
Rate Laws 
and Stoichiometry 

Success is measured not so much by the position 
one has reached En life. as by the obstacles one has 
overcome while q i n g  to succeed. 

Booker T. Washington 

Oveniew. In Chapter 2, we showed that i f  we had the rate of reaction 
as a function of conversion, - r ~  = fo, we could calculate reactor vol- 
umes necessary to achieve a specified conversion for flow systems and 
the time to achieve a given conversion in a batch system. Unfortunately, 
one is seldom, if ever, given - r ~  = XX) directly fram raw data. Not to 
fear, in this chapter we will show how to obtain the rate of reaction as a 
function of conversion. This relationship between reaction rate and con- 
version will be obtained in two steps. In Step 1, Part 1 of this chapter, we 
define the rate law, which relates the rate of reaction to the concentra- 
tions of the reacting species and to temperature. In Step 2, Par? 2 of this 
chapter, we define concentrations for flow and batch systems and develop 
a stoichiometric table so that one can write concentrations as a function 
of conversion. Combining Steps 1 and 2, we see that one can then write 
the rate as a function conversion and use the techniques in Chapter 2 to 
design r e a c h  systems. 

After completing this chapter. you will be abIe to write the rate of 
reaction as a function of conversion for both liquid-phase and gas-phase 
reacting systems, 



Rate Laws and Storchiometry Chap. 

PART 1 RATE LAWS 

3.1 Basic Definitions 

A homogeneous reacriotl is one that involves only one phase. A heterogeneou 
reaction involves more than one phase, and the reaction usually occurs at zh 
interface between the phases. An irreversible reaction is one that proceeds i 
only one direction and continues in that direction until the reactants ar 

3 p e s  exhausted. A ~ver.s ihle  seacrion, on the other hand, can proceed in eithe 
direction, depending on the concentrations of reactants and products relative ts 
the corresponding equilibrium concentrations. An irreversible reaction behave 
as if no equilibrium condition exists. Strictly speaking, no chemical reaction i 
cornpleteEy irreversible. However, for many reactions, the equilibrium poin 
lies so far to the product side that these reactions are treated as i~evers ib l~  
reactions. 

The molecularity of a reaction is the number of atoms, ions. or molecule 
involved (colliding) in a reaction step. The terms unirnolecular, bimoteculat 
and termoleculnr refer to reactions involving, respectively. one. two, or thre~ 
atoms (or molecules) interacting or colliding in any one reaction step. Thl 
most common example of a unimoleculnr reaction is radioactive decay, such a, 
the spontaneous emission of an alpha parlicIe from uranium-238 to give tho 
rium and helium: 

The rate of disappearance of uranium (U) is given by the rate law 

The true bimoleculnr reactions that exist are reactions involving free radical! 
such as 

Br + C,H,-+ HBr +C,H, 

with the rate of disappearance of bromine given by the rate law 

The probability of a remolecular reaction occurring is almost nonexistent, and 
in most instances the reaction pathway foIlows a series of bimolecular reac- 
tions as in the case of the reaction 

The reaction pathway for this "Hall of Fame" reaction is quite interesting and 
i s  discussed in Chapter 7 along with similar reactions that form active interme- 
diate complexes in their reaction pathways. 
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3.1.1 Relative Rates of Reaction 

The relative rates of reaction of the various species involved in a reaction can 
be obtained from the ratio of stoichiometric coefficients. For Reaction (2-2), 

we see that for every m d e  of A thaf is consumed, c/a moles of C appear. In 
other words, 

Rate of formation of C = C (Rate of disappearance of A)  
CI 

Similarly, the relationship between the sates of formation of C and D is 

The relationship can be expressed directly from the stoichiometry of the reac- 
tion, 

for which 

Reaction or 
stoicbiometry 

For example, in the reaction 

we have 

If NO? is being formed at a rate of 4 mol/m3/s. i.e., 

rNo2 = 4 mol/m3is 
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then the rate of formation of NO is 

