
CHAPTER FIVE 

THERMOCHEMISTRY 
5-1 Introduction 

The preceding chapters have dealt with the physical properties and changes of 
state of pure substances or fixed mixtures of substances. We now consider the 
application of the first law of thermodynamics to chemical changes—a subject 
called thermochemistry. The subject is of great practical importance since it deals 
with the organization of the large amount of data concerning energies of chemical 
reactions. It also provides the foundation for obtaining chemical bond energies and 
hence for some aspects of theoretical chemistry. 

This chapter also serves to introduce the general notation used in the application 
of thermodynamics to chemical change. The balanced equation for a chemical 
reaction is in the strict sense merely a particular affirmation that atoms are 
conserved. Thus the equation 

aA + bB + ··· = mM + + — , (5-1) 

is no more than a statement that substances A, B,..., if taken in the molar amounts 
a,b, will collectively contain the same number of each kind of atom as will 
substances M, N , t a k e n in the amounts m, n,... . The equation does not predict 
that the chemical change will in fact occur, or that if it does occur, that other types 
of reactions may not also be present. It is part of the practice of chemistry to devise 
experimental situations such that the measurements made can be analyzed into 
contributions from one (or more) specific chemical processes. 

From the point of view of the first law, each substance has an internal 
energy and an enthalpy which are functions of the state of that substance. Thus 
Ε A = /A(VA , TA), EB = fB(VB , TB), and so on, and similarly HA = fA{PA , TA)9 
HB = /B'CPB J Tb)9 and so on. To be complete, therefore, Eq. (5-1) should specify 
the state of each substance: 

aA(VA or PA , TA) + bB(VB or PB , TB) + - = «N(KN or Ρ Ν , ΓΝ) 
+ mM(VM or PM , TM) + - . (5-2) 

(It is sufficient to give Γ and either Ρ or V since the three are related by the equation 
of state for the substance.) The substances are not necessarily at the same temper-
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ature and pressure or at the same temperature and molar volume. We then use 
the symbol Δ as an operator which may be applied to any characteristic extensive 
property 0 such as Ε, H, or V to signify the following operation: 

Δ& means (m&M + n&N + · · · ) - (a0A + b&B + ···) (5-3) 

or 

Δ0> = £ nv0>{- X n ^ i 9 
products reactants 

where nv and nx are the stoichiometric coefficients in the balanced equation. The 
property 0* is for the indicated substance in that state specified by the chemical 
equation. Thus the value of Δ& must always refer to a definite, completely described 
equation. In the case of reactions involving solutions chemical composition must be 
specified; the detailed thermochemistry of solutions is deferred until Chapter 9. 

As an illustration, the reaction by which water is formed from hydrogen and 
oxygen might be written 

H 2 (gas, 25°C, 1 atm) + ^ 0 2 (gas, 25°C, 1 atm) = H 20 (liq, 25°C, 1 atm). (5-4) 

For this reaction Δ Η is 

ΔΗ = Η(Η20) - H(H2) - \H(02\ (5-5) 

where the individual enthalpies are per mole of the substance in the indicated state. 
Note that the phase (gas, liquid, solid) of the substance must be specified if there is 
any possible ambiguity. 

Unlike the situation with some extensive quantities, such as volume or mass, 
we have no absolute values for the internal energy or enthalpy of a substance. 
Although the first law permits us to calculate changes in Ε or H, its application 
never produces absolute values. The same is true in thermochemistry; Δ Ε and ΔΗ 
give the changes in internal energy and enthalpy that accompany a chemical 
reaction, and while either may be expressed in the form of Eq. (5-3), we do not know 
the separate Ε or Η values. It is partly a consequence of this situation that much use 
is made of standard or reference states. Two systems of standard states are in use. 
The first is one of convenience, 1 atm pressure and, if so specified, 25°C. In the case 
of a reaction for which the reactants and products are all in a standard state, such 
as Eq. (5-4), one writes ΔΕ298 or ΔΗ298, where the superscript zero means that 
the pressure is one atm and the subscript gives the temperature chosen. As will be 
seen, a large body of thermochemical data is reported on this basis. 

The second system takes as the standard state the substance devoid of any 
thermal energy, that is, at OK. This is a more rational as well as a very useful 
approach and is developed in the Special Topics section. Its implementation does 
require either extensive knowledge of heat capacity data or sufficient spectroscopic 
information to allow evaluation of the various partition functions. 

5-2 Measurement of Heats of 
Reaction: Relationship between ΔΕ and AH 

The practice of thermochemistry involves the measurement of the heat absorbed 
or evolved when a chemical reaction occurs. That is, the determination is one of q 
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For simplicity, one attempts to choose conditions such that either volume is 
constant, so that no work is done, in which case ΔΕ = qv , or such that pressure 
is constant, in which case Δ H = qP . In either event, if heat is evolved, the reaction 
is said to be exothermic, q is negative and likewise the corresponding ΔΕ or ΔΗ. 
If heat is absorbed, the reaction is said to be endothermic, and q and Δ Ε or ΔΗ are 
positive. 

The equipment used to make such measurements is the calorimeter; it may be 
of either the constant-pressure or the constant-volume type. A simple illustration of 
the former is shown in Fig. 5-1 (a). Insulation is provided by a Dewar flask and one 
observes the temperature change when the reactant dissolves in or reacts with the 

dE = Sq — Sw, (5-6) 

dH = Sq + VdP. (5-7) 
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FIG. 5 - 1 . (a) Simple calorimeter such as might be used for measuring a heat of solution or of 
mixing, (b) Constant-volume combustion calorimeter. 

in the first law statements: 
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liquid or solution. Research calorimeters of this type are more elaborate, of course, 
and with the use of a thermistor or a thermocouple, temperature changes of as 
little as 10~

5
°C can be recorded. An electrical heating element allows the intro

duction of an accurately known amount of heat so that the heat capacity of the 
calorimeter can be determined. Since the calibration is electric, it is conventional 
to record calorimetric heats in joules rather than in calories. 

The bomb calorimeter, illustrated in Fig. 5-1(b), is of the constant-volume type. 
Typically, a substance is ignited in oxygen by means of a spark and the temperature 
rise of the calorimeter is measured. The heat of reaction, corresponding in this 
case to a ΔΕ, is again obtained through the known heat capacity of the calorimeter. 

These calorimeters are adiabatic; insulation confines the heat of reaction, which 
is given by the product of the temperature change and the heat capacity of the 
assembly. The temperature change should be small for several reasons. Heat losses 
through conduction and radiation are reduced and thus the error in correcting for 
them. One ultimately wishes to report the results as a standard enthalpy or energy 
change, such as a ΔΗ%98 or a ^ £ 2 9 8 > f °

r a
 reaction in which reactants and products 

are at the same temperature and the necessary corrections may be troublesome and 
introduce error if much heating has occurred in the actual reaction. 

Heat loss may be virtually eliminated by making the temperature difference 
between the calorimeter and its immediate surroundings essentially zero. The 
ice calorimeter used by Lavoisier and Laplace in 1780 [see Hoch and Johnston 
(1961)] is a classic example. Here, the reaction vessel, uninsulated, is packed in 
ice in a container having a drain spigot. The whole unit is packed in an outer layer 
of ice. The heat of reaction melts some of the inside layer of ice and is given by 
the amount of water collected from the drain. Since the inside and outside layer 
are both at 0°C, there is no net heat flow between them. 

In a modern version, the reaction vessel is in thermal contact with a large heat 
reservoir, such as a block of metal, through a layer of thermoelectric semiconductor 
material. The temperature difference across the layer is given accurately by the 
potential difference and integration over the time of the experiment gives the total 
heat flow and hence the heat generated by the reaction. At no time, however, is 
there more than a very small temperature difference between the reaction vessel 
and the heat reservoir. 

Calorimetry may also be used to measure light energy, the device being called a 
bolometer. The measurement is again one of temperature change, this time due to 
the energy delivered by the absorbed light. For example, one micromole of light 
quanta, or one microeinstein of light, at 500 nm wavelength corresponds to 
0.2392 J. Pulsed lasers may deliver this much light in a single nanosecond pulse 
and here a ballistic calorimeter may be used. The light pulse is absorbed by a 
thermoelectric cavity and one sees a rapid increase in output voltage, followed by 
a decline as heat loss to the surroundings occurs. The instrument can be calibrated 
so that the maximum voltage gives the pulse energy. 

