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Abstract
Students and young researchers will find in this article a clear and accurate presentation of fundamental concepts in chemical 
kinetics: reaction rates, elementary reactions and mechanisms, kinetic constants and relation to thermodynamics, and energies 
of activation. The discussions are based on specialized literature without going into detail and avoid misunderstandings and 
sometimes errors found in the general literature and on the Internet. With this aim, an original approach is sometimes adopted.
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Introduction

“An error does not become truth by reason of multiplied 
propagation, nor does truth become error because nobody 
sees it” (Mahatma Gandhi).

Chemical kinetics is a science in itself with its own con-
cepts and methods of reasoning. Its field is the determina-
tion, interpretation, and use of the laws which govern the 
rates of chemical reactions. For truly kinetic investigations, 
it is not enough to measure the rate of appearance of a prod-
uct or the disappearance of a reagent. It is also necessary 
to identify the factors that determine these rates, to quan-
tify their effects, and to try to explain them. This approach 
is often explained in a very approximate way in chapters 
devoted to chemical kinetics in general treatises of physi-
cal chemistry and on the Internet, sometimes with a few 
errors. Unfortunately, approximations, misunderstandings, 
and errors are repeated even if they have been pointed out 
in specialized articles and books [1–4]. Although the under-
lying concepts of chemical kinetics did not change funda-
mentally in the last 50 years, the widespread availability of 
personal computers means that the evaluation techniques 

which were once standard are now outdated. This does not 
receive enough attention in some recently written textbooks 
or even in research articles that are not specialized in kinet-
ics but rather use it as a tool. The purpose of this article is 
to help students and young researchers better understand the 
concepts and methods of chemical kinetics without going 
into detail, but avoiding some misinterpretations, allowing 
one to go beyond an empirical description of the results.

Definition of the rate of a reaction

A rate of reaction is often defined as the derivative of a con-
centration with respect to time. This definition is misleading 
because such a derivative is equal to the rate of a reaction 
only in very particular cases. According to the IUPAC [5], 
such a derivative should be called “rate of disappearance” 
or “rate of appearance”. This confusion is taken up by Wiki-
pedia and is found even in the IUPAC Gold Book. However, 
a rate of reaction is a property of a reaction and not of a 
reactant or a product. We must therefore begin by saying 
what the studied reaction is and specify its stoichiometry. 
Consider the reaction a A + b B → p P + q Q. The extent of 
this reaction, � (pronounced ksi) is the change in the amount 
of any reactant divided by its stoichiometric number.

At this point, it should be emphasized that the extent of 
reaction only makes sense if the studied reaction is a reason-
ably simple one that does not have any intermediates in sig-
nificant concentrations. Otherwise, the equality stated above 

� = −ΔnA∕a = −ΔnB∕b = ΔnP∕p = ΔnQ∕q
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does not even hold because the presence of the intermediate 
should also be accounted for in a stoichiometric equation. A 
careful reading of IUPAC recommendations [5] reveals that 
they actually recognize this possible source of inconsistency 
and limit the definition of the reaction rate only to cases 
where the process does not have intermediates in significant 
concentrations. This does not mean that the reaction must be 
truly elementary, a point discussed below. It means that the 
concentrations of possible intermediates must remain much 
lower than those of the reagents and products.

The correct definition of a reaction rate in a homogeneous 
closed reactor of volume V (the case of open reactors will 
be discussed below) is that given initially by the IUPAC [5].

The volume is usually expressed in liters (L) and r in 
mol L−1 s−1. Reaction rates are intensive quantities, like 
temperature and concentrations, which can be different in 
different points of the reactor. Usually, only the ideal case 
of perfectly mixed reactors is considered. Furthermore, it 
should be noted that Eq. (1) is based on the change of the 
amounts of substance in the reactor and not the change in 
concentrations. This might seem an insignificant difference 
but is revealed when the overall volume changes during the 
reaction, an unusual case in solution but frequent in the gas 
phase. Should the reaction rate be based on concentrations 
rather than amounts of substance, it would be non-zero as a 
result of non-constant volume even in the total absence of a 
chemical reaction.

