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Introduction

Qualitatively, we can see that there are:
> ‘fast’ reactions, such as dosing reactions
> very ‘slow’ reactions, such as the oxidation of most metals in air, the transformation of
diamond carbon into graphite carbon, etc.
Chemical kinetics studies the speed at which reactions take place.
The speed depends on a large number of factors, such as temperature, pressure, the chemical
composition of the system and the presence of chemicals. a catalyst.
Chemical Kinetics is divided into two parts:
e Homogeneous Kinetics: the reaction mixture consists of a single phase (liquid or gas)
Hag) + Tog) = 2Hl(g)
e Heterogeneous kinetics: the reaction mixture has several phases

(liquid/gas) in the presence of a solid phase, the reaction occurs at the interphases.

Alumine (s)
CEHSGH{gJ — CzH

Obijectives of this course :

To know how to define and determine the rates of disappearance of a reactant and of formation
of a product.
» Know how to define the rate of reaction and relate it to the rates of disappearance and
formation of the different species.
» Know the influence of various kinetic factors:
» Know how to define and determine the order of a chemical reaction, the degeneracy of
order
» Arrhenius' empirical law, activation energy
» Know how to express and integrate the corresponding rate law for simple orders. Half-

reaction half-reaction time.



Chapter 1

Speed and speed laws



A chemical reaction is the modification of the assembly of atoms making up the

reactant molecules to lead to new molecules, the products.

A complete description of such a transformation requires three aspects, two of which
depend solely on the initial and final states (the quantitative and thermodynamic
aspects), while the third requires knowledge of the reaction mechanism, the dynamic or

Kinetic aspect.

1.1: An overview of chemical Kinetics

Chemical kinetics:
The study of reaction rates, the factors that influence them, and the sequence of
molecular events, called the reaction mechanism, according to which reactions

take place.

Certain variables can speed up or slow down reactions:

> Reagent concentration; speed generally increases with reagent concentration.
> Temperature: the speed of a reaction usually increases with rising temperature.
> Contact surface; the speed of a reaction increases with the size of the

contact surface (fine particles).
> Catalysis; the use of catalysts and current to increase the speed of a

reaction (enzymes, metal support, etc.).

1.2: The significance of reaction speed

Speed: variation of a quantity by a unit of time.

> The speed of a chemical reaction v is the ratio between the change in



concentration and time v = 2% = 2-%
At ti—t,
Where ¢, and c, represent the concentrations of a reactant involved in a reaction at times
t, and t; respectively.
In a reaction:
> change in reagent concentration,A [reagent], is negative (the reagent disappears)
> change in product concentration,A [product], is positive (the product appears)
So

Alreagent] Alproduct]
vV =— =
At At

According to this convention, the reaction rate is always positive, whether
determined from the reactants or the products. The units most often used are

moles/(L,s).



The general speed of a reaction

The general reaction rate is defined as the rate of change of the concentration
of a given substance divided by its stoichiometric coefficient in the balanced

chemical equation. So, for the reaction :

2 HBr(g) — H2(g) + Br2(g)

the general reaction rate is defined by :

A[Br,] A[H,]  A[HBr]
= _ __

At At 2At

More theoretically: for the reaction

aA+ bB— cC+ dD

_1A[c]  1A[D]
VECTAr d At
1A[A]

a At

1 A[B]

b At

Average reaction speed

The speed of a reaction is generally not constant. It is therefore necessary to

specify when it is measured.

> A reaction speed measured over a given time interval is called average speed.



1.3: Measuring reaction speeds

We have the following hydrogen peroxide degradation reaction:

H202(aq) — H20(l) + Y2 O2(g)

» FIGURE 2.4 ) * H0,(aq) — H,0(1) + 70,(g)
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» The black curve represents the rate at which peroxide disappears during
the reaction (concentration decreases with time).

» The calculation of the average speed over the whole experiment (between
0 and 600 s) is represented by the dotted line. The numerical value of the
velocity is given by the slope of the straight line (which is negative),
which we change sign (to give it a positive value) to respect the

convention mentioned above.