-2 
ZNO + O2 + 2N02 rNo = - rNO2 = -4  rno~rn~is  

r N ~  = 4 moVm3/s 2 
-r,, = 4 moVm31s 
-ro, = 2 rnol1~15 the rate of disappearance of NO is 

and the rate of disappearance of oxygen, Q2, is 

3.2 The Reaction Order and the Rate Law 

In the chemical reactions considered in the following paragraphs, we take as 
the basis of calculation a species A, which is one of the reactants that is disap- 
pearing as a result of the reaction. The limiting reactant is usually chosen as 
our basis for calculation. The rate of disappearance of A, -r,, depends on tem- 
perature and composition. For many reactions. it can be written as the product 
of a reaction rcrrP co~rstant k,  and a function of the concentrations (activities) 
of the various species involved in the reaction: 

The rate law The algebraic equation that relates -r, to the species concentrations is called 
gives the r e i a t ~ ~ n -  

chip the kinetic expression or rate law. The specific rate of reaction (also called the 
tlon rate and sale constant). kA, like the reaction rate -r,, always refers to a particular spe- 

concentratio*. cies in  the reaction and normally should be subscripted with respect to that 
species. However. for reactions in which the stoichiornetric coefficient is I for 
all species involved in the reaction. for example. 

INaOH + IHCl +J INaCI + 1 N,O 

we shall delete the subscript on the specific reaction rate, (e.g., A in k,), to let 

3.2.1 Power t aw Models And Elementary Rate Laws 

The dependence of €he reaction rate. -r,. on the concentrations of the species 
present. fn(C,), is almost without exception determined by experimental obser- 
vation. Although the functional dependence on concentration may be postu- 
Iated from ~heory, experiments are necerrary to confirm the proposed fornl. 
One of the most common general forms of this dependence is the power law 
model. Here the rate law 1s the product of concerlrrations of the individual 
reacting species. each of which is raised to a power. for example. 



Sec. 3.2 The Reaciion Order and the Rate t aw  83 

0-31 

The exponents of the concentrations in Equation (3-3) lead to the concept of 
reaction order. The order of a reaction refers to the powers to which the con- 
centrations are raised in the kinetic rate law.' In Equation (3-31, the reaction is 
a order with respect to reactant A. and order with respect to relzcranr B. The 
overall order of the reaction, n, is 

Overall 
reaction n=a+/3 

nrder 
The units af -r, tire always in terms of concentration per uni t  time while 

the units of the specific reaction rate, k,, will vary with the order of the reac- 
tion. Consider a reaction involving only one reactant, such as 

A + Products 

with a reaction order n. The units of the specific reaction rate constant are 

k =     on cent ration)^ - " 
Time 

Consequently, the rate laws corresponding to a zero-, first-, second-, and 
third-order reaction, together with typical units for the corresponding rate con- 
stants, are: 

( k )  = mol/dm3. s 

First-order (n = 1 ): -rA = kACA: 

( k )  = s - I  
(3-5) 

( k )  = dm?mol s (3 -6) 

I Strictly speaking, the reaction rates should be written in  terms of  the activities, u,, (a, = y,C,. 
where y, 1s the activity cwffic~ent). Kline and FogIer, ICIS, 82. 93 (19811: ihid., p. 103: and Ind. 
Eug. CChern hndompnrols 20, 1 55 ( 198 1 ). 

r a p  
- r A  = kAaAaR 

However, for many rcacting sysrerns, the actlvlry cocficients, y,. do not change appreciably dur- 
ing Ihe course nf the reaclion, and they are adsorbed into the specific reaction rate: 
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{k)  = (drn?lmol)'.s-' (3-7 

An elernaltny rtaotioa is one that evolves a single step such as t h ~  
bimoIecuIar reaction between oxygen and methanol 

Om+ CH,OH+CH,O + OH* 

The stoichiometric coefficients in this reaction are identic.nl to the powers ir 
the rate law. Consequently, the rate law for the disappearance of rnolecula 
oxygen is 

The reaction is first order in molecular oxygen and first order in methanol 
therefore. we say both the reaction and the rate law are elementary. This fom 
of the rate law can be derived from Colli.~iiot~ T h e o ~  as shown in the Profes. 
sion Reference Shelf 3A on the CD-ROM. There are many reactions where the 

Reference Shelf stoichiornetric coefficients in the reaction are identical to the reaction orders 
but the reactions are not elementary owing to such things as parhways involv. 
ing active intermediates and series reactions. For these reactions that are no1 

