18 & 19) report enthalpy, entropy, and free
energy values with individual partition function values for vibration, translation, and rotation as
the result of a vibrational frequency calculation.  The energy values reported by these programs
are not externally referenced, that is, they cannot be directly compared to experimental values.
The relative energy values, however, are useful and can be used to determine _H¡ for reactions
of interest.  Excellent results can be obtained for isodesmic reactions, where the number of each
type of chemical bond is the same in both reactants and products.  The similarity in bond types
leads to a cancellation of errors.  An example of such a reaction is:

CO2  +  CH4  _  2 H2CO

The reaction has an experimentally determined _H¡ = 59.9 ± 0.2 kcal/mole. The table below
shows representative calculated values:

Method Result (kcal/mole)
AM1 25.7
PM3 29.9

B88-LYP 58.4