> To obtain the reaction speed at a precise point on the curve, we need to
consider a very short time interval.
> If the time interval in which the reaction speed is measured becomes very

short (tends towards zero), the instantaneous speed is approached.

» The instantaneous velocity corresponds to the limit of the variation of the

reagent in a very short time interval:

_ Alreagent] d[reagent]
v=lm-—m—m—mm=————
At—0 At dt

Instantaneous speed =

» Thus, the instantaneous speed can be obtained by the tangent to the curve
(derivative) at a given point. This is represented by the red line, which
shows the spontaneous reaction speed 300 seconds after the start of the
reaction.

> At the start of the reaction, the instantaneous speed is called the initial
reaction speed. It is represented by the blue (turquoise) straight line in
the graph. Again, the numerical value is the value of the slope of the

(negative) straight line as it changes sign.

1.4: The rate law of a chemical reaction

For a reaction involving 2 reactants, A and B :

aA + bB — products

experimental measurements have shown that the rate of reaction is proportional to

the product of the concentrations of the reactants, each assigned an exponent :

10



v = kiA]™ [B]"

» The proportionality constant k is called the speed constant.

» The exponents m and n are the reaction orders.

» The order is usually a small positive integer, but can also be zero,
negative or fractional.

> The reaction is said to be of order m with respect to A, and of order n with
respect to B.

» The sum of m and n is the overall order of the reaction.

> Reaction orders are not necessarily the stoichiometric coefficients of

the chemical equation. They can only be determined experimentally.

e The initial velocity method
The table above shows the experimental results of initial velocity measurements
for the reaction

> The relative speed method is used to determine the order of reaction with
respect to each reactant.

» Todo this, we compare initial rates for the same reaction by varying
the initial

concentration of one reactant at a time. This is shown in Table 1.

11



[NO] initial |Cl,] initial . initial speed

Experience (mol/L) (mol/L) (mol/L-s)
I 0.0125 0.0255 2,27 % 107°
2 0.0125 0.0510 4.55 % 1073
3 0.0250 0.0255 9.08 = 1077

> Between line 1 and line 3, [NO] doubles, while [CI2] remains constant.

> Since it's [NO] that's changing, the order of reaction with respect to NO(g)
can be found by dividing the initial velocities 3 and 1.

> In general (demonstrated in the volume), the ratio of initial velocities and

the order of reaction are linked by the relationship :

(Vo)s

(Vo)1 =2




> So, if we calculate the ratio of the initial speeds with the values in the table, we
get:

(Vo)1

2M=4=22=>m=2
> Therefore, since 2™ = 4, m, which is the order of reaction with respect

to NO(qg), is equal to 2.

> Between line 1 and line 2, [NO] remains constant, while [CI2] doubles.

> Since it's [CI2] that's changing, the order of reaction with respect to Cl2(g)
can be found by dividing the initial velocities 2 and 1.

> Here, the ratio of initial velocities and the order of reaction are

linked by the relationship :

(initial velocitie ) 2

= 2N
(initial velocitie ) 1

So, if we calculate the ratio of the initial speeds with the values in the table, we get :

(initial velocitie) 2 _ 4,5510° o — 9
e .. 5 — —
(initial velocitie ) 1 2,2710

13



» So: 2"= 2, n, which is the order of reaction with respect to ClI2(g), is

equal to 1.

The overall order of the reaction is therefore (2 + 1) = 3.

IN SUMMARY::
If the concentration of a reagent is doubled, the reaction is :

if no effect on speed is observed;
if the speed doubles;

if speed quadruples;

YV V V VY

if speed increases by a factor of 8.

Once the order of reaction of each reactant is known, the rate constant k can be calculated.

It is important to note that a rate law cannot be determined from the
stoichiometry of the reaction. This can only be done by means of experimental

velocity measurements

14



Or

1.5: Reactions of order 1

The rate law can also be determined by following the variation of concentrations
with time in the same experiment. In this section, we will only consider reactions
involving a single reactant (A — products).