To show the difference between a rate of reaction and a 
rate of appearance or disappearance, let us take the example 
discussed in more detail previously [6]. The reduction of 
iodate to iodine, reaction (2), known as the Dushman reac-
tion, can be followed by the formation of the triiodide ion, 
reaction (3).

Let us consider the overall process at high iodide ion con-
centration written as follows:

The extent and the rate of this reaction cannot be defined 
when  I2 is a significant intermediate. On the other hand, 
reaction (2) also involves intermediates but their concentra-
tions remain negligible so that 3 moles of iodine are effec-
tively formed for 1 mole of iodate consumed. Therefore, it 
is possible to study the reaction rate of processes (2) and (3). 
When a reaction with significant intermediates is encoun-
tered, its decomposition to simpler reactions is a general 

(1)r = (d�∕dt)∕V

(2)IO−
3
+ 5 I− + 6 H+

→ 3 I2 + 3 H2O

(3)I2 + I− ⇌ I−
3

IO−
3
+ 8 I− + 6 H+

→ 3 I−
3
+ 3 H2O

strategy that must be followed in all cases. This reality is not 
emphasized enough despite its logical importance.

Returning to reactions (2) and (3), the rate of disappear-
ance of iodate ions is equal to the reaction rate r2 but the rate 
of iodine appearance it is not a rate of reaction. The correct 
relations are

We could replace (dni/dt)/V with d[Ci]/dt because the vol-
ume remains constant during this reaction. The sum  d[I2]/
dt + d[I3

−]/dt can be measured by absorptiometry at the iso-
bestic point and is proportional to r2 but must be divided by 
the stoichiometric coefficient 3. Unfortunately, the stoichio-
metric coefficients are often forgotten in the calculations of 
reaction rates, which may give the impression that different 
authors have measured different rates.

Consider now a gas burner with a stationary flame. There 
is no concentration derivative with respect to time, but there 
are obviously rates of combustion reactions. Open reactors 
require a special treatment. It is necessary to write a mass 
balance equation expressing that the difference between 
what enters and what goes out is equal to what remains in 
the reactor plus or minus what is consumed or produced 
by the reactions. For a compound i and several reactions j, 
Eq. (4) is obtained.

Fin, i and Fout, i are the input and output flows of the com-
pound i in mol s−1, ni is the number of moles of this com-
pound in the reactor of volume V, rj is the rate of reaction j, 
νi,j is the stoichiometric number of compound i in reaction 
j.1 Equation (4) applied to a closed reactor (Fin, i = Fout, i = 0) 
with only one reaction is equivalent to Eq. (1). For open reac-
tors in a stationary state, it gives 

∑

�i,jrj =
�

Fout, i−Fin, i

�

∕V  
. It is important to emphasize that, in this case, the rates of 
reactions are not related to changes over time but to changes 
in flows. Kinetic studies in open reactors, especially in a con-
tinuous stirred tank reactor (CSTR), require more equipment 
than in closed reactors but have several benefits. The collec-
tion of the data is much easier in a stationary state, the analy-
sis of these data requires only the resolution of analytical 
equations, and much more accurate rate values are obtained. 
In summary, reaction rates can appear in different equations 
but the concept is always the same. A rate of reaction is the 
extent of a well-defined reaction per unit time and unit vol-
ume. For reactions at an interface it is per unit surface.

d
[

I2
]

∕dt = 3r2−r3 d
[

I−
3

]

∕dt = r3

(4)Fin, i−Fout, i = dni∕dt − V
∑

�i,jrj

1 Two conventions are used for the sign of the stoichiometric coef-
ficients, depending on the authors and the context. The coefficients 
are usually represented by positive numbers. It can also be agreed that 
they are positive for the products and negative for the reagents, as in 
Eq. 4.
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Rate laws and mechanisms