To return to conventional calorimetry, the constant-volume type is generally 
used when a reactant or product is gaseous, as in combustion reactions. Since the 
measured heat is a qv , one obtains a ΔΕ of reaction, and it is usually desirable to 
convert the result to a ΔΗ of reaction. It follows from the definition of H that for 
a reaction 

ΔΗ = ΔΕ + Δ(ΡΥ\ (5-8) 
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5-3 Some Enthalpies of 
Combustion, Hydrogénation, and Solution 

The general type of calorimeter used for measuring heats of combustion was 
described in the preceding section. With excess pure oxygen present, most organic 

and further 

ΔΗ°298 = ΔΕ°298 + ΡΔΥ, Ρ = 1 atm, (5-9) 

where Δ V is given by Eq. (5-3). Molar volumes of liquids and solids are not large 
and their contribution to the J F of a reaction is usually of the order of a few cubic 
centimeters; the Ρ Δ V term of Eq. (5-9) would then amount to only about 1 cal. 
If gases are involved, however, the correction can be quite appreciable. If we let 
Δη% denote the number of moles of gaseous products minus the moles of gaseous 
reactants, then the Ρ Δ V term becomes {Δη^Ρν. If the gases are nearly ideal, then 
an approximate form of Eq. (5-8) is 

ΔΗ ~ ΔΕ + ^ng)RT. (5-10) 

Thus in the case of Eq. (5-4) 

ΔΗ°298 = ΔΕ°298 - |(1.987)(298.1) - ΔΕ°298 - 8 8 8 cal. 

The ΡΔν term for Η20 ( / ) amounts to only 18 cm
3
 atm or about 0.4 cal, so 

neglecting it introduces only a small error. 
Constant-pressure calorimeters are especially convenient for reactions involving 

solutions. The process may be one of the dissolving of a substance in a solvent, 
in which case a heat of solution is obtained. Or a solution may be diluted by the 
addition of more solvent, so that a heat of dilution is obtained. Heats of chemical 
reactions may be studied by mixing two reacting solutions in the calorimeter. 
Since the calorimeter is open to the atmosphere or is at some constant pressure, 
the result gives Δ H directly. Where high precision and accuracy are not required, 
the simple arrangement shown in Fig. 5-1(a) may be entirely adequate. If the heat 
of reaction is small, however, as for example is often the case with heats of dilution, 
the apparatus becomes much more sophisticated [see Barthel (1975)]. 

The principal chemical requirement in calorimetry is that the measured q must 
be assignable to a definite process. This means that the products must be well 
defined and preferably should result from a single, clean chemical reaction. 
Correction for incomplete reaction can be made, but it is very desirable that the 
reaction go to completion. In addition, the reaction should be fairly rapid; 
otherwise maintenance of the adiabatic condition of the calorimeter becomes very 
difficult. Most of the reactions of organic chemistry fail to meet one or another of 
these criteria, and for this reason organic thermochemistry deals mainly with 
combustion and hydrogénation; these processes generally can be made to go 
rapidly and cleanly. Heats of solution and dilution offer no great difficulty, and 
many inorganic reactions are easy to study. A good example of the latter would 
be a heat of neutralization of an acid by a base. On the other hand, coordination 
compounds often react too slowly for good calorimetry and are not easy to burn 
to well-defined products. 
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compounds will burn cleanly to carbon dioxide and water. Halogens or nitrogen 
present in a compound may appear as a mixture of the element and its oxides, 
and the exact proportions of such products may have to be determined for each 
experiment. Γη working problems in this text, however, it will be sufficient for the 
reader to assume that only the free element is formed, that is, C l 2, B r 2, 1 2, or N 2. 

Some typical enthalpies of combustion are collected in Table 5-1. They are 
generally quite large, and since it is the difference among various enthalpies of 
combustion that usually is wanted (see next section), a very high degree of precision 
is desirable. This has indeed been achieved; most of the results in the table are 
accurate to a few tens of calories or better. Notice that compounds containing 
oxygen, such as ethanol and acetic acid, have lower enthalpies of combustion 
than the corresponding hydrocarbons. In a sense such compounds are already 
partly "burned." 

The hydrogénatio n o f unsaturate d hydrocarbon s i s anothe r reactio n tha t ha s 
been used . On e procedur e i s t o pas s a  mixtur e o f hydroge n an d th e hydrocarbo n 

TABLE 5 - 1 . Some  Enthalpies  of  Reaction
0, 

Substance Reaction kcal kJ 

Combustion
6 

H2te) H2 +  J 0 2 =  H 20 -68.317 -285.84 
C(graphite) c +  o 2 =  c o 2 -94.052 -393.51 
C(diamond) c +  o 2 =  c o 2 -94.502 -395.40 
CO(£) CO +  \o 2 =  c o 2 

-67.636 -282.99 
CH4fe) CH4 +  2 0 2 =  C 0 2 +  2 H 20 -212.86 -890.36 
C2H2(g) C2H2 +  2 j 0 2 =  2 C 0 2 +  H 20 -310.62 -1299.63 
C2H4(£) C2H4 +  3 0 2 =  2 C 0 2 +  2 H 20 -337.23 -1410.97 
C2U6(g) C2H6 +  3 j 0 2 =  2CO a +  3 H 20 -372.82 -1559.88 
C3H8te) C3H8 +  5 0 2 =  3C0 2 - f 4 H 20 -530.61 -2220.07 
QH6te ) C6H6 +  7 ± 0 2 =  6 C 0 2 +  3H 20 -789.08 -3301.51 
C2H5OH(/) C2H5OH +  3 0 2 -  2CO a +  3 H 20 -326.71 -1366.95 
CH3COOH(/) CH3COOH +  2 0 2 =  2 C 0 2 +  2 H 20 -208 .5 -872.36 

Hydrogénation 

QH4te ) C2H4 +  H 2 =  C 2H6te) -32.747 -137.01 
cw-CH3CH=CHCH3te) Q H 8 +  H 2 =  Q H 1 0( s ) -28 .570

c 
-119.54 

trans-CHzCH=CHCH3feO Q H 8 +  H 2 =  C 4H1 0te) -27 .621
c 

-115.57 

Solution 

H2SO4(0 H 2S 0 4 +  o o H 20 =  solutio n -22 .99 -96 .19 
H2S04( / ) H 2S 0 4 +  50H 2O =  solutio n -17.53 -73 .34 
HClfe) HC1 +  o o H 20 =  solutio n -17.96 -75 .14 
NaOH(j) NaOH +  o o H 20 =  solutio n -10.246 -42 .87 
NaClCs) NaCl +  o o H 20 =  solutio n 0.930 3.89 
NaC2H302(s) N a C2H302 +  o o H 20 =  solutio n - 4 . 3 - 1 8 . 0 

a
 Value s fro m F . A . Rossin i et  al.,  eus.  (1952) . Table s o f Selecte d Value s o f Chemica l Thermo 

dynamic Properties . Nat . Bur . Std . Circ . No . 500 , an d th e mor e recen t NB S Technica l Not e 
270-3, D . D . Wagman , W . H . Evans , V . B . Parker , I . Halow , M . Bailey , an d R . H . Schumm , 
eds., 1968 . b

 Combustio n product s ar e C0 2(g) an d H 20(/) . c
 Fo r 35 5 K , fro m A . B . Kistiakowsk y an d co-workers , / . Amer.  Chem.  Soc.  5 7 , 65 , 876  (1935) . 
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through an adiabatic calorimeter which contains some platinum catalyst. The rate 
of heating of the calorimeter is then determined for a known flow rate of the 
gases and, if necessary, the effluent gas is analyzed so that the degree of reaction 
may be found. As illustrated by the values in Table 5-1 enthalpies of hydrogénation 
are generally much smaller than those of combustion. It is now possible to obtain 
fairly accurate differences in enthalpies of hydrogénation of isomeric compounds. 

The third type of experimental heat of reaction which is listed in the table is 
that of solution. These are known as integral enthalpies of solution (see 
Section 9-ST-l) and the reaction consists in mixing the pure substance with 
the indicated amount of water so that a solution is formed. Notice that a heat of 
solution may be large, as in the case of sulfuric acid, or small, as with sodium 
acetate. It may be positive, as with sodium chloride. Generally when heat is 
absorbed on dissolving, the value is small in magnitude. The heat of solution also 
depends on the final concentration obtained. As might be expected, the value 
(disregarding sign) tends to be larger for the limiting case in which an infinitely 
dilute solution is formed than for that involving some higher concentration. This 
last point is illustrated by the data for sulfuric acid and further in Table 5-3. 

5-4 Combining Δ /f or ΔΕ Quantities 

Table 5-1 provides a very small sample of the many individual reactions and 
types of reactions that have been studied experimentally. A complete tabulation 
of such individual results would be both clumsy and difficult to use. The first step 
toward systematization, taken in Table 5-1, is to reduce all values to a standard 
pressure and temperature, the latter usually being 25°C (see the next section for the 
manner of doing this). The second and very important step is to report results as 
standard heats of formation (also discussed in the next section). The basis for 
doing this is that, according to the first law, Ε and Η are state functions, so that 
Δ Ε and ΔΗ for a given overall process are independent of the path taken. The 
principle was formulated independently by Hess in about 1840 and is sometimes 
known as Hess's law of constant heat summation. 