Collision theory elementary but whose stoichiometric coefficients are identical to the reaction 
orders in the rate law, we say the reactionfollows nn elernenran. rote Eaw. For 
example, the oxidation reaction of nitric oxide discussed earlier. 

is not elementary but follows the elementary rate taw 

Note: the rate con- 
stant, k, is defined 

with respecr to NO. 
Another nonelementary reaction that follows an elementary rate law is the 
gas-phase reaction between hydrogen and iodine 

with 

In summary, far many reactions involving multiple steps and pathways. the powers 
in the rate laws surprisingly agree with the stoichiometric coefficients. Conse- 
quently, to facilitate describing this class of reactions, we say a reaction f01lm.s an 
elementary rate law when the reaction orders are identical with the stoichiometric 
coeficients of the reacting species for the reaction ns written. It is i m p o m t  to 
remember that the tate laws are determined by experimenhf observation! They 
are a function of the reaction chemistry and not the type of reactor in which the 
reactions occur. Table 3-1 gives examples of rate laws for a number of reactions. 
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The values of specific reaction rates For these and a number of other reactions can 
be found in the Dcltc~ Bn.w found on the CD-ROM and on the web. 

{Vhere do you tind The activatron energy, frequency factor, and reaction orders for a large 
rate lawr ' number of  gas- and liquid-phase reactions can be: found in the National Bureau 

of Standards' circulars and supplements.? Also consult the journals listed at rhe 
end of Chapter I .  

A. First-Order Rate Laws 

B. Second-Order Rate Laws 

' See Problem P3-13, and Section 9.2. 

important ref- Kinetic data for larger number of reactions can be obtained on floppy disks and 
you CD-ROMs provided by Nntionnl lnstitlrre of Standanis and Technology (NIST). Stan- 

should also look rn 
the other literature dard Reference Data 22t/A320 Gaithersburg, MD 20899; phone: (301) 975-2208. 

hcfom going to Additional sources are Tables of Chemical Kinetics: I?'omogeneous Reacrions, 
the lab National Bureau of Standards CircuIar 510 (Sept. 28, 1951); SuppI. 1 (Nov. 14. 

1956); Suppl. 2 (Aug. 5 ,  I960): Suppi. 3 ISept. 15, 1961) (Washington, D.C.: U.S. 
Government Printing Office). Cl~emical Kinetics and Photochemicnl Dnta for Use m 
Stratospheric Modeling, Evaluate No. 10. JPL Pubtication 92-20 (Pasadena, Calif.: 
Jet Propulsion Laboratories, Aug. €5. 1992). 
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C. Nonefernenbry Rate Laws 

Cumene (C) j Benzene (8) + Pmpylene (P) 

13. Enzymatic Reactions (Urea (U) + Urease (E)) 

+H7O 
NH,CONH2 + Urease 4 2NHJ + C02 + Urease 

E. Biomass Reactions 

Substrare (S) + CelIs 1C) + More Cells + Product 

NO!?: The rate constant, k. and activation energies for a number of the reactions in these exam- 
pIes are given in the Dara Base on the CD-ROM and Summary Notes. 

3.2.2 Nonelementary Rate Laws 

A large number of both homogeneous and heterogeneous reactions do not fol- 
low simple rate laws. Examples of reactions that don't follow simple elemen- 
tary rate Iaws are discussed below. 

Homogeneous Reactions The overall order of a reaction does not have to be 
an integer. nor does the order have to be an integer with respect to any individ- 
ual component. As an example. consider the gas-phase synthesis of phosgene, 

in which the kinetic rare Inw is 

This reaction is first order with respect to carbon monoxide, three-halves order 
with respect to chlorine. and five-halves order overall. 
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Sometimes reactions have complex rate expressions that cannot be sepa- 
rated into solely temperature-dependent and concentration-dependent portions. 
In the decomposition of nitrous oxide, 

the kinetic rare law is 

Both kNlo and k' are strongly temperature-dependent. When a rare expression 
such as ihe one given above occurs, we cannot state an overaIl reaction order. 
Here we can only speak of reaction orders under cestain limiting conditions. 
For example, at very low concentrations of oxygen, the second term in the 
denominator would be negligible WIT 1 (1 >> k'Co, ), and the reaction would 

