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1.3: Thermochemistry
In this chapter we apply the first law of thermodynamics and the concept of enthalpy introduced in Chapter I.2 to chemical
reactions. At standard state conditions we can use tabulated heats of formation to calculate the change in enthalpy for any reaction.
At temperatures other than standard conditions we use the temperature dependence of the enthalpy to derive an expression for the
change in enthalpy of a reaction at any temperature in relation to a reference temperature.

Understand how the first law of thermodynamics describes energy changes in chemical reactions.
Be able to calculate the change in enthalpy for a reaction using the standard enthalpy of formation.
Be able to calculate the change in enthalpy for a reaction at non-standard temperature from a reference value and reference
temperature.

Thermochemistry: Heat of reaction 

Chemical reactions almost always involve heat transfer. In an exothermic reaction, heat is given off during the reaction, meaning
that heat is transferred from the system to the surroundings. In an endothermic reaction, heat is absorbed during the reaction,
meaning that heat is transferred from the surroundings into the system. Recall from Chapter I.2 that under the conditions of
constant pressure, the amount of heat, , is equal to the change in enthalpy. Most biochemical reactions occur under condition of
constant pressure and so we can equate the change in enthalpy of a reaction  with the heat of the reaction. The subscript in 

 indicates that we are here concerned with a chemical reaction and the change of enthalpy associated with that reaction.

Since enthalpy is a state function (does not depend on the path) we can write:

Equation  says that the change in enthalpy of a reaction is the difference in enthalpies of the products and reactants. Consider
the following reaction of the dimerization of nitrogen dioxide to form dinitrogen tetroxide:

For this reaction, 2 moles of NO (g) react to form 1 mole of N O (g). The molar change in enthalpy will be:

Notice that because we have two moles of reactant NO (g) for every one mole of product N O (g) we multiply the molar enthalpy
of NO (g) by the stoichiometric coefficient 2. The absolute molar enthalpies of the individual reactants and products are not easily
measured. Fortunately, because enthalpy is a state function, the change in enthalpy for the reaction will be the same no matter what
path is taken from reactant to product. To calculate  for the reaction, we break the reaction into two intermediate steps, shown
schematically in Figure I.3.A. We first break the reactants into their constituent elements at standard state and then form the
products from their constituent elements in the standard state. The reason for breaking the reaction into these intermediate steps is
that we can look-up tabulated values for the standard heats of formation for these reactions. We can then sum together the change in
enthalpy for the individual steps to obtain the overall change in enthalpy.

Figure I.3.A Schematic description of Hess’s law. The total reaction is broken into two elementary steps. In step a) the reactants are
broken into their constituent elements, and in step b) the products are formed from the constituent elements.

In our example, we first write the reaction for breaking reactant NO (g) into its elements at standard state:

2 NO  (g) → N (g) + 2 O (g) Reaction I.a
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We can look up the change in molar enthalpy of formation, , for NO  (g). Notice that the superscript  indicates standard
state conditions. The change in enthalpy of formation,  for NO (g) is the formation of one mole of NO  (g) from its
constituent elements:

0.5 N (g) + O (g) → NO  (g)  (NO )

Notice that the  for Reaction I.a above is -2  for NO  (g).

Similarly, for the products we write the reaction for the formation of products from their constituent elements:

N (g) + 2 O (g) → N O (g) Reaction I.b

We can look up in a table the value of  for N O  (g). Notice that the  for Reaction I.b is equal to  for N O  (g).

N (g) + 2 O (g) → N O (g)  (N O )

Summing Reaction I.a and Reaction I.b gives the overall reaction:

and we can write the  for the overall reaction as the sum of the two intermediate steps:

In general, we can write the change of enthalpy of a reaction at standard conditions as

where  are the standard molar heats of formation,  are the stoichiometric coefficients, and the sum is over the products
minus the sum over the reactants. Equation  is known as Hess's law which states that in a chemical reaction  does not
depend on the intermediate steps.

See Practice Problems 1 and 2.