The principle may be illustrated as follows. Consider the following two reactions: 

C2H6fe) + liO,te) = CH3COOH(/) + Η2θ(/) , J / / 2° 98 = - 1 6 4 . 5 kcal, (5-11) 

CH3COOH(/) + 202{g) = 2C02te) + 2H20(/) , ΔΗ%98 = —208.3 kcal. (5-12) 

These correspond to first oxidization of ethane to acetic acid and then burning of 
the acetic acid to carbon dioxide and water. The net result of the two steps is simply 
the combustion of ethane: 

C2H6te) + 3i02(g) = 2C02(g) + 3H20(/) , Zl//2°98 = - 3 7 2 . 8 kcal. (5-13) 

It is a common procedure in chemistry to obtain the net result of a series of 
chemical steps by the algebraic summation of the corresponding equations. Thus 
Eq. (5-13) results from the addition of Eqs. (5-11) and (5-12) and the cancellation of 
CH3COOH(/) since it appears once on each side of the equality sign. This 
procedure is always possible with balanced chemical equations, and the result must 
also be a balanced equation. The further conclusion of importance here is that the 
Δ 77298 quantities combine similarly. If we write each according to its detailed 
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meaning as given by Eq. (5-3) we have 

J / /2°9 8[Eq. (5-11)] + Zl//2°9 8[Eq. (5-12)] =
 Γ ^ C H3C O O H + ^ H 20

 —
 ^ C 2H 6

 —
 H # 0 2 1 

L ( / , 2 5 ° C , 1 a tm) ( / , 2 5 ° C , 1 a tm) (g, 25°C, 1 a tm) (g, 2 5 ° C , 1 atm)J 

+ Γ 2 / / Co 2 + 2HH2o — / / c h o C O O H — 2 / / θ2 1 
L(g,25°C , l a tm) ( g , 2 5 ° C , 1 a t m ) ( / , 2 5 ° C , 1 a tm) ( g , 2 5 ° C , 1 atm)J 

— Γ 2 / / Co 2 + 3/fH 2o
 —

 #C2HE ~~ ^ 2 ^ 0 2 ] · 
Lte, 25°C, 1 a t m ) (g, 25°C, 1 a t m ) (g, 25°C, 1 a t m ) (g, 25°C, 1 atm)J 

The quantities # C H3C O O H cancel since each is for the same substance in the same 
state, and the result is just ΔΗ%8 for the net equation (5-13). The sum of —164.5 kcal 
and —208.3 kcal is indeed —372.8 kcal. 

The general conclusion is that Δ Η (or ΔΕ) quantities add (or subtract) as do the 
corresponding equations provided that the substances that are cancelled are in 
the same state. This last requirement will necessarily be met if standard Zl/Ts are 
used. 

The lack of dependence of ΔΗ and ΔΕ on path is useful in the following ways. 
It allows the calculation of a Δ Η or ΔΕ for a process that is difficult or impossible 
to carry out directly or which simply has not yet been measured. As an example, 
one can determine experimentally the heats of combustion of graphite and of 
diamond: 

C(graphite) + 02(g) = C02(g\ z l # 2

0

98 = -94 .052 kcal, (5-14) 

C(diamond) + 02(g) = C02(g), Z)//2°98 = - 9 4 . 5 0 2 kcal. (5-15) 

We may subtract Eq. (5-15) from Eq. (5-14) to get 

C(graphite) = C(diamond), J i / 2° 98 = ( -94 ,052) - ( -94,502) = 450 cal. (5-16) 

The conversion of graphite to diamond (or vice versa) is not a feasible laboratory 
reaction, but by combining the two enthalpies of combustion one obtains the 
desired ΔΗ$98. 

Enthalpies of combustion may, in fact, be used quite generally to obtain 
enthalpies of other reactions. Thus the reaction 

C2H4fe) + H2(g) = CHefc) (5-17) 

may be written as 

C2H4fe) + 302(£) = 2C02t e ) + 2H2O(0, 

H2te) + £08fe) = H2O(0, 
minus 

C2H,(g) + 3^02(g) = 2C02Qr) + 3HaO(/), 

Then ΔΗ°98 for Eq. (5-17) must be ( -337.23) + <-68.32) - ( -373.82) = 
— 32.73 kcal. Notice that the result is not exactly the same as the directly deter
mined ^/alue of —32.747 kcal. As mentioned earlier, the problem is that in using 
enthalpies of combustion we are combining very large numbers to give a small 
net result. Even small percentage errors in the former propagate to give a large 
percentage error in the result. 

^ # 2 9 8 = -337 .23 kcal, (5-18) 

^ # 2 ° 9 8 = -68 .317 kcal, (5-19) 

^ # 2 ° 9 8 = - 3 7 2 . 8 2 kcal. (5-20) 
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5-5 Enthalpies of Formation 

A. Standard Enthalpy of Formation for Compounds 

A particularly useful way of summarizing thermochemical data is in terms of 
the standard enthalpy of formation. The reaction is that of formation of the 
compound from the elements, each element being in its stable chemical state and 
phase at 25°C and 1 atm pressure. For example, the reaction giving the standard 
enthalpy of formation of H20( / ) , ΔΗ^298 ( H 20 , /), is 

H2(g, 298 Κ, 1 atm) + hOz(g, 298 Κ, 1 atm) = H20( / , 298 Κ, 1 atm). 

(This particular enthalpy change is also that of the combustion of hydrogen.) 
That for methane is 

C(graphite, 298 Κ, 1 atm) + 2U2(g, 298 Κ, 1 atm) = CH^g, 298 Κ, 1 atm), (5-22) 

The heat of formation of an element in its standard state is zero by definition. 
It is not always possible to determine a heat of formation directly, as in the case 

of water, and the values are usually calculated by the indirect procedure. Thus 
J / / ° 2 9 8( C H 4) could be obtained by application of Eq. (5-21) to the heats of 
combustion of graphite, hydrogen, and methane. Extensive tables of standard 
enthalpies of formation have been built up, and a sampling is given in Table 5-2. 
The table includes values for unstable forms of some elements, such as 0 3, and C 
(diamond) and in some cases also gives values for both gaseous and liquid states, 
as for water. The difference between two such values is simply the enthalpy of 
vaporization. 

One may calculate the standard enthalpy change for any chemical reaction 
involving substances whose standard enthalpies of formation are known. The 

The example may be generalized. We may obtain ΔΗ298 for any reaction by 
adding the standard enthalpies of combustion of the reactants and subtracting the 
sum of those of the products: 

^ 9 8 = Σ ητΔΗΐ^- Σ «p̂ °c,298 , (5-21) 

reactants products 
where ΔΗΐί298 denotes a standard enthalpy of combustion. As an illustration, 
Δ H298 for the (unlikely) reaction 

2CH4te) + CH3COOH(/) = C3H8te) + C02(g) + 2H2(^) 

is given by 

2 ΔΗ°0,298 (CH4) + ΔΗ129Β (CH3COOH) - Zli/C°,2 98 (C3H8) - 2 Zl//C°,2 98 (H2) . 

There is no term for C 0 2 since by definition its enthalpy of combustion is zero. 
A table of standard enthalpies of combustion thus implies a knowledge of ΔΗ298 
values for all reactions that can be formulated as a combination of combustion 
reactions. 
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T A B L E 5-2. Standard Enthalpies of Formation"
1 

Substance kcal mole
-1 

kJ mole
-1 

Substance kcal mole
-1 

kJ mole
-1 

AgCl(j) -30 .36 -127.03 H20(/ ) -68.317 -285.84 
Br2fe) 7.34 30.71 H2Ote) -57.789 -241.79 
C(graphite) (0.000) (0.000) HClfc) -22.063 -92.31 
C(diamond) 0.4532 1.896 HBrQr) - 8 . 6 6 -36.23 
CaCOsO) -228.45 -1206.87 Hlfc) 6.20 25.94 
CaO(j) -151.9 -635.5 KCl(s) -104.175 -435.87 
CO{g) -26.416 -110.52 NaCl(j) -98.232 -411.03 
C02(g) -94.052 -393.51 NH3(^) -11 .04 -46 .19 

-17.89 -74.85 NO(^) 21.600 90.37 
C2U2(g) 54.19 226.73 NO,fc) 8.091 33.85 
C2H4fe) 12.50 52.30 N204f e ) 2.58 10.8 
C2H6(^) -20 .24 -84.68 ο , ω 34.0 142.3 
C3H8te) -24 .82 -103.85 Pte) 75.18 314.6 
C6H6(/) 11.718 49.028 PCl3fe) -73 .22 -306 .4 
C6H6(^) 19.820 82.93 PCl5fe) -95.35 -398.94 
C2H5OH(/) -66.356 -277.63 S(rhombic) (0.000) (0.000) 
CH3COOH(/) -116 .4 -487 .0 S(monoclinic) 0.071 0.30 
CC14(/) - 3 3 . 3 -139.3 so2(^) -70 .96 -296.9 
Fe203(s) -196.5 -822 .2 so3(^) -94 .45 -395 .2 
Glycine 

H2NCH2COOH(i) -126.33 -528.56 

"Data from F. A. Rossini et al, eds. (1952). Tables of Selected Values of Chemical Thermo
dynamic Quantities. Nat. Bur. Std. Circ. No. 500. U.S. Gov't. Printing Office, Washington, D.C. 

combining rule is similar to Eq. (5-21) for heats of combustion, but reversed in 
sign (why?): 

^ 9 8 = Σ " P ^ f ° 2 9 8 - Σ ητΔΗΐ^. (5-23) 

products reactants 
As an example, we may calculate the heat of hydrogénation of ethylene [Eq. (5-17)] 
using heats of formation: 

ΔΗ°298 = AHl298 ( C 2H 6, g) - ΔΗ1298 ( C 2H 4, g) 

= - 2 0 . 2 4 - 12.50 = - 3 2 . 7 4 kcal mole"
1
. 