Apparent reaction be "apparent" first order with respect to nitrous oxide and first order overall. 
orden However. if the concentration of oxygen were large enough so that the number 

1 in the denominator were insignificant in comparison with the second term. 
k'Co (ktCO7 >> I), the apparent reaction order would be -1 with respect to 
oxvE& and first order with respect to nitrous oxide an o\,eralI apparenr zero 

lmponant resources order. Rate expressions of this type are very common for liquid and gaseous 
for m e  laws reactions promoted by solid catalysts (see Chapter 10). They also wcor in 

homogeneous reaction systems with reactive intermediates (see Chapter 7). 
11 is interesting to note that although the reaction orders often correspond 

to the stoichiometric coefficients as evidenced for the reaction between hydro- 
gen and iodine, the rate expression for the reaction between hydrogen and 
another halogen, bromine. is quite complex. This nonefernentary reaction 

proceeds by a free-radical mechanism, and its reaction rate law i s  

In Chapter 7. we will discuss reaction mechanisms and pathways that lead to 
nonelementary rate laws such as rate of formation of HBr shown in Equation 
(3-8). 

Heterogeneous Reactions In many pas-solid catalyzed reactions. it histori- 
cally has been the practice to write the rate law in terms of partial pressures 
rather than concentrations. An example of a heterogeneous reaction and corre- 
sponding rate law is the hydrodcmethylation of toluene (T) to form benzene 
( B j  and methane (MI carried out over a solid catalyst. 
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Themcdyriarnic 
Equilibrium 

Relationship 

The rate of disappearance of toluene per mass of catalyst, - r ' , ,  follou 
Langmuir-Hinshelwood kinetics (Chapter 10). and the rate law was foun 
experimentally to be 

where Kg and KT are the adsorption constants with units of kPa-I (or atm-I 
and the specific reaction rate has units of 

[kl = 
mol toluene 

kg cat - s . k ~ a '  

To express the rate of reaction in terms of concentration rather than partia 
pressure, we simply substitute for P, using the ideal gas law 

The rate of reaction per unit weight catalyst, -rA, (e,g., -r;),  and [hi 
rate of reaction per unit volume, - s, , are related through the bulk density p, 
(mass of solidlvolume) of the cafalyst particles in the fluid media: 

moles = ( mass ) ( moles ) - 
time. volume volume trme . mass 

In fluidized catalytic beds, the bulk density is normally a function of the volu- 
metric flow rate through the bed. 

In summary on reaction orders, they cannot be deduced from reactior 
stoichiometry. Even though a number of reactions foIlow elementary rate laws, 
at least as many reactions do not. One must determine the reaction order from 
the literature or from expedmenrs. 

3.2.3 Reversible Reactions 

A11 rate laws for reversible reactions must reduce to the thermodynamic refa- 
tionship relating the reacting species concentrations at equilibrium. At equilib- 
rium, the rate of reaction is identically zero for all species (i-e., - r ,  = O ). 
That is, for the general reaction 

the concentrations ax equilibrium are related by the thermodynamic relation- 
ship for the equilibrium constant Kc (see Appendix CI. 
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The units of the thermcdynamic equilibrium constant. Kc. are Kc, are 
( rn~l /drn?)~ ' (  - h - " ,  

To illustrate how to write rate laws for reversible reactions. we will use 
the combination of two benzene molecules to form one molecule of hydrogen 
and one of diphenyl. In this discussion, we shall consider this gas-phase reac- 
tion to be efementary and reversible: 

or, symbolically, 

The specific reaction The forward and reverse specific reaction rate constants, k, and k- ,  . 
must be respectively, will be defined with respect to benzene. 

defined wn 
a particurar species. Benzene (B) is being depleted by the forward reaction 

2C6H6 ---% CIIHIo+H,  

in which the rate of disappearance of benzene is 

If we multiply both sides of this equation by - 1, we obtain the expression for 
the sate of formation of benzene for the forward reaction: 

r~,forward = -'BcR (3-1 1) 

For the reverse reaction between diphenyl (D) and hydrogen (Hz ). 