Temperature dependence of heat of reaction 
Hess’s Law and Equation  allows us to calculate  at standard conditions using tabulated data for standard heats of
formation. In order to calculate  at non-standard state conditions, we need to know how  varies with temperature. Recall
that the slope of the enthalpy vs. temperature at constant pressure gives the heat capacity:

or, rearranging we get:

For considering changes in  with temperature, we replace  in Equation  with  to get:

where  is the difference in heat capacities of products and reactants and is given by a Hess’s Law-type analog:

where the sum is over the individual heat capacities of the products minus the reactants weighted by their stoichiometric
coefficients. We integrate both sides of Equation  from an initial reference state to a final state:
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Equation  allows us to compute the  of a reaction at any non-standard temperature if we know how  depends on
temperature. Usually this is determined experimentally and  is fit to a polynomial function that interpolates the data.
However, if the heat capacity is independent of temperature (as it is for an ideal gas), we can take  out of the integral to
obtain:

Equation  is known as Kirchhoff's law and is valid if  is independent of temperature. We can see schematically that
Kirchhoff’s law results from taking the reaction at  and breaking it into three steps:

1. Heat/cool the reactant from  to  using .
2. Find  of the reaction at  using the tabulated heats of formation and Hess’s law.
3. Cool/heat the products from  back to  using 

Summing these three steps results in Kirchhoff’s law Equation  where  is the difference in heat capacities between the
products and reactants. Figure I.3.B shows a schematic of this process.

Figure I.3.B: Schematic depiction of Kirchhoff’s law: The  at some non-standard temperature  is calculated in a three-step
process where in step 1) the reactants are heated/cooled from  to . In step 2) the reactants are converted into products at a
reference temperature for which  is known. In step 3) the products are cooled/heated from the reference temperature  back
to the temperature of interest .

See Practice Problem 3

Examples 

Methane gas is burned in a Bunsen burner. Use Hess's law to calculate  of the combustion of methane at 298 K and 1
bar. The standard molar enthalpies of formation at 298 K and 1 bar are:

CH  (g)  = -74.85 kJ/mol

CO  (g)  = -393.5 kJ/mol

H O (g)  = -241.8 kJ/mol

Solution
For the combustion of methane, the balanced chemical reaction is:

CH (g) + 2 O (g) → CO (g) + 2 H O (g)

From Equation :
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 = [  (CO )+ 2  (H O) ] - [  (CH ) + 2  (O )]

By convention, we assigne a value of zero to  for elements in their most stable allotropic state, so  (O2) = 0 at 298
K. Using the tabulated values of :

Calculate the value of  for the dimerization of nitrogen dioxide to form dinitrogen tetroxide at 600 K.

The standard molar enthalpies of formation and molar heat capacities are:

 = 33.9 kJ/mol  = 37.9 J K  mol

 = 9.7 kJ/mol  = 79.1 J K  mol

Solution
First, we use Hess's law to find  of the reaction at standard conditions. From Equation  we have:

To find  at 600 K we use Equation . Assuming the molar heat capacity is independent of temperature we use:

We find  from Equation :

Finally, we compute  at 600 K:

Notice that  at 600 K is not very different from  at 298 K. For gas-phase reactions, the change in enthalpy due to
the molar heat capacities tends to cancel between the reactants and products.

Practice Problems 
Problem 1. Formamide (HCONH ) is used in the industrial production of hydrogen cyanide. Calculate the change in enthalpy for
the dehydration of formamide to form water and hydrogen cyanide.

using the tabulated heat of formation data:
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Water (g)  = -241.8 kJ/mol

Formamide  = -188.79 kJ/mol

Hydrogen cyanide  = 129.286 kJ/mol

Problem 2. Alcohol fermentation is the process in which carbohydrates are broken down into ethanol and carbon dioxide. The
overall reaction is

C H O (s) → 2 C H OH (l) + 2 CO  (g)

Given that  for C H OH (l) is -277.0 kJ/mol,  for CO  (g) is -393.5 kJ/mol, and  for C H O (s) is -1274
kJ/mol, calculate  for the fermentation reaction shown.

Problem 3. The thermal denaturation of a globular protein with  °C has  kJ/mol for unfolding at the melting
temperature ( ). The difference in the constant-pressure molar heat capacity between the denatured state (unfolded) and the
folded state (N) is 9.0 kJ mol  K . Find the molar enthalpy of denaturation at  °C. (Assume the heat capacity does not
depend on temperature).

This page titled 1.3: Thermochemistry is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by Serge L.
Smirnov and James McCarty.
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