There is no term for hydrogen because its heat of formation is zero by definition. 

β . Standard Enthalpies of Aqueous Solutes and of Ions 

Some values of enthalpies of solution were included in Table 5-1. Such data may 
be incorporated into the standard enthalpy of formation scheme by assigning the 
entire heat of solution to the solute. For example, the heat of dissolving of HC1 (g) 
in water to give an infinitely dilute solution is, per mole of HC1, —17.96 kcal 
(Table 5-1). We use the notation aq to denote the condition of infinite dilution, 
and may now write 

iH,te) + \C\2{g) = HClfe), ΔΗΐ298 = - 2 2 . 0 6 kcal, 

HClte) + aq = HC\(aq\ ΔΗ298 = —17.96 kcal. 
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Then we have 

\H2(g) + \C\2(g) + aq = HC\(aq\ ΔΗΐ298 (HC1, aq) = - 4 0 . 0 2 kcal. 

The same convention may be applied to solutions of any concentration. Thus the 
standard enthalpy for the following reaction is —17.65 kcal: 

x (solution of concentration ) Λ t t (s ^_ , 
HClte) + 100H2O = _ , < λ λλ , J / / 2 9 8 = - 1 7 . 6 5 kcal. 

\m = 0.55 mole per 1000 g Η 2θ Γ 

The standard enthalpy of formation of HC1 in 0.55 molal solution is then 
( -17 .65) + ( -22 .06) = - 3 9 . 7 1 kcal mole"

1
. 

In the case of infinitely dilute solutions of electrolytes it is convenient to proceed 
a step further. For such solutions the ions have no mutual interaction and the state 
of any given ion is entirely independent of the nature of its counter ion. It is 
therefore possible to combine equations as in the following example: 

(a) %H2(g) + iciifc) = H+to ) + C\-(aq), ΔΗ*298 = - 4 0 . 0 2 kcal, 

(b) NaO) + iC\2(g) = Na+(fl?) + C\~(aq\ ΔΗ298 = —97.30 kcal, 

(c) Na(j) + |Br2(/) = Na+(^) + Br-(aq\ AH29S = —86.18 kcal, 

(d) = (a) + (c) - (b): 

±H2(g) + jBra(/) = U
+
(aq) + Br~(^), J / / 2° 98 = —28.90 kcal. 

HC\(aq) has been written as H
+
(aq) + Cl~(aq), and similarly for NaCl(a^) and 

NaBr(tf#) not only because it is more nearly correct but also because it emphasizes 
that the Cl~(aq) of the HC1 solution cancels the C\~(aq) of the NaCl solution. 

This procedure is unnecessarily clumsy. If the enthalpy of formation of some one 
ion were known, it would then be possible to calculate those of all other ions. 
Such a value is not known, since ionic chemical reactions always involve combi
nations of ions such that the equation is balanced electrically (see Section 13-CN-3 
for a further comment). By the same token, however, one may arbitrarily assign 
a value to the standard enthalpy of formation of some one ion, and the values then 
calculated for the other ions must always occur in any thermochemical equation in 
such a way that the assumption cancels out. The convention is that Z l / i f

0

t 2 9 8(H
+
, aq) 

is zero. 
Some representative standard enthalpies of formation of solutes and of individual 

aqueous ions are given in Table 5-3. We may now obtain the values of ΔΗ298 for 
reactions (a), (b), (c), and (d) simply by adding the appropriate individual 
ion values. 

5-6 Dependence of ΔΛΓ and ΔΕ on Temperature 

The temperature dependence of individual Η and Ε values is given by the 
equations 

dE = Cv dT [Eq. (4-22)], 

dH = CP dT [Eq. (4-30)], 
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Solute kcal mole
-1 

kJ mole
-1 

Ion kcal mole
-1 

kJ mole
-1 

HC1 
in ooH20 -40.023 -167.47 H+ (0.000) (0.000) 
in 100H2O -39.713 -166.16 Li+ -66.554 -278.46 

H 2S 0 4 Na+ -57.279 -239 .66 
in coH20 -216.90 -907.51 K+ -60 .04 -251.21 
in 100H2O -211.59 -885.29 Ag+ -25.31 -105.90 

NaOH OH- -54.957 -229.94 
in coH20 -112.236 -469.60 F - -78 .66 -329.11 
in 100H2O -112.108 -469.06 c i - -40.023 -167.46 

NaCl Br- -28 .90 -120.92 
in ooH20 -97.302 -407.11 I

-
-13 .37 -55 .94 

in 100H2O -97.250 -406.89 c i o 4- -31.41 -131.42 
NH4C1 s o * - -216.90 -907.51 

in ooH20 -71.76 -300.24 coi~ -161.63 -676.26 
in 100H2O -71 .63 -299.70 
a
D a t a from F. A. Rossini et a/.,eds. (1952). Tables of Selected Values of Chemical Thermo

dynamic Quantities. Nat. Bur. Std. Circ. No. 500. U. S. Gov't. Printing Office, Washington, D.C. 

or, in integral form, 
τ 

E2 = Ex+ f
 2

 CvdT, (5-24) 

H2 = H,+ \
T%
CpdT. (5-25) 

As discussed in Section 4-7C, heat capacities are in general temperature-dependent 
and the experimental values are usually summarized in the form of a polynomial 
in temperature. Three terms suffice to represent data over a considerable range of 
temperature. Thus we write

+ 

CP = a + bT + cT-
2
. (5-26) 

The polynomial formulation is convenient in allowing easy integration of Eq. (5-25). 
Values of a, b, and c are given in Table 5-4 for a number of gases, liquids, and 
solids. 

The procedure for calculating the change in a heat of reaction with temperature 
is quite analogous to the preceding. Let ΔΗ2 be the enthalpy of reaction at T2 
and ΔΗΧ that at Tx. The general reaction equation (5-2) may then be written 

-ΔΗ2 = [aH2(A) + bH2(B) + - ] - [mH2(M) + nH2(N) + ···] 

= \a[H±(A) + j CP(A) dT] + ^ ( B ) + j CP(B) dr] + - j 

- j m ^ M ) + j CP(M) dT] + / i [ ^ ( N ) + j CP(N) dr] + - j . 

+
 A widely used alternative power series is of the form CP = a + bT ~h cT

2
. 

TABLE 5 - 3 . Standard Enthalpies of Formation of Aqueous Species* 
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TABLE 5-4. Variation of CP° with Temperature" CP° = a + bT + cT"
2 

Substance a Wb 10~
5
c 

Gases (from 298 Κ to 2000 K) 

Monatomic 4.97 — — 
gases (20.78) 

H2 6.52 0.78 0.12 
(27.28) (3.26) (0.50) 

o 2 7.16 1.00 - 0 . 4 0 
(29.96) (4.18) ( -1 .67) 

N 2 6.83 0.90 - 0 . 1 2 
(28.58) (3.77) ( -0 .50) 

CO 6.79 0.98 -0 .11 
(28.41) (4.10) ( -0 .46) 

Cl2 8.85 0.16 -0 .68 
(37.03) (0.67) ( -2 .85) 

c o 2 10.57 2.10 - 2 . 0 6 
(44.23) (8.79) ( -8 .62) 

H 20 7.30 2.46 — 
(30.54) (10.29) 

N H3 7.11 6.00 -0 .3 7 
(29.75) (25.10) ( -1 .55) 

CH4 5.65 11.44 - 0 . 4 6 
(23.64) (47.86) ( -1 .92) 

C eH e 2.46 60.2 — 
(10.29) (251.9) 

Liquids (from melting point to boiling point) 

H 20 18.04 — — 
(75.48) 

I2 19.20 — — 
(80.33) 

NaCl 16.0 — — 
(66.9) 

C eH 6 8.00 80 
(33.50) (335) 

Solids (from 298 Κ to melting point or 2000 K) 
C (graphite) 4.03 1.14 - 2 . 0 4 

(16.86) (4.77) ( -8 .54) 
Al 4.94 2.96 — 

(20.67) (12.38) 
Cu 5.41 1.50 — 

(22.64) (6.28) 
Pb 5.29 2.80 0.23 

(22.13) (11.72) (0.96) 
I2 9.59 11.90 — 

(40.12) (49.79) 
NaCl 10.98 3.90 — 

(45.94) (16.32) 

a
 G. N. Lewis and M. Randall, "Thermodynamics," 2nd ed., 

(revised by K. S. Pitzer and L. Brewer). McGraw-Hill, New York, 1961. 
Values in cal K "

1
 mole"

1
; values in parentheses in J K""

1
 mole"

1
. 
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On collecting terms, we obtain 

ΔΗ2 = ΔΗ1+ \ ΔϋΡ dT, (5-27) J
 τχ 

where the operator Δ in Δ€Ρ has its usual meaning. The coefficients a, b, and c 
in the series expression for each individual heat capacity may be combined 
according to Eq. (5-27) so that ΔϋΡ may be written 

Δ0Ρ = Δα + (Δο)Τ + (Δ€)Τ~\ (5-28) 

A formal integration of Eq. (5-27) gives 

ΔΗ% = ΔΗ, + (Δα)(Τ2 - Τ,) + ( ~ ) ( 7 ? - Τ*) - ( J c ) ( l - ^ r ) . 