the rate of formation of benzene is given as 

Again, both the rale constants k, and k-, are defined with respect to bencene!!! 
The net rate of formation of benzene is the sum of the rates of formation 

from the forward reactiorl [i.e.. Equation (3- 1 I)] and the reverse reaction [inen, 
Equation [3-12)]: 

" TB, ncr = 'B. fo-d + 'B, reverse 



90 Rate Laws and Stoichiometry Chap. 3 

EIementary 
reversi hle 

A * B  

Multiplying both sides of Equation (3-13) by -1. we obtain the rate law for 
the rate of disappearance of benzene, -r , :  

Replacing the ratio of the reverse to forward rare law constants by the equilib- 
rium constant, we obtain 

where 

k~ = Kc = Concentration equilibrium constant - 
k-B 

The equilibrium constant decreases with increasing temperature for exothermic 
reactions and increases with increasing temperature for endothermic reactions. 

Let's write the rate of formation of diphenyl. r ~ ,  in terms of the concen- 
trations of hydrogen, H2, diphenyl. D, and benzene, B. The rate of formation 
of diphenyl, r,, must have the same functional dependence on the reacting 
species concentratjons as does the rate of disappearance of benzene. -r,. The 
rate of formation of diphenyl is 

This is just 
stoichiornetn: 

Using the relationship given by Equation (3-1) for the general reaction 

we can obtain the relationship between the various specific reaction rates. 
k,, k , :  

Comparing Equations (3- 15 ) and (3-1 6). we see the relationship between the 
specrfic reaction sate with respect to diphenyl and the specific reaction rate 
with respect to benzene is 
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Consequently, we see the need to define the rate constant, k, wrt a particular 
species. 

Finally, we need to check to see if the rate law given by Equation (3-14) 
is thermodynamicaIly consistent a! equilibrium. Applying Equation (3-10) {and 
Appendix C )  to the diphenyl reaction and substituting the appropriate species 
concentration and exponents, thermodynamics tells us that 

At equilibrium- the Now let's look at the rate law. At equilibrium, - r ~  r 0, and the rate law given 
rate law must reduce 

to an equation by Equation (3-1 4) becomes 
consistent wth 

thermodynamic 
equilibrium. 

Rearranging, we obtain, as expected, the equilibrium expression 

which is identical to Equation 13-17) obtained from thermodynamics. 
From Appendix C, Equation (C-9), we know that when there is no 

change in the total number of moles and the beat capacity term, ACp = 0 the 
Cndolhrnk 

I temperature dependence of the concentration equilibrium constant is 

Kc(T)  = K,(T,) exp - - - - [A?(;, :)I 
Therefore, if we know the equilibrium constant at one temperature, T, [i.e., Kc 
(T,)], and the heat of reaction, AHRn, we: can calculate the equilibrium constant 
at any other temperature T For endothermic reactions, the equilibrium con- 
stant, Kc, increases with increasing temperacure: for exothermic reactions, Kc 

T decreases with increasing temperature. A further discussion of the equilibrium 
constant and its themlodynamic relationship is given i n  Appendix C. 

3.3 The Reaction Rate Constant 

The reaction rate constant k is not truly a constant: i t  is merely independent of 
the concentrations of the species involved En the reaction. The quantity k is 
referred to as either the specific reaction rate or the rate constant. It is 
almost always strongly dependent on temperature. It depends on wherher or 
not a catalyst is present, and in gas-phase reactions, it may be a function of 
total pressure. ln liquid systems i t  can also be a function of other parameters, . 
filch as ionic strengrh and choice of solvent. These other variables normally 
exhibit much Iess effect on the specific reaction rate than temperature does 
with the exception of supercritical solvents, such as super critical water. 
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Arrhenius equation 

Consequently. for the pilrposes of the material presented here. it  will L. 
assumed that A-, depends only on temperature. This assumption is valid in rno 
laboratory and industrial reactions and seems to work quite well. 