Concentration as a function of time: integrated speed law

In reactions of order 1, the speed of reaction is proportional to the concentration

of the reactant.v = — % = k[A]

a4l
ﬁ— kdt

t
aal_ —kj dt = Inm- = —kt = [A], = [A] e~
0

j[f” d[A] [4]
a1, [A] [4],

In[A] = In[A], - kt

15



This expression takes the form of a straight line (y = b + mx) where -k is the

slope, t is the time in seconds, and In [A]O is the y-intercept, as illustrated here:

Confirmation of ordre one of the decomposition of H202

0,00 ¢
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{1,50) — "‘-I\.‘
i L\'\\_
] i ™~
N ~
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=2 () = + _________________ b=
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Temps (s)

We can also transform this expression into its exponential form:

[A] = [Ae*

This equation describes an exponential decrease in concentration as a function

of time. However, the straight-line equation is the one most often used.

1.6: Zero and second-order reactions

Zero order reactions are those whose rate is independent of the concentration of the
reactants.

16



The last equation is the differential speed law, because its expression has the
form of a differential equation. We can integrate the expression to obtain the

integrated speed law:

The last expression has the form of the equation of a straight line (y = b + mx) with slope

—k and y-intercept [Alo.

IN SUMMARY: :

If we are offered a series of experimental values, to determine the speed law of the reaction
1) First, we plot the concentration of the reagent as a function of time; if this
results in a straight line, the reaction is of zero order.
2) If it's a curve, then a graph of the natural logarithm of the reagent
concentration versus time is constructed. If the result is a straight line,
The reaction is of order 1:

If it's not a straight line, we need to continue the search in another direction.

17



Reactions of order 2

Again, consider a reaction of the type A — products. Therefore, the reaction rate
Is proportional to the square of the concentration of A :
dlA
o=~ SF = kAP
We then obtain an equation in the form of a straight line (y = b + mx). So, if we

plot 1/[A] as a function of time and obtain a straight line, the reaction is of order

2
dlal - dlA]
_W = k[A]* = TA]? = —kdt
4l d[A] ‘
= J[A]O AT —k i dt =
S
[A]  [A

With respect to A. The slope is equal to k, and
the y-intercept is 1/[A]

18



I1.1. How to find the order a reaction?
If we are offered a series of experimental values, in order to determine

the order and rate law of the reaction :

First, we plot the concentration of the reagent as a function of the

If this results in a straight line, the reaction is of zero order.

If it's a curve, then a graph of the natural logarithm of the reagent concentration
versus time is constructed. If the result is a straight line, the reaction is of order
1.

If it's not a straight line, plot 1/[A] against time.

If a straight line results, the reaction is of order 2.

11.2. Time to half reaction:

The speed of a reaction can also be expressed by its half-life, symbolized typ.

Definition: Half-reaction time is the time required to consume half of the reagent

present.
If the half-life is short, the reaction is rapid. According to the

Definition, when t is equal to ti, [A] is equal to 0.5[A]o.

The value of t12 can be calculated from the integrated speed laws.

The speed of a reaction can also be expressed by its half-life, symbolized by t;/,

> The half-life is the time after which the concentration of a reagent is halved;

19



> If the half-life is short, the reaction is rapid.

According to the definition, when t is equal to t1/2, [A] is equal to 0.5[A]0.
The value of t1/2 can be calculated from the integrated speed law

For a zero-order :

[Alo
T— [A]O = —ktl/z
[Alo
—T - —ktl/z
4l
151/2 = 7

So, in a zero-order reaction, the half-life depends on the concentration of the reactant.

For a reaction of 4o/,
order1 := m Als —kty, =
_In2
RS

For a reaction of order 2 :

The half-life of second-order reactions can also be found by making the
following substitutions:

The half-life of second-order reactions depends on the concentration of A, as
in the case of zero-order reactions.

1 1
= +kt1/
Al Tl T
2
B 1
tl/z_k[A]o

20
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IN SUMMARY:

> Ifthe graph of [A] versus t shows a straight line, the reaction is of zero order.
> Ifthe graph of In [A] versus t shows a straight line, the reaction is of order 1.

> Ifthe graph of 1/[A] versus t gives a straight line, the reaction is of order 2.