(5-29) 

The procedure is most commonly applied to ΔΗ
0
 values, that is, to Δ Η quantities 

for 1 atm pressure, and the CP values of Table 5-4 are for this standard pressure. 
Analogous equations involving Cv apply to the calculation of a ΔΕ2 from a ΔΕ1. 

Example. Consider the reaction 

CH4t e ) + 202(g) = C02(g) + 2H2Ote) 

We find JH°2 f l8 from Table 5-2: AH°299 = 2(-241.79) - 393.51 - ( -74.85) = -802.24kJ. 
We obtain ΔΗ°Ά79 as follows, using Eq. (5-29): Δα = 44.23 + 2(30.54) - 23.64 - 2(29.96) = 
21.75 J Κ"

1
; Ab = [8.79 + 2(10.29) - 47.86 - 2(4.18)] x 10"

3
 = - 2 6 . 8 5 x 10~

3
 J K"

2
; 

Δο = [ -8 .62 + 0 - ( -1 .92) - 2( -1 .67)] x 10
5
 = - 3 . 3 6 x 10

5
 J K . Then 

ΔΗ\1Ζ = -802,240 + 21.75(373.15 - 298.15) 

+ -
2 6

·
8 5

2

χ 1 Q
-
8
 [(373.15)

2
 - (298.15)

2
] 

~ ( -
3

·
3 6 χ 1 0 5

) ( ώ - 2 9 έ Γ 5 ) 
= -802,240 + 729 = -801.51 kJ. 

Equations (5-24) and (5-25) are applicable to a change of temperature which is 
not accompanied by any phase change. As illustrated in Fig. 5-2, a substance may 
exist in some phase OL below a certain temperature and in some phase β above that 
temperature. The most common situations are those in which α is a solid phase and 
β the liquid phase, or in which oc is the liquid phase and β the gaseous one. If we 
take Hx and 7 \ as the reference points, then Eq. (5-25) is obeyed up to the temper
ature of the phase transition Ταβ . At this temperature additional heat is needed 
to bring about the transition and Η increases by the enthalpy of the transition 
ΔΗαβ . Above Ταβ , Η again rises in accord with Eq. (5-25), although now the heat 
capacity is CP(j8) rather than CP(a). An entirely analogous analyses applies to the 
behavior of E. 

The presence of phase transitions introduces a corresponding complication in 
the calculation of a ΔΗ2 from & ΔΗΧ. In such a case Eq. (5-27) may still be used 
in the form 

ΑΗ2 = ΔΗ1+ 2 nv{H2-Hx)- 2 nr(H2 - H,), (5-30) 
p r o d u c t s r e a c t a n t s 
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H 

Ά Ταβ T2 
Τ 

F I G . 5 - 2 . Variation of enthalpy with temperature for a substance undergoing a phase change. 

If a reactant or product undergoes a phase transition, this must be allowed for in 
calculating the corresponding (H2 — #1) term; otherwise Eq. (5-25) is used in the 
usual manner. 

COMMENTARY AND NOTES 

5-CN-l Explosions, Flames, and Rockets 

The emphasis of this chapter has so far been on ΔΕ and ΔΗ quantities for 
reactions under standard conditions, and, in the preceding section, on the calcu
lation of ΔΕ or Δ Η at some temperature T2 given the value at Tx . There is an 
interesting and important special case in which the chemical reaction occurs under 
essentially adiabatic conditions so that the heat of the reaction is confined to the 
system and therefore heats it as the reaction proceeds. This situation occurs in an 
explosion which takes place in an isolated system such as is approximated by an 
open flame and in the combustion of rocket fuel. 

The confined explosion is the simplest case for us to treat more quantitatively. 
We can do so in terms of a generalized combustion reaction of a hydrocarbon 
using a scheme similar to that of the example of the preceding section: 

3/1 + 1 ^Erm C„H2 n + 2te, r m a x) Η — 02(>, Tm ax) — nCQ2{g, r m a x) + (n + 1) H2Q(g, r m a x) 

<?2 
(5-31) 
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To simplify matters, we avoid phase changes by specifying all species to be gaseous. 
Also, since the system is to be at constant volume, we must deal with E's and CV's. 
We are interested in the value of 7max ? the maximum temperature attained under 
adiabatic conditions. This means that the overall process is the one indicated by 
the arrow labeled ΔΕ = qv = 0. The desired r m ax may be calculated as follows. 
We allow the reaction to proceed at 298 Κ and apply the heat of reaction to 
warming the products, which means the q2 must just equal ΔΕ298 : 

The heat capacities should be known as a function of temperature, and on carrying 
out the integration, one obtains an equation which is then to be solved for 7max · 

Example. Referring to the preceding example, AHl98 for the combustion of methane is 
—804.24 kJ. The temperature reached in an explosion is given by applying ΔΕ298 (also 
— 804.24 kJ in this case) to heating the products. Assuming for simplicity that Cv is 6R for 
both C 0 2 and H20 , the total Cv is (3)(6)(8.314) = 150 J K~

1
 and AT = 804,240/150 = 5360 K, 

or r m ax = 5660 K. 

Fundamental hazards to calculations of this type are the following. Since 
ΔΕ is negative, we expect from Le Châtelier's principle that the equilibrium will 
shift progressively to the left with increasing temperature. This means that 
combustion reactions which go to completion at 25°C may fail to do so at some 
very high temperature. An even more serious difficulty is that other equilibria begin 
to be important at very high temperatures. Water may be partly dissociated into H, 
HO, and Ο radicals; carbon dioxide begins to dissociate into CO and 0 2 and further 
into C and O. Gases inert at room temperature, such as nitrogen, begin to enter into 
the reaction, and so on. All of these effects act either to reduce the amount of 
reaction or to expend some of the heat of the reaction in dissociating the products 
into fragments. The result is to reduce r m ax below its simple theoretical value, and 
often considerably so. 

The problem becomes a very acute one in the field of aerospace engineering. 
A rocket exhaust is essentially a flame which has reached some high temperature 
by virtue of the heat of reaction of the propellants, and it is essential to know both 
the actual Tmax and the chemical composition of the exhaust if the thrust of the 
rocket is to be computed. The various dissociative equilibria mentioned here 
themselves depend on temperature, and the temperature reached depends on the 
extent of such dissociation. The consequence is that one must make a very involved 
series of successive approximations in order to arrive at a result. 

0 = ΔΕ298 + j 29 κ [nCV(C02) + (n + l ) C r( H 20 ) ] dT 

or, in general, 

T
i products 

(5-32) 

5-CN-2 The Thermochemistry of Nutrition 

The methods of thermochemistry have been applied extensively both to foods 
and to living systems. The overall processes that occur when food is metabolized 
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may be summarized as follows. For sugars and starches, 

( C H 20 ) n + n02 = nCOz + wH20(/), AHS.m ~ 4 kcal g - \ 

Animal fats are likewise converted to C 0 2 and H 20 . Taking tripalmitin as a typical 
example, 

2 C 5 1H 9 8O e + 1 4 5 02 = 102CO2 + 98H20(/) , ^HS,298 ~ 10 kcal g"
1
. 

In the case of proteins, the nitrogen appears in waste products, mainly urea. The 
combustion reaction is difficult to formulate precisely, but we can write in the case 
of glycine 

2H2NCH2COOH + 3 0 2 = C O ( N H2)2( ^ ) + 3 C 0 2 + 3H20( / ) , AHgA9S ~ 2 kcal g"
1
. 

For an average protein ^ / / < ? 2 98 is usually taken to be 4.4 kcal g
- 1

. In obtaining 
the "calorie" content of a food (in nutrition the word "calorie" actually means 
kilocalorie) it is first fractionated into the sugar + starch, fat, and protein compo
nents. One then applies the foregoing heats of combustion to obtain an overall 
calorie rating for the food. 

The equations above do give the approximate net change that occurs in metabo
lism. One way of checking this conclusion is to measure the respiratory quotient, 
R.Q., which is the ratio of moles of C 0 2 produced to moles of 0 2 consumed by 
the subject. R.Q. should be about 1 for sugars and starches, about 0.7 for fats, 
and about 0.8 for proteins. In the case of a group of human subjects, the observed 
average R.Q. rose toward unity on a carbohydrate diet, and fell toward 0.7 on a 
fat diet. 