Ir was the great Swedish chemist Arrhenius who first suggested that tl. 
temperature dependence of the specific reaction rate, kA, could be correlated b 
an equation of the type 

where A = preexponential factor or frequency factor 
E = activation energy. J/mol or callmol 
R = gas constant = 8.3 14 Jlmol - K = 1.987 cailmol - K 
T =  absolute temperature, K 

Equation (3-1 8), known as the Arrhetlius eylrution, has been verified empir 
caily to give the rernperature behavior of most reaction rate constants withi 

T(K) experimental accuracy over fairly large temperature ranges. The Arrheniu 
equation is  derived in the Professional Reference Shelf 3.A: Colli.rion Theor 
on the CD-ROM. 

Why is there nn activation energy? If the reactants are free radicals th 
essentially react imtnediately on collision. there usually isn't an activatio 
energy. However. for rnort atoms and moleculer undergoing reaction, there i 
an activation energy. A couple of the reasons are that in order to react, 

1 .  The molecules need energy to distort or stretch their bonds so that the 
break them and thus form new bonds. 

2. The steric and electron repulsion forces must be overcome as th 
reacting motecuEes come close together. 

The activation energy can be thought of as a barrier to energy transfe 
(from the kinetic energy to the potential energy) between reacting molecule 
that must be overcome. One way to view the barrier to a reaction is throug 
the use of the relaction coordinates. These coordinates denote the potenti: 
energy of the system as a function of the progress along the reaction path a 
we go from reactants to an intermediate to products. For the reaction 

A + E C  A - B - C  + A B + C  

the reaction coordinate is shown in Figure 3-1. 
Figure 3- I(a) shows the potential energy of the three atom (or molecule 

system. A, 8.  and C, as well as the reaction progress as we go from reactar 
specie5 A and BC to products AB and C. Initially A and BC are far apart an1 
the system energy is just the bond energy BC. At the end of the reaction, th 
products AB and C are far apart, and the system energy is the bond energy AE 
As we move along the reaction coordinate (x-axis) to the right in Figure 3-l(a' 
the reactants A and BC approach each other, the BC bond begins to break. an1 
the energy of the reaction pair increases vntil the top of the barrier is reachec 
At the top, the transition srure is reached where the intermolecular distance 
between AB and between BC are equaI (i.e., A-B-C). As a result. the potenria 
energy of the initial three atoms (molecules) is high. As the reaction proceed 
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I 
reaaants pradtists 

Reaction wordinate 
1.3 2.1 23 2.5 2 7  

CH3 -I Bond Distance in Angstroms 
(b) 

Figure 3-1 Progress along reaction path, la) Syrribolic reaction: Ib) Calculnted from 
computationaI ~oftwnre on the CD-RDSI Chapter 3 14'eb Modutc 

further. the distance between A and B decreases, and the AB bond begins to 
form. As we proceed further, the distance between AB and C increases and the 
energy of the reacting pair decreases to that of the AB bond energy. The calcu- 
lations to arrive at Figure 3-l(b) are discussed in the CD-ROM web module, 
and transition state theory is discussed i n  the CD-ROM ProfessionaI Reference 
Shelf R3.2 Transition State Theory. 

We see that for the reaction to occur, the reactants must overcame an 
energy barrier, Es, shown in Figure 3-1. The energy barrier, EB, is related to 
the activation energy, E. The energy barrier height, EB,  can be catcutated from 
differences in the energies of formation of the transition state molecule and the 
energy of formation oT the reactants. that is, -. 

(3- I 9)  

The energy of formation of the reactants can be found in the literarure while 
the energy of formation of transition state can be calculated using a number of 
software programs such as CACHE, Spartan. or Cerius2. The activation energy. 
EA, is often approximated by the barrier hei%ht, which is a good approximation 
in the absence as quantwm mechanical tunneling. 

Kow that we have the general idea for a reaction coordinate ler's consider 
another real reaction system: 

H + C2Hb HI + C2Hs 
The energy-reaction coordinate diagram for the reaction between a hydrogen 
atom and an ethane molecule is shown in Figure 3.2 where the bond distor- -. - 

Rzfeference Chef lions, breaking, and forming are identified. 
One can also view the activation energy in terms of collision theory (Pro- 

fessional Reference Shelf R3.1). By increasing the temperature, we increase 
the kinetic energy of the reactant molecules. This kinetic energy can in turn be 
transfemd through molecular collisions to internal energy to increase the 
stretching and bending of rhe bonds. causing them ro reach an activated state, 
vulnerable to bond breaking and reaction (cf. Figures 3-1 and 3-2). 
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Figure 3-2 A diagram of the orbital dtstortions during the reaction 
H + CH3CH3 + Hz + CHICH3 