The rates of chemical reactions may be complicated func-
tions of many factors depending on the type of reactions, 
homogeneous or heterogeneous, photochemical, catalyzed 
by different types of catalysts, etc. It is only in the simplest 
cases, obeying power law kinetics, that the rates can be 
represented by an equation of the form (5):

[A], [B], and [C] are the reagent concentrations and α, β, 
and γ (alpha, beta, and gamma) are the reaction orders with 
respect to A, B, and C. Their values cannot be known a 
priori and must be determined experimentally but they are 
typically constant. k is a constant supposed to depend only 
on the temperature. In practice, k is constant only in a con-
centration range depending on the mechanism of the reac-
tion. Moreover, we will see that the kinetic constants depend 
on the ionic strength of the solutions.

A largely used concept in chemical kinetics is that 
of the elementary reaction. According to IUPAC, it is a 
chemical reaction in which chemical species react directly 
to form products in a single step without need to postu-
late intermediates to describe the reaction on a molecular 
scale. The kinetic law of these reactions is always simple. 
There are three kinds of elementary reactions: (1) uni-
molecular A → products with the rate law r = k[A]; (2) 
bimolecular A + B → products with the rate law r = k[A]
[B]; (3) termolecular A + B + C → products with the rate 
law r = k[A][B][C]. It is generally accepted that termo-
lecular reactions are very improbable because three-body 
collisions are rare and most often result in fact from two 
bimolecular reactions. One of us, however, has shown [7, 
8] that termolecular elementary reactions might be more 
common than generally assumed as the rate of three-body 
collisions is only tiny compared to the rate of two-body 
collisions but not to the rates of some reactions in both gas 
and solution phases.

Complex reactions are combinations of elementary reac-
tions and one of the aims of chemical kinetics is to determine 
these combinations. A reaction mechanism is an attempt to 
explain the experimental results in terms of phenomena at 
the molecular level. A mechanism can never be proved. It 
only becomes more likely when the number of experimental 
facts supporting it increases but it remains always possible 
that new observations require one to modify it. Let us take 
as example the Dushman reaction (2), one of those whose 
kinetics has been studied the most [9]. Its rate in non-buff-
ered acidic solutions is given by

(5)r = k[A]a[B]b[C]g

(6)r2 =
(

k�
2
+ k��

2
[I−]

) [

IO−
3

]

[I−]
[

H+
]2
.

This rate equation does not match the possibilities for 
elementary reactions so the process cannot be simple. The 
observed rate Eq. (6) can be explained by assuming that the 
first steps of the mechanism are (7–10).

The iodine content of the intermediate species HOI, 
HOIO, and  OIO− is then transformed into  I2 in reactions 
that occur after the so-called rate-determining step, the 
dominant “bottleneck” in the entire process. Separate stud-
ies using isolated HOI, HOIO, and  OIO− as reactants may 
provide information on the later steps, but this information 
remains irrelevant as far as the rate of the Dushman reaction 
is concerned. A general feature of kinetic studies is that they 
only provide information on the rate of the rate-determining 
steps and processes that occur before that. It should also 
be noted that we used the concept of reaction rate for the 
Dushman reaction although it has a number of intermedi-
ates. This means that none of them attain concentrations that 
are comparable to that of the reactants or products at any 
time during the reaction. Therefore, the very low amounts of 
these species do not change the stoichiometric relationships 
at the usual accuracy of experiments.

Two types of approximations are commonly used to 
derive the kinetic law corresponding to a mechanism, the 
quasi-equilibrium and quasi-steady-state approximations. 
We do not discuss them here because the reader will find 
excellent discussions of these approximations elsewhere 
[1–3, 10]. If reactions (7) and (8) are almost at equilibrium, 
we deduce  [I2O2] = K7K8  [IO3

–][I–][H+]2 and the experimen-
tal rate law (6) with k�

2
= k10K7K8 and k��

2
= k9K7K8.