In another approach, actual calorimetry is done on test subjects, to determine 
the rate of metabolic evolution of heat. The total oxidation occurring is calculated 
from the amount of C 0 2 exhaled, supplemented by analyses of the excreta. The 
calculated heat production can then be compared with that from the whole body 
calorimetry. As an example, direct calorimetry on a group of men gave 2250 kcal 
as the heat produced in a 24-hour day under resting conditions, and 4690 kcal under 
working conditions. The calculated values were 2450 kcal and 4700 kcal, respec
tively. Thus most of the calorie content of a person's diet is accounted for chemi
cally [see Gemmill and Brobeck (1968)]. Note Fig. 5-3 for an interesting space-age 
application. 

The finding that most of the energy content of food appears as work and heat is 
a reflection of the fact that the adult organism is not growing. Growth adds to the 
physical size, and the nutrients that go into new tissue cannot, of course, appear as 
combustion products. The adult uses food energy to do physical work and to keep 
the body in its nonequilibrium steady state. Examples of this last category include 
the energy needed for the regeneration of cells, to supply the heat dissipated by 
friction within the body, as in blood circulation, and to maintain body temperature. 

SPECIAL TOPICS 

5-ST-l Chemical Bond Strengths 

One of the important contributions of thermochemistry to physical chemistry 
and chemical physics is that it provides chemical bond energies. The definition of 
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FIG. 5-3. Above: A human calo
rimeter. Both the respiratory quo
tient and the rate of evolution of 
body heat are measured. (From 
Ε. E. Haw ley and Ε. E. Maurer-
Mast, "The Fundamentals of Nutri
tion," 1940. Courtesy of Charles C 
Thomas, Publisher, Springfield, Il
linois.) Left: The Apollo space suit. 
The same basic calorimetric data 
were needed in the design of space 
suits. (L. Malta, "Suiting up for 
Space," John Day Co., New York, 
1971. By permission of the National 
Aeronautics and Space Admini
stration.) 

bond energy is simple in the case of a diatomic molecule; it is just the dissociation 
energy. Thus 

H2(g) = 2H(g\ AH%98 = 104.2 kcal, (5-33) 

fflfc) = Hfe)+ J / / 2° 98 = 71.4 kcal. (5-34) 

The H—H and H—I bond energies are then 104.2 and 71.4 kcal, respectively. 
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An alternative to the foregoing is to use ΔΕ0 values for bond energies where, as 
indicated in Fig. 4-11, ΔΕ0 is the energy to take a diatomic molecule from the lowest 
or zero-point vibrational state to the dissociation limit. Spectroscopy gives ΔΕ0 
values. There is undoubtedly some confusion in that spectroscopic ΔΕ0 values and 
thermochemical ΔΗ\98 values have been used somewhat interchangeably. The 
two values are not greatly different, however. For example, AE0 for the atomization 
of hydrogen is 103.2 kcal, as compared to the ΔΗ\98 of 104.2 kcal. The practice 
here will be to use the standard enthalpies. 

Bond energies may also be obtained for polyatomic molecules. The enthalpy of 
atomization of methane is taken to be four times the average C—Η bond energy: 

CU,(g) = C(g) + 4H(g\ ΔΗ°298 = 397.2 kcal. (5-35) 

The average C—Η bond energy is then 99.3 kcal. The ΔΗ\98 value is obtained by 
summing the following steps: 

CH,(g) = C(graphite) + 2Hafe), J7 /2°98 = 17.9 kcal, 

(5-36) 
2H2(g) = 4H(*), ΔΗ°298 = 208.4 kcal, 

C(graphite) = C(g\ J / / 2° 98 = 170.9 kcal, 

CH4fe) = C(g) + 4Hfc), ΔΗΐ98 = 397.2 kcal. 

Among these values the heat of sublimation of graphite has been the most uncertain 
because of the great experimental difficulties involved; as a result, several values 
appear in the chemical literature. For this reason, different references may report 
somewhat different C—Η bond energies. It should also be stressed that the value 
given here is the average C—Η bond energy. The process of dissociating one 
hydrogen atom at a time to give C H 3, C H 2, CH, and then C will require somewhat 
different energies for each step; that for the first step is estimated to be 102 kcal, 
for example. The Η—Ο bond energy may be obtained from the sum of reactions 

H2Ofe) = n2(g) + J02fe), ΔΗ198 = 57.8 kcal, 

U2(g) = 2H(g)9 ΔΗ°98 = 104.2 kcal, ( 5 3 ?) 
\02{g) = 0(g\ ΔΗ%8 = 59.2 kcal, 

n2Q(g) = 2H(g) + ofe) , ΔΗ°298 = 221.2 kcal. 

There are two Η—Ο bonds in water, and so the average Η—Ο bond energy is 
111 kcal. The Ν — Η bond energy follows from an analogous calculation involving 
ammonia. 

We next assume that bond energies are additive, that is, that the strength of a 
given type of bond is independent of its chemical environment. For example, the 
enthalpy of dissociation of ethane into atoms can be calculated from its enthalpy 
of formation and the enthalpies of sublimation of graphite and of dissociation of 
hydrogen. We get 

C2H6te) = 2C{g) + 6Hfe), ΔΗΐ98 = 674.6 kcal. 

Ethane consists of six C—Η bonds and one C—C bond, and the assumption is 
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that the sum of these bond dissociation energies should equal the overall enthalpy 
of atomization. The C—H bond is taken to be the same as the average value in 
methane, so that the C—C bond energy should be 674.6 — 595.8 = 78.8 kcal. 
Repetition of the same type of calculation for propane leads to a C—C bond 
energy of 78 kcal, so the assumption is at least approximately correct. Application 
of the above procedure to methanol yields a C—Ο bond energy, and so on. 

A number of such bond strengths are given in Table 5-5 along with some useful 
heats of sublimation of elements. Note that the value given there for the C—C and 
C—Η bond energies are somewhat different than the ones just obtained. The 
figures in the table are offered as better average values for general use. 

In some cases the discrepancy between an observed enthalpy and that calculated 
from bond energies appears to be real—that is, due to a specific, neglected factor. 
For example, one obtains from the enthalpies of formation of benzene and of 
atomization of graphite and hydrogen 

C6H6te) = 6C(g) + 6Hfe), J / / 2° 98 = 1 3 1 8 kcal. (5-38) 

Benzene, if written in the Kekulé structure 

H 
I 
c 

H — C
 X

C — H 
I I I 

H — Q JC—H 

would be assigned six C—H bonds, three C—C bonds, and three C = C bonds, 
which total 1284 kcal. The discrepancy of 34 kcal suggests that benzene is more 
stable than expected in terms of this structure. The modern explanation is that 
there are no fixed C = C bonds and that the electrons which might go into such 
bonds interact instead in a diffuse or delocalized way and are spread over the whole 
molecule. This difference between the estimated energy of a fixed bond structure 
and the actual energy of a delocalized bonding structure is called the resonance 
energy. 

Although the assumption of additivity of bond strengths can lead to appreciable 
error, it does provide a means of estimating enthalpies of formation of compounds 
not yet studied or difficult to study. In the case of flames, for example, one may need 
an estimate of the enthalpies of formation of various radicals. A similar situation 
occurs in chemical kinetics, where it is desirable to estimate the energy required to 
produce possible reaction intermediates [see Benson (1968)]. 

5-ST-2 Internal Energy and Enthalpy Functions 

The fact that we do not know absolute values for internal energies and enthalpies 
is reflected in our procedures in thermochemistry. Thus we tabulate standard 
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TABLE 5-5. Enthalpies of Formation of Atoms and Bond Strengths α 

Atom 

^^.298 

Bond 

ΔΗ>„ 8 

Atom kcal mole 
_1

 kJ mole
-1 

Bond kcal mole
-1 

kJ mole
-1 

H 52.1 218.0 C - H 99.5 416.3 
Ο 59.2 247.7 C - C 83 347 
Ν 112.9 472.4 C = C 146 611 
S 53.2 223.8 C ^ C 198 828 
Ρ 75.2 314.6 C - N 72 301 
c 170.9 715.0 C = N 147 615 
F 18.3 76.6 C - O 85 356 
Cl 29.0 121.3 c = o 175 732 
Br 26.7 111.7 C - C l 78 326 
I 25.5 106.7 O - H 111 464 
Na 26.0 108.8 O - O 33 138 
K 21.5 90.0 N - H 93 389 
Ca 46.0 192.4 N - N 39 163 
Al 75.0 313.8 N = N 100 418 
Ni 102 426.8 CI—CI 58 242 
Fe 96.7 404.6 Br—Br 46 193 
Ag 69.1 289.1 I—I 36 151 

° The values are adapted from various sources. See NBS Circular 500 (Table 5-3); K. S. Pitzer, 
"Quantum Chemistry," Prentice-Hall, Englewood Cliffs, N.J., 1953; T. L. Cottrell, "The Strength 
of Chemical Bonds," Butterworth, London and Washington, D.C., 1958. b

 From their standard states. 

enthalpies of formation of substances and not their absolute enthalpies. That is, 
we take the elements in their standard state as a point of reference. Since we are 
interested in Δ Η or ΔΕ for a chemical reaction, only the differences between 
enthalpies or energies of formation are involved, and the choice of reference state 
cancels out. Were the absolute Η and Ε values known for the elements, we could 
then convert all of the standard heats of formation to absolute values. However, 
such a set of values would lead to exactly the same Δ Η or ΔΕ for a chemical 
process as before. (The proof of this statement is left as an exercise.) 