The d i a p m  shows only the interaction w ~ t h  the energy state of  ethane (the C-H bond). 
Other molecular orbitals of  the ethane also dirton. [Courtesy of  R. Masel. Clzemical Kinetics 
(McGraw Hill, 2002). p. 594.1 

The energy of the individual molecules falls within a distribu~ion of ener- 
gies where some molecules have mare energy than others. One such distribu- 
tion is shown in Figure 3-3 whereJE,T) is the energy distribution function for 
the kinetic energies of the reacting molecules. It is interpreted most easily by 
recognizing ($. d Q  as the fraction of molecules that have an energy 'between 
E and (E + dm. The activation energy has been equated with a minimum 

Re,erence chc!f energy that must k possessed by reacting molecules before the reaction will 
occur. The fraction of the reacting molecules that have an energy EA or greater 
is shown by the shaded areas in Figure 3-3. The molecules in the shaded area 
have sufficient kinetic energy to cause the bond to break and reaction to occur. 
One observes that, as the temperature increases, more molecules have sufficient 

f(E,T) Fracl~on of colltstons 

at  T2 that have energy 

l 
EA \ Fraction of col~is~ons at T, that 

have energy EA or greater 

Figure 3-3 Enerr? dirtnbuf~on of rcnctlnp ~noleculec 
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energy to react as noted by an increase in the shaded area, and the rate of reac- 
tian, -r,, increases. 

Postulation of the Arrhenius equation, Equation (3-Is}, remains the 
greatest single step in chemical kinetics, and retains its usefulness today, 
nearly a century later. The activation energy, E, is determined experimentally 

Calculation of the by carrying out the reaction at several different temperatures. After taking the 
natural logarithm of Equation (3-18) we obtain 

Ssrndw PIM 

(3-20) 

CI 

0 01 
slow=-$ and see that the activation energy can be found from a plot of In k ,  as a func- 

OW250033 tionof (ltn. 

Summary Notes 

Tutorials 

Example 3-1 Determination of the Activalion Energy 

Calculate the activation energy for the decomposition of benzene diazoninm chlo- 
ride to give chlorobenzene and nitrogen: 

using the information in Tahle E?- I .  l for this first-order reaction. 

We start by recalling Equa~ion (3-20) 

We can use the data in TabIe E3-I . I  to determine the activa~ion energy, E. and fie- 
quency factor, A .  in two d~fferent ways. One way is to make a semilog plot of k vs. 
(llr) and determ~ne E from the slope. Another way is to use Excel or Polymath to 
regress the data. The data In Table E3-1 . I  was entered in Excel and i s  shown in Fig- 
ure E3-1.1 which was then used to obtain Figure E3-1.2. 
G step-by-step tutorial to construct both an Excel and a Polymath spread sheet 
is given in the Chapter 3 Summary Nates on the CD-R0.V. 
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0.00355 -5.64 0.00305 
0.00717 -4.94 0.00300 v I l l  

I Figum E3-1.1 Excel spreadsheet. 

(a)  Graphical Sol~ition 

df  - 

- 
k .#A - 
a 

74 - 

I* - 

Figure E3- 1.2(a) shows the semilog plots from which we can calculate the nctivntio 
energy. From CD-ROM Appendix D, we show how to rearrange Equation (3-20) i 
the form 

$t-?!!L*nlt 1 

--. 

k , - - E  1 - 1  log - - - - 
k ,  1.3R (T2 TI) 

3 m ~ ~ o o o 3 m a m ~ o r o r m 1 ~ 0 r m ~ s 0 0 a 3 ; 0 0 0 0 1 1 1  WZ '*"' '*11 

1~6')  
1 T 1 ~ i ' ~ 1  

r a) (b) 

Figure E3-1.2 ( a )  Excel semilog plot: (b) ExceI normal plot. 

Rearranging 

To use the decade method, choose l l T ,  and 11T2 so that k ,  = O.lk, . Ther 
log(k,/k,) = 1. 