The assumed Dushman mechanism also offers an example 
of the postulate of reducibility of chemical systems [4, p. 5]. 
The concept of elementary reactions is generally used intui-
tively in the writing of reactions mechanisms adopting the 
loose definition “A reaction for which no reaction interme-
diates have been detected or need to be postulated in order 
to describe the chemical reaction on a molecular scale”. In 
practice, elementary reactions are recognized by their prop-
erties. They have a well-defined stoichiometry and reaction 
orders equal to the stoichiometric coefficients. However, this 
does not prove that the reaction is indeed elementary and we 
suggest to use the term quasi-elementary reactions for those 
that have these characteristics. The existence of the inter-
mediate  I2O2 was proposed in 1930 by Bray [11] to explain 

(7)IO−
3
+ H+

⇌ IO3H

(8)IO3H + I− + H+
⇌ I2O2 + H2O

(9)I2O2 + H2O → HOIO + HOI

(10)I2O2 + I− → OIO− + I2
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the kinetic law (6) and is supported by later experiments 
[12]. However,  I2O2 has never been isolated, its structure 
is unknown, and it could be replaced by  H2I2O3. Moreover, 
reaction (8) could involve the intermediate  IO3H2

+. Bray 
had also proposed the existence of the intermediate  I3O2

− so 
that reaction (10) could also be only quasi-elementary. This 
illustrates the precautions to take when trying to explain a 
kinetic law and the uncertainties related to the concept of 
elementary reactions.

Kinetics and thermodynamics

Thermodynamics gives no indication about the kinetic laws, 
but it imposes constraints that must be taken into account 
and that are often forgotten or misunderstood. We will dis-
cuss two such constraints, additional ones are found in elec-
trochemistry [13]. First, any reaction at constant tempera-
ture and pressure must involve a decrease of Gibbs energy. 
Second, the equilibrium constant of a reversible reaction 
can impose a relation between the kinetic constants in the 
forward and backward directions.

There are currently theoretical models for estimating, 
with relatively good accuracy, the energy of molecules in the 
gas phase. The results of these calculations are sometimes 
used to say that a reaction is possible or not but this conclu-
sion is often precipitate. The variation of Gibbs energy for 
a reaction aA + bB ⇌ pP + qQ is given by

The reaction can only occur in the direction correspond-
ing to ΔrG < 0. Let us first note that this condition concerns 
the effective variation ΔrG and not the variation under the 
standard conditions ΔrG°. During a complex reaction, one 
step of the mechanism may occur in the direction corre-
sponding to ΔrG° > 0 simply because another reaction rap-
idly consumes a product and maintains its concentration 
very low. Similarly, in electrochemistry, a reaction can 
occur in the direction corresponding to ΔE° < 0 if one of its 
products is consumed quickly enough. Second, the theoreti-
cal calculations give the internal energies and, in the best 
cases, the enthalpies of formation. We can deduce ΔrH° in 
standard conditions but not ΔrG° = ΔrH° − TΔrS°. There 
are entropy-driven reactions for which ΔrG° < 0 although 
ΔrH° > 0 because TΔrS° is positive and large enough [14]. 
It is necessary to know the standard entropies S° to be able 
to calculate the equilibrium constants Keq = exp(− ΔrG°/RT) 
and it must be regretted that the theoretical calculations in 
the gas phase usually do not continue to the most useful 
quantity, the Gibbs energy.

ΔrG = ΔrG
◦ + RTln([P]p[Q]q)∕

(

[A]a[B]b
)

.

Consider  now a quasi-e lementary react ion 
A + B ⇌ P + Q with the rate law r = k+[A][B] − k−[P][Q]. 
The kinetic constants in both directions are linked by rela-
tion (11) often presented as a consequence of the principle 
of microscopic reversibility for elementary reactions.