The choice of reference state is therefore mainly a matter of convenience. 
Although the usual choice is well suited for the compilation of thermochemical 
data, there is an alternative, a more natural one from the point of view of statistical 
thermodynamics. This alternative may be introduced as follows. By Eq. (4-22), 

where, it will be recalled, Ε is the average energy per molecule. Integration then 
gives 

E - E 0+ C cvdT. (5-39) 
J ο 

The energy E 0 is the energy per molecule at 0 Κ and hence the energy in the lowest 
translational, rotational, vibrational, and electronic energy state. The first two 
we regard as zero, the third is the zero-point energy, \hvQ, and the fourth is 
unknown. In fact, Ε Ο Β 1 ΒΟ is essentially unknowable, since our experience, as 
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embodied in the first law, is that we can only determine changes in energy and not 
absolute values. If we now define a quantity Ε — E 0 , the internal energy function, 
we have 

Ε - E0 = Γ cvdT (5-40) J
 0 

and the quantity on the right is in principle experimentally determinable. It is, 
for example, actually Ε — E 0 that is given by Eq. (4-55), 

or, per mole, 

E - E 9 = Rl*[W$P]R. (5-42) 

The statistical thermodynamic treatment in Chapter 4 showed that it is usually 
possible to factor a partition function into the separate translational, rotational, 
and vibrational contributions. Thus 

Ε — E0 = £trans + ETot + ^ v i b . (5-43) 

Also, from the definition of H, 

H - E 0 = (E-E0) + PV (5-44) 

and 

H»-E0 = (E- E0) + PV, (5-45) 

where the zero superscript denotes that Η is for the standard pressure of 1 atm; 
H° — E0 is the standard enthalpy function.

1
" For an ideal gas, 

H° - Ε0 = (E - EQ) + RT (ideal gas). (5-46) 

The standard enthalpy function may be related to experiment as follows. For 
the general reaction 

aA + bB + ··· = mM + wN + · · · , 

we can write AH
0
 for some temperature Τ as 

AHT° = A(H° - EQ)T + ΑΕ0. (5-47) 

If we know A(H° — E0)T, AE0 can be calculated from the experimental heat of 
reaction. Since AE0 is the internal energy change when the reaction occurs with 
each species in its lowest energy state, it is a fundamental quantity for the reaction. 
Thus AHT° has been written as the sum of AE0 , about which nothing can be calcu
lated, and a term A(H° — E 0) T , which can be calculated. It is a way of concentrat
ing the full capabilities of thermodynamics into a single term. 

We can now proceed to examine the calculation of (H° — E 0) T for a substance. 
There are two independent ways of doing this. First, we can obtain (E — E 0) T 

+
 More often, this term is applied to (H° — H0°)ITas discussed in Section 6-ST-3. 



SPECIAL TOPICS, SECTION 2 167 

and hence (H° — E0)T by means of Eq. (5-40). This requires a complete knowledge 
of the heat capacity of the substance from 0 Κ up to the desired temperature. 
If phase changes occur in the process of heating the substance from 0 K, then the 
energies of these changes must be included, essentially in the manner indicated 
in Fig. 5-2. Alternatively, (H° — E0)T could be obtained from a similar heating at 
constant pressure and from the variation of CP with temperature and the enthalpies 
of any phase changes. This approach is discussed further in Section 6-ST-3. 

The heat capacity approach does not really add anything over the discussion in 
Section 5-6 on the temperature dependence of Δ Η and ΔΕ. It is of more importance 
that (H° — E0)T can be calculated by the methods of statistical thermodynamics. 
Thus if the various energy states are known, (H° — E0)T can be obtained directly 
through Eq. (5-43). By repeating the calculation for each substance involved in a 
chemical reaction, one then obtains Δ(Η

0
 — E0)T and, by means of Eq. (5-47), ΔΕ0. 

Having ΔΕ0, one can now calculate ΔΗΤ° for any temperature. There are some 
considerable further advantages to the use of enthalpy functions in dealing with 
applications of the second law of thermodynamics; these are discussed in the 
Special Topics section of the next chapter. 

Example. To illustrate the application of statistical thermodynamics to thermochemistry, 
consider the reaction 

We assume that each gas is ideal and can apply the methods of Chapter 4 to the calculation of 
Ε — E0 for each species. It is safe to assume that at 25°C the equipartition values will be reached 
with respect to the translational and rotational contributions. The calculations then center on 
obtaining Evih ; we use Eq. (4-81) and need the fundamental frequency or characteristic vibrational 
temperature 0 v ib for each mode of vibration. The latter is given by 0Vib = hvjk or, if v0 is in 
cm"

1
, 0 v ib = hcvjk = 1.439vo · Then Evih is [Eq. (4-82)] 

3H2 + N 2 = 2NHj = -22.08 kcal. (5-48) 

χ £Vib = RT 
e
x
 - 1 

= RTf{x\ 

where χ = 0 v i b/ r a n d f(x) = x/(e
x
 — 1). 

The calculation for each species may be assembled as follows. 

Hydrogen 
translation 
rotation: 
vibration : v0 = 4160.2 cm"

1
, 0v lb = 5987 Κ, χ = 20.08,/(JC) = 0.0000: 

ETOt = RT 
888 cal 
592 cal 

£Vib = RTf(x) = 0 cal 

1480 cal 

Nitrogen 
translation: same as for H2 
rotation: same as for H2 
vibration: v0 = 2230.7 cm"

1
, 0 v lb = 3210 Κ, χ = 10.77, /'(*) = 0.0003: 

£vib = 0.0003/? Τ -

888 cal 
592 cal 

0 cal 

1480 cal 

Ammonia 
translation: same as for H2 and N 2 
rotation: Exih = %RT = 

888 cal 
888 cal 
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vibration: there are six vibrational degrees of freedom, but only four frequencies 
since two are doubly degenerate; thus 
vx = 3337 cm"

1
, from which f(x) = 0.0000: Ex = 0 cal 

v2 = 950 c m -
1
, / W - 0.047: E2 = 0.047RT = 28 cal 

v3 = 3414 cm-
1
 (twice); f(x) = 0.0000: E3 = 0 cal 

*>4 = 1627.5 cm-
1
 (twice);/(JC) = 0.003: £ 4 = (0.003)2#Γ = 4 cal 

1808 cal 
The value of Δ(Ε — E0) is then 

Δ(Ε - E0) = 2(1808) - 1480 - 3(1480) = - 2 3 0 4 cal 
and 

Δ(Η° - E0) = - 2 3 0 4 - 2RT = -3489 cal. 

Finally, from Eq. (5-47), 

ΔΕ0 = -22 .08 - ( -3 .49) = -18.59 kcal. 

Knowing ΔΕ0, we could repeat the entire calculation for any other temperature to obtain a ΔΗ
0 

for that temperature. The temperature could, for example, be one not easily accessible for direct 
experimental measurements. 

The preceding discussion illustrates several points. First we see again that the 
energy of an ideal gas is a function of temperature only; the calculations of Ε — E0 
did not require a value for the pressure. Second, the major contributions to Ε — E0 
were from translation and rotation. This will generally be true for small, strongly 
bonded molecules around 25°C (the discussion of Section 4-12 on the molecular 
interpretation of heat capacities is relevant at this point). Considerations such as 
this last one are often helpful in estimations of the vibrational contribution when 
quantitative information is not available. Thus the use of the enthalpy function 
allows an intermixing of phenomenological or classical thermodynamics and 
statistical thermodynamics. 
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Remember to take as exact numbers given to one significant figure. Give your answers in kilo-
calories and in kilojoules. 

5-1 Calculate AH%98 and AE298 for the reaction 

QH6t e ) + CH3COOH(/) + NH3fe) = 2CH4(^) + H2NCH2COOH(s). 

Ans. AH%98 = -14 .43 kcal or -60.38 kJ; Ang = 0 so AE = AH. 

5-2 Calculate AH%98 and AE298 for the incomplete combustion reaction 

QH6te ) + \\ 02(g) = 6C(s) + 3 H20(/) . 

Ans. AH°298 = -224.77 kcal or -940 .4 kJ; AE = -223.29 kcal or -934 .2 kJ. 

5 - 3 Calculate AH%W for the combustion of glycine^). 

Ans. -232 .57 kcal or -973 .1 kJ. 

5 -4 Calculate AH%98 per mole for the cis to trans isomerization of C H3C H = C H C H3. 
Ans. - 949 cal or - 3.97 kJ. 

5 - 5 A small catalytic hydrogénation unit has a heat capacity of 300 cal Κ
- 1

. What will its 
rate of heating be if an equimolar mixture of ethylene and hydrogen gases is passed 
through it at the rate of 2 millimoles of mixture per minute ? Assume complete reaction. 

Ans. 0 .109°Cmin-
1
. 

5 -6 A sample consisting of 0.200 g of CH3COOH(/) is ignited in a bomb calorimeter containing 
pure oxygen. The heat capacity of the calorimeter is 12,000 J ° C

- 1
. What temperature 

increase should occur? 