Summary table

Speaed Law Integrates rate Graph of a line . [-']Fltjlh Half life
aOrrlre Y lavwar . K K

o v K [Al Kkt + [A] [A] fonction ¢ nol/L-s IAde

Al Ady / onctio -Slope molSL. -5 >k
Al, 0,693

1 v ELA] 1n L. ki In [A] fonction ¢ Slope 8! -

[Ado K

2 W KLAT? ! ki L 1/lA] Tonction s sl L/mol-s L

2 A + £ i ope ~E

LA, [Ala P KLAL,

|. Factors kinetics

The parameters that influence the rate evolution of a chemical system are called kinetic

factors:

O Reagent concentrations
@ Environmental temperature
O The presence of substances other than reagents (catalysts, initiators)

11.3. Temperature

11.3.1. Speed constant

In the expression for speed : V= k[A]a [B]B

k is independent of concentration and time

k depends on the reaction studied and the temperature The unit

of k depends on the overall order of the reaction.



11.3.2. Arrhenius' Law

Experimentally, we can see that the speed of reactions generally increases with
temperature. The temperature dependence of the rate is shown by the expression of k

according to Arrhenius' law:

_Eq
k:Ae RT

Ea: activation energy of the reaction in kJ.mol-1

R: perfect gas constant (8.314 J.mol-1.K-1)

T: absolute temperature (in K)
A: Arrhenius pre-exponential factor or frequency factor

The activation energy (Ea) represents the energy barrier that must be crossed for the
reaction to take place. In other words, it's the minimum energy required for a reaction to
take place following a collision. If the collision energy is lower than the activation

energy, the molecules simply bounce off.

1.7: The influence of temperature on reaction speeds

Chemical reactions are sensitive to external factors. Temperature is one such
factor. In this section, we'll see that almost all chemical reactions occur more
rapidly when the temperature is raised.

The equation

Determines the activation energy of a reaction or process

By introducing the natural logarithm to this expression, we obtain another expression of

Arrhenius' law

23



_Eq
k = Ae RT

Eq
Ink =InAe RT

mik =1 A4- B[l
R\T

If we plot In k= f(1/T) we obtain a straight line with

slope -Ea/R

This equation takes the form of a straight line (y = b + mx), for which (In A) is the

y-intercept, and (-E(a)/R) is the slope, in a graph of (In k) versus (1/T).
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I1. Degeneration of the order of a reaction
I11.1. Definition :

It may be that the concentration of an active species is kept virtually constant during the
24



reaction. In this case, although the concentration of this species plays a part in the rate
law, it can be grouped together with the rate coefficient, and the rate law can be

simplified.
For example, let's consider a reaction: A+ B= P whose speed law would be
a B
v=K[A] " [B]" and global order n=a+ .

If the concentration [B]of the species is almost constant and equal to [B]o during the

reaction, then :

= kops [A]*  with kops = k[B]B

The reaction therefore appears to be of order a in fact it is of order a + B8

. This is called degeneracy of order.

a is called observed order or apparent order. Similarly, the velocity coefficient

Kobs IS the observed or apparent speed coefficient.

The degeneracy of the order of a reaction may be required to simplify the rate law or

particular operating conditions.

25



111.2 Case of degeneracy order :
It can be observed in the following cases:
1. One reagent is in great excess of the others.
If one reagent is in great excess compared to the others, the quantity that may disappear
as a result of the reaction will be small compared to its initial concentration. To a first

approximation, its current concentration will therefore remain constant and equal to its

initial concentration.
2. Areagent is reformed during the reaction.

If a reactant is reformed during the reaction, it is both a reactant and a product. It is not

usually included in the balance equation.

3. The concentration of a reagent is kept constant by the intervention of external

factors.

The concentration of an active reagent can be deliberately kept constant to simplify the

experimental study by various means.

Example: operating in a buffer solution "a buffer solution is one that maintains
approximately the same pH despite the addition of small quantities of an acid or base,
or despite dilution. If one of these three criteria is not met, then the solution is a pseudo-

buffer solution",

The concentration of HY and OH- ions will remain constant due to the acid-base
equilibrium of the buffer couple. If reaction rate law involves one of these ions,

degenerate order will result.