However, we have seen that it is difficult to decide if a 
reaction is indeed elementary and we propose a different 
approach. At equilibrium, the rates in the forward and back-
ward directions are equal giving k+[A]eq[B]eq = k−[P]eq[Q]eq 
and  [P]eq[Q]eq/[A]eq[B]eq = k+/k−. This relation must be 
strictly equivalent to the thermodynamic expression of equi-
librium, which enforces relation (11). It is not necessary that 
the reaction be effectively elementary; it is enough that it is 
quasi-elementary. When Keq is known, the value of a kinetic 
constant imposes the value of the other. In addition, some 
complicated mechanisms may involve reactions that are lin-
ear combinations of others. Equation (11) then imposes a 
relation between their kinetic constants. Ignoring it leads to 
predicting impossible behaviors [15].

During the oscillating Bray–Liebhafsky reaction, reac-
tions (7–9) can occur alternately in one direction then in the 
other [16–19]. Their sum is the reversible quasi-elementary 
reaction (12).

The constants k+12 and k−12 were measured independently, 
which makes it possible to calculate Keq(12) = k+12/k−12 and 
ΔrG°(12). The Gibbs energies of formation of  IO3

−,  I−, and 
HOI being known, one can deduce the Gibbs energies of 
formation of HOIO. As this compound is unstable, its Gibbs 
energy could not be measured by other methods but using 
the relation between thermodynamics and chemical kinet-
ics. In conclusion, although thermodynamics gives no prior 
indication about the rates, there are nevertheless important 
links between kinetics and thermodynamics.

Kinetic constants and activities

In the previous section, equilibrium constants were 
expressed as functions of concentrations. This is an 
approximation and the relation Keq = exp(−ΔrG°/RT) is 
only correct if Keq is expressed as a function of the activi-
ties. What happens to relation (11) in this case? The ques-
tion “Are activities needed in chemical kinetics?” has been 
analyzed in detail recently [7] with the conclusion that 
reaction rates must continue to be expressed as functions 
of concentrations, but that kinetic constants are functions 

(11)k+∕k− = Keq

(12)
IO

−
3
+ I

− + 2 H
+
⇌ HOIO + HOI

r
12

= k+12

[

IO
−
3

]

[I−]
[

H
+
]2

− k−12[HOIO][HOI]
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of activity coefficients. This dependence can be impor-
tant in the case of ionic reactions. Let us continue with 
our example of the Dushman reaction. The values of kʺ2 
in Eq. (6) have been measured by different authors [1, 
20–22] as a function of the ionic strength in mixtures of 
 KIO3, NaI,  HClO4, and  NaClO4. The results are shown in 
Fig. 1. It can be seen that when ionic strength increases 
from I = 2 × 10−3 M to I = 0.2 M, the value of kʺ2 decreases 
by more than a factor 3. This is far from negligible. kʺ2 
varies little between I = 0.2 M and I = 1 M because the 
activity coefficients of most monovalent ions go through 
a minimum of 0.7–0.8 in this range of ionic strength. It is 
not the case for bivalent or trivalent ions and the effect of 
ionic strength can be much larger. Neglecting the effect of 
ionic strength on kinetic constants, and therefore on reac-
tion rates, has led to serious errors in the interpretation of 
experimental results.

It must also be noted that an equilibrium constant as a 
function of the concentrations Keq = [P]p[Q]q)/([A]a[B]b has 
dimensions unless p + q = a + b, while a thermodynamic 
equilibrium constant K°eq = exp(−ΔrG°/RT) is dimension-
less. This apparent contradiction is discussed in the IUPAC 
Green Book [23], which emphasized that the standard state 
must be specified. Let us go back to the definition of chemi-
cal potentials, μ = μ0 + RT ln(c/c0). Activities should be used 
in this definition but we replace them with concentrations to 
avoid mixing difficulties. μ0 is the chemical potential if the 
concentration c = c0. As for any potential, we must choose a 
reference. c0 = 1 mol L−1 was chosen and is no longer written 
in the equations because its numerical value is 1. However, 
we must remember that it is implied in all the derived equa-
tions. Thus, K°eq is equal to  [P]p[Q]q)/([A]a[B]b × c0

(a + b − p − q) 
without dimensions. This is an approximation and the 
exact relation involves activity coefficients [23]. We can 
choose the practical units we use, but the numerical value 
of Keq can be different if we use mol L−1 or mol m−3. The 

numerical values given by the tabulated thermodynamic val-
ues are those obtained if we use mol L−1. In the gas phase, 
p0 = 1 atm was chosen as reference and the tabulated thermo-
dynamic values are given for pressures in atm, not in pascals.