Ans. 0.242°C. 

5-7 Calculate AH29S for the process 

Ag + HC\(aq) = AgCI(j) + %H2(g). 

The heat of formation of AgCl(s) is —127.0 kJ. 

Ans. 40.5 kJ or 9.67 kcal. 

5 -8 Obtain AH%98 for the formation of NH4OH(^) . 

Ans. -86 .70 kcal or 363 kJ. 

5 -9 What is AH%98 for the dilution process NaOH (in 100 moles H20 ) = NaOH(a#)? 

Ans. - 1 2 8 cal or - 5 3 6 J. 

5 - 1 0 Calculate ΔΗ? of N H3 at 500°C. 

Ans. - 1 2 . 8 4 kcal or - 5 3 . 7 kJ. 

5 - 1 1 Calculate AHS° of CH3COOH(#) at 100 °C given that AHV is 4051g"
1
 at the normal 

boiling point or 118°C and that the values of CP are 2.30 J X "
1
 g-

1
 and 6.27 J °C"

1
 g"

1 

for liquid and gaseous acetic acid, respectively. 

Ans. —111.1 kcal m o l e
-1
 or —464.8 kJ m o l e

- 1
. 
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5 - 1 2 How many m
3
 of water (liquid) would be obtained if 0.1 kg of C(graphite) were burned 

to CO2 in an ice calorimeter? 

Ans. 5.452 X 10"
 4
 m

3
. 

PROBLEMS 

Problems marked with an asterisk require fairly lengthy computations. 

5-1 Calculate AH%98 and ΔΕ296 in kilocalories and in kilojoules for the reaction 

C2H4Gr) + H2(g) + \02(g) = C2H5OH(/). 

5 - 2 Calculate AH%98 and AE298 in kilocalories and in kilojoules for the reaction 

2H2O(0 + CC14 + 3 S 02 = S(monoclinic) + C 0 2 + 4HClfe) + 2S03te). 

5 -3 The heat of sublimation of graphite to carbon atoms has been estimated as 170 kcal mole
- 1
. 

The dissociation of molecular hydrogen into atoms, H2 = 2H, has ΔΗ
0
 = 103.2 kcal 

mole
- 1
. From these data and the value for the heat of formation of methane, calculate 

ΔΗ
0
 for 

C(g) + 4U(g) = CH4(£). 

One-fourth of this value is a measure of the C—Η bond energy in methane. 

5 -4 At 25°C and constant pressure, the heat of formation of COa from graphite is —94.272 kcal 
mole-

1
 and the heat of combustion of CO is —67.263 kcal mole-

1
. Calculate AH for the 

formation of one mole of CO from C and C 0 2 (at 1000 K) if the following equations are 
valid for the molar heat capacities: 

for C (graphite) CP - 1.20 + 0.0050Γ - 1.2 χ 1 0
- β

Γ
2
; 

for CO2te0 CP = 7.40 + 0.006Γ - 1.50 χ 1 0
- 6

Γ
2
; 

for COfe) and 02(g) CP = 6.5 + 0.0010Γ. 

5-5 For the following reaction at 25°C, AH = - 5 6 kcal: 

2HIte, 1 atm) + C\2(g, 1 atm) = 2HClte, 1 atm) + l2(s). 

Given that the heat of sublimation of I2(^) is 6.1 kcal mole
-1
 at 185°C; the heat capacities 

CP for the gases HI, HC1, C l2, and I2 may be taken to be 6.5 cal ° C
-1
 mole

-1
 and inde

pendent of temperature; the heat capacity CP for I2(s) is 12.6 cal ° C
-1
 mole

-1
 (independent 

of T); calculate AH for the following reaction at 125°C: 

2HIfe, 1 atm) + C\2(g, 1 atm) - 2HC1(#, 1 atm) + I2(g, 1 atm). 

5 -6 Calculate the maximum temperature achieved by the mixture when 0.100 g of methane 
gas is exploded in a constant-volume adiabatic (that is, insulated) calorimeter containing 
10 g of air. The initial temperature is 25°C. Assume ideal gas behavior. 

5-7 One-half mole of methane at 25°C is exploded in a large excess, ten moles, of oxygen, 
burning completely to carbon dioxide and water. Calculate the final temperature under 
adiabatic conditions (a) assuming the explosion to be at constant pressure, (b) assuming 
it to be at constant volume. 
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5 - 8 Calculate (a) AH°298 for the reaction i H 2 + J N 2 + C H 4 + C O A = H 2N C H 2C O O H ( J ) 
and (b) AH°296 and AE2ys for the combustion of H 2N C H 2C O O H ( s ) to C 0 2 and H20 ( / ) . 

5 -9 AH°29S is 71.4 kcal for the reaction Hl(g) = H(g) + 1(g). CP for H I is 5.00 + 1 χ 10"
 Z
T 

in cal Κ
-1

 m o l e
- 1

. The bond energy of HC1 at 25°C is 103 kcal m o l e
- 1

. Calculate (a) 
AH

0
 and AE for the atomization of Hl(g) at 1000 K , and (b) AH°29% for HC1 + I = 

H I + CI. 

5 - 1 0 The heats of combustion at 25°C and 1 atm of cyclopropane, [(CH2)3(#)], graphite, and 
hydrogen are —499.85 kcal mole

- 1
, —94.051 kcal mole

- 1
, and —68.317 kcal mole

- 1
, 

respectively [values for graphite and hydrogen are from Wagman et al. (1945)]. At 25°C, 
AH for the formation of propene, CH3CH=CH2(#) , from the elements is 4.879 kcal 
(Brosen and Rossini, 1946). Find AH for (a) the formation of one mole of cyclopropane 
from the elements, (b) the isomerization of one mole of cyclopropane at 25°C and 1 atm 
(Knowlton and Rossini, 1949). 

5 - 1 1 Calculate AH%98 for the process 

HC\(aq) + NaOH(tftf) = NaCl(^) + H 20 . 

Estimate the value for the same reaction if the solutions are about 0.5 molal. 

5 - 1 2 The temperature of a hydrogen-oxygen flame is found to be 2000 K. Assuming constant-
pressure conditions and that oxygen is initially present in a threefold molar excess over 
hydrogen (that is, 3:1 mole ratio), calculate the degree of combustion of the hydrogen 
to water. 

5 - 1 3 * Find a, b, and c values for the equation CP° = a + bT + cT
2
 that fit the data for C 0 2 

over the range 298 Κ to 2000 K. (Heat capacity data are often reported in this form.) 
Use Eq. (5-26) and Table 5-4 to generate your data. Using calculated points at 200 Κ 
intervals, find the a, b, and c values giving the best least squares fit. 

5 - 1 4 Calculate AH
0
 at 90°C for the combustion of C6H6( # ) to C02(g) and H20(g). Use 

only the following data. Substance (CP in J K"
1
 mole"

1
): C6He(/)(130); C6H6( # ) (100); 

02(g) (30); C02(g) (47); H 20 (/) (75); H20(g) (34). Also the enthalpies of vaporization 
are 34,000 and 44,000 J m o l e

-1
 for C 6H e and for H 20 , respectively, at their normal 

boiling points of 80°C and 100°C. The standard enthalpy of combustion of C6H6( / ) to 
H20 ( / ) is - 3 2 6 8 kJ mole"

1
 at 25°C. 

5 - 1 5 An aqueous solution of C r ( N H 3) |
+
 is totally absorbing to 450 nm light. Ten cm

3
 of 

solution at 25°C is irradiated for 10 sec with an incident intensity of 8.00 x 1 0
16

 quanta 
s e c

-1
 and a temperature rise of 0.00950°C is observed. Calculate AH for the reaction 

C r ( N H 3) 6

3+
 + H 20 = C r ( N H 3) 5( H 20 )

3+
 + N H 3( ^ ) if this is the photochemical re

action and the quantum efficiency is 0.36 (that is, 0.36 mole of reaction occurs for every 
mole of light quanta absorbed). Assume the heat capacity of the solution is that for water. 

SPECIAL TOPICS PROBLEMS 

5-1 Calculate AH°29S for formation of isobutene, using bond energies. 

5 - 2 The standard heat of combustion of naphthalene (solid) is —1231 kcal m o l e
-1
 at 25°C 

(to CO2 and liquid water) and the heat of sublimation is about 9 kcal m o l e
- 1

. Estimate 
the resonance energy for naphthalene. 
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5-3 Calculate E0 for the reaction CO(g) + i02(g) = C02(g) from the known ΔΗ
0
 at 25°C 

and the spectroscopic constants as given in Table 6-1. Then calculate ΔΗ
0
 for the reaction 

at 1000°C. Compare your result with the value obtained using the heat capacity ex
pressions of Table 5-4 and the value of ΔΗ

0
 at 25°C. Be is 0.3906 cm "

1
 for C O a, a 

linear molecule, and the fundamental vibration frequencies are vx = 1388.3 c m
- 1

, 
v2 = 667.3 cm"

1
 (twice), and νΆ = 2349.3 cm"

1
. Note Table 6-1. 