When k, = 0.005: 1 = 0.003025 and when kz = 0.0005: 1 = 0.00319 
TI T, 



Sec. 3.3 The Reaction Rate Constant 

Therefore, E =  2.303R - (2.303) (8.31 4 Nmol . K )  - 
I T - I T  (O.OU319-0.0N3025)JK 

= I I6 kJ w 28.7 kcal/rnol 
mol 

I The equation for the best-fit of  the data 

is also shown in Figure E3-1.2(b). From the slope of the line given in Figure 
3- I .2(b) 

1 From Figure El-1.2(b) and Equation (U-1.3). r e  see 

1 taking the antilog 

The rate dws not 
always double For s 

temperature There is a rule of thumb that states that the rate of reaction doubles for 
increase of 10"c. eveq IO°C increase in temperature. However, this is tme only for a specific 

combination of activation energy and temperature. For example, if the activn- 
tion energy is 53.6 kJlmol. the rate will double only if the temperature is 
raised from 300 K to 310 K. If the activation energy is 147 kJ/mol. the rule 
will be valid only if the temperature is raised from 500 K to 510 K. (See Prob- 
lem P3-7 for the derivation of this relationship.) 

The larger the activation energy, the more temperature-sensitive is the rate 
of reaction. M i l e  there are no typical values of the frequency factor and activa- 
tion energy for a first-order gas-phase reaction, if one were forced ro make a 
guess, values of A and E might be IOl3 s-I and 200 kJlmoP. However, for fami- 
lies of reactions (e.g., halogenation), a number of corre1ation.s can be used to 

Reference Shelf estimate the activation energy. One such corntation is the Polanyi-Semenov 
equation, which relates activation energy to the heat of reaction (see Profes- 
sional Reference Shelf 3.1). Another correIarion relates activation energy to 
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differences in bond strengths between products and reactantsn3 While activation 
energy cannot be currently predicted a priori. significant research efforts are 
under way to calculate activation energies from first  principle^.^ (Also see 
Appendix J.) 

One final comment on the Arrhenius equation, Equation (3-18). It can be 
put in a most useful form by finding the specific reaction rate at a temperature 
To, that is, 

and at a ternperaturc T 

A most useful form and taking the ratio to obtain 
of k l T )  

This equation says that if we know the specific reaction rate ko(To) at a 
temperature, "r,,, and we know the activation energy, E. we can find the specific 
reac~ion rate k ( T )  at any other temperature, T. for that reaction. 

3.4 Present Status of Our Approach to Reactor Sizing and Design 

In Chapter 2, we showed how it was possible to size CSTRs. PFRs, and PBRs 
using the design equations in Table 3-2 (page 99) if the rate of disappearance 
of  A is known as a function of conversion. X: 

Where are we? 

In general, information in rhe form -rA = g(X) is not available. However, we 
have seen in Section 3.2 that the rate of disappearance of A, - r , ,  is normally 
expressed in terms of the concentration of the reacting species. This functionality, 

- r ~  = [k,(T)l[fnIC,.C,. . . . I  (3-2) 
- r &  = fIC,I 

+ is called a rurp low. In Part 2, Sections 3.5 and 3.6. we show how the concen- 

c, = l & , { X )  
[ration of the reacting species may he written in terms of the conversion X. 

1 C, = h,  (X) (3-22) 
-'?, = p 1x1 

and then we can M. Boudart, Kinrfics of Cl~en~irnl Ptnrrssrx (Upper Saddle River. N.J.: Pi-cntice Hall. 
design ~rorhermal 

rerrctors 1968). p. 168. J. N'. Moore and R. G. Pearlon, Xirretic.7 and Mr,cl~nlrisnts, 3rd ed. 
(New York: Wiley. 1981 ), p. 199. S. W .  Renwn.  TherntorEt~micnl Ki t~~rrrs .  2nd ed. 
(New York: Wiley. 1976). 

S.  M. Senkan, Defnilrd Cl~rr?~ir.r~l Kirlerir. Murkclirrg: Clicinirnl Hrnrfi(11~ Enginepring 
of the Fufrrre. Ad\'ances in Chemical Engineering. Vol. 18 (San Diego: Academic 
Precq. 19921, pp. 95-96. 