Activation energy

The effect of temperature on the rate constants is usually 
described using the Arrhenius equation.

Ea is the Arrhenius activation energy and A is the pre-
exponential factor. Ea and A are assumed to be independent 
of the temperature, at least in a restricted range. Actually, 
they depend on the temperature and the Arrhenius equation 
is only one of the numerous empirical equations that were 
proposed to describe the effect of temperature on kinetic 
constants [1]. Note that, according to the Arrhenius equa-
tion, a plot of k as a function of T gives an S curve and that k 
tends to the maximum value A when T tends to infinity. It is 
not an exponential as sometimes written. A more interesting 
approach to the concept of activation energy is given by the 
transition state theory. The potential energy of the system 
is represented as a function of bond lengths and angles and 
the reaction is seen as the motion of a point on the obtained 
hypersurface. In order to obtain a visual representation 
of this approach, consider the simplest case of a reaction 
AB + C ⇌ A + BC with a potential energy depending only 
on the distances dAB between A and B and dBC between B 
and C. This is represented in Fig. 2.

(13)k = Aexp

(

−
Ea

RT

)
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k"
2
(m
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4
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)

I1/2 (mol1/2 L-1/2)

Fig. 1  Effect of the ionic strength on the rate constant of the Dush-
man reaction

Fig. 2  Potential energy surface for a reaction AB + C ⇌ A + BC
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The reactants are located in the valley on the left of the 
figure and the products in the valley on the right. The reac-
tion is seen as a climb up the left valley to the highest point, 
the saddle point, followed by a way down in the valley on the 
right. The configuration of the system at the saddle point is 
called the activated complex. Starting with this representa-
tion, different approaches were used with the aim to obtain 
expressions for the kinetic constant assuming that the acti-
vated complex is in equilibrium with the reactants. How-
ever, a real equilibrium would imply that when the system 
arrives at the saddle point, it has a much larger probability 
to return to the reactants than to continue to the products, 
which is very unlikely. This problem was discussed in par-
ticular by Laidler [1] and by Kondratiev [2] who showed 
that it is not a real equilibrium. We propose the following 
original approach to understand why the activated complex 
is said to be in equilibrium with the reagents, even though 
it is not. Consider the system globally at equilibrium, so 
that the activated complex is indeed in equilibrium with the 
reagents, and calculate the rate. Then, remove the products. 
The main assumption is that the reagents on the other side 
of the hill do not “see” that the products have been removed 
and continue to react at the same rate. Expressions of the 
rate constants obtained at equilibrium remain valid out of 
equilibrium. This is not necessarily true but is a more likely 
assumption that the usual one.

Two methods are commonly used to obtain expressions 
for the kinetic constant. The thermodynamic approach 
assumes that the rate is given by the product of the concen-
tration of the activated complex  [Xǂ] and the frequency of 
vibration of the link that is breaking. This gives r = (kBT/h) 
 [Xǂ] where kB is Boltzmann’s constant and h is Planck’s 
constant. Then, the equilibrium assumption is introduced. 
Taking two previous comments into account, we write 
the rate as a function of concentrations including the dif-
ference between activities and concentrations into the rate 
constant and we explicitly keep the reference concentration 
c0 = 1 mol L−1. This gives  ([Xǂ]/c0) = Kǂ ([AB]/c0) ([C]/c0), 
r = (kBT/h) Kǂ [AB][C]/c0, and k = (kBT/h) Kǂ/c0. Using 
Kǂ = exp(–ΔǂG°/RT) we obtain the popular Eq. (14).

The factor 1/c0 is never written except in [4, p. 99] and 
[24, p. 38]. The unit of kBT/h being  s−1, the usual expression 
seems to imply that the unit of k is  s−1 instead of  mol−1 L s−1. 
A more serious problem with this equation is that, as noted 
by Laidler [1], the activated complex is just a transition state, 
not a “normal” molecule, so that its concentration is not 
well defined. Consequently, Kǂ, ΔǂS°, and ΔǂH° do not have 
a clear meaning. Moreover, the energy in Fig. 2 appears as 

(14)k =
kBT

h

1

c0
exp

(

Δ≠S0

R

)

exp

(

−
Δ≠H0

RT

)

an enthalpy of activation and not as an internal energy of 
activation, sum of the potential and kinetic energies.

The second method is based on statistical mechanics. The 
equilibrium constant is expressed by the following equation 
where qAB and qC represent the partition functions of the 
reactants. qǂ is the partition function of the activated com-
plex not including the motion over the saddle point.2

In this equation, the activation energy E° appears more 
clearly as the difference between the average internal energy 
of reacting complexes and the average internal energy of 
reactants [1, Sect. 3.1.2]. Another advantage of Eq. (15) is 
to allow an estimation of the pre-exponential factor based on 
the structure of the molecules in the gas phase. An estimate 
in solution is not currently possible because complicated 
interactions with the solvent must be taken into account. 
An interesting, more detailed discussion of Eq. (15) can be 
found in Ref. [25].

Conclusions

We can measure concentration derivatives over time and 
look for correlations with reagent concentrations. We can 
write differential equations and study their properties. This 
may be interesting, but if we want to make a connection 
between the macroscopic observations and the microscopic 
properties of atoms, molecules, and ions, we must care-
fully specify some fundamental concepts. A reaction rate 
is a property of a reaction, not of reagents or products. A 
reaction cannot be understood without first clarifying its 
stoichiometry and its rate must be expressed as a function 
of its extent ξ. Then, we must be aware that a mechanism 
explaining our observations is only a model of reality that 
unavoidably involves approximations and that is always sub-
ject to revision. The reactions constituting this model are not 
necessarily elementary, in the sense that they do not involve 
intermediate compounds, and we have introduced the con-
cept of a quasi-elementary reaction, a reaction which has a 
well-defined stoichiometry and orders equal to the stoichio-
metric coefficients. It is also important to note that, although 
a reaction with a very large equilibrium constant can have a 
very low rate, there are links between kinetics and chemical 
thermodynamics. One of these links is the relation between 
kinetic constants and equilibrium constant k+/k− = Keq. On 
the one hand, numerical simulations can predict behaviors 

(15)k =
kBT

h

1

c0

q≠

qABqC
exp

(

−
E0

RT

)

2 The derivation of this expression is given by Laidler [1], 
Sect. 4.5.3. We have inserted the term 1/c0 for the same reason as in 
Eq. 14.
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that have no chemical meaning if it is not strictly verified for 
quasi-elementary reactions. On the other hand, erroneous 
values of kinetic constants can be obtained if it is used for 
reactions that are not quasi-elementary. This relation shows 
also that since the equilibrium constants are functions of 
the activity coefficients, so are the kinetic constants. The 
concept of activation energy must also be specified. What 
is sometimes called Arrhenius’s “law” is only a useful but 
empirical correlation and its pre-exponential factor depends 
on temperature. The transition state theory provides a more 
accurate approach to the concept of activation energy.

The chapters devoted to chemical kinetics in general 
chemistry textbooks and the information found on the Inter-
net often contain misunderstandings and sometimes errors. 
The concepts are not always clearly explained and approxi-
mations are often implied. Corrections and precisions can be 
found in books and articles specialized in chemical kinetics. 
However, it is not easy to review this abundant specialized 
literature to find clear and exact explanations of the main 
concepts of chemical kinetics. We have summarized the 
main ideas, sometimes with an original approach, in a way 
we hope will help young researchers.
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