Consider the speed law a reaction:v = k[A]*[B]?[C]"

In a buffered environment, we observe a velocity law of the form v = k,,,[A]* [B]Pand k,,s = [OH™]Y

The real global order n= a+ B+ vy will therefore be lowered to a+ 8

26



Chapter 2

The mechanisms of reaction

27



I. The mechanisms of reaction

The mechanism of a chemical reaction is the sequence of steps, on the scale

from reactants to products.

Some reactions require only one collision. Others require several, producing

intermediates - compounds formed in one step and consumed in a subsequent step.
Il. Elementary reactions
An elementary reaction: a reaction taking place in a single step.

Ex: H+ Br, — HBr+ Br

In an elementary reaction, the orders of reaction are equal to the stoichiometric

coefficients (VAN'T HOFF's rule), which is generally not the case for a multi- step

reaction.
aA+bB —  products

The law of speed is: single stage.

V= k[A]a [B]b if this reaction takes place in one

Molecularity: this is the number of species involved in an elementary reaction.

i.e. the number of entities (atoms, molecules, ions, etc.) participating in an
elementary reaction. It is therefore also the sum of the stoichiometric coefficients

affecting the reactants.

A reaction involving a single molecular entity is said to be unimolecular.

A reaction involving two molecular entities is called bimolecular.

A reaction involving three molecular entities is called trimolecular.

Unimolecular reaction: molecularity= 1.

Example: Gas-phase decomposition of cyclobutane to ethylene

28



CiHg — 2 CoHy

Bimolecular reaction: molecularity= 2 (most frequent)

NO+0O3— NO»,+0,

I11. Complex reactions

I11.1. Definition: Reactions composed of several reactions
elementary operations carried out successively or simultaneously.

Ex: 2 HI + H202 — 12+ 2 H20 step
1: HI+ H,O,— IOH+ H,0O
step2: HI+IOH — I+ H,O

As IOH is a reaction intermediate, it does not appear in the overall balance of

reaction.

reaction intermediate: a complex reaction, the intermediates

(IR) disappear once the reaction is complete.

Consequence: advancement indirect reaction

A-C:A->B-C
(IR)

111.2. Kinetically decisive step (limiting step):

The rate of formation of a species produced by a series of successive elementary
reactions is determined by the slowest step (the limiting step). This step, known

as the Kinetically determining step of the overall reaction, imposes its speed on

subsequent steps.
Example 1: 2 NO,Cl— 2 NO,+ Cl,
Mechanism : NO,Cl— NO,+ ClI

NO,Cl+ Cl — NO,+ Cl,

29



Velocity law: v = k|[NO-ClI]

Example 2 : 2 NO (9)+ F2(g)— 2 ONF (g)
Mechanism: this reaction occurs in two steps:
NO + Fo— ONF +F

NO+F— ONF
A The sum of the steps gives the overall reaction.

A The speed law of the slow step is: v= "k [NO][F2]
O However, the speed of the overall reaction is equal to that of the slow
step= the speed law of the overall reaction is the same.

I11. 3. Types of reactions complex
There are four classes of compound reactions

I11. 3. 1. competitive reactions, also known as parallel reactions

They are made up of common reactants, i.e. two reactions with the same

reactants but different products. They can be schematized as :
A—Band A—C.

Example:

3 HNO3+ NO2CgHs— meta (NO2)2CsHs

3 HNO3+ NO,CgHs— ortho (NO2)2CsH4

They can be schematized as :

30
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Both reactions are second-order and have rate constants k; and k,. The rate of

disappearance of mononitrobenzene is also 2" order.

2nd-order reaction with azb

GRS CER
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303 log{ a(b— .\')}

b(a—x)

I11. 3. 2. reversible or reverse reactions

A reversible reaction occurs when, at the same time and in the same place,

reactants are converted into products and products are converted into reactants.
An equilibrium reaction is represented by .=
The following equilibrium reaction is considered:
aA+tbB=cC+dD
The rate at which reagents disappear from left to right (direction 1) is :

dA -dB _

L — a b

The rate of product formation (right to left) in direction 2 is :
then, kinetic equilibrium, which is expressed by the fact that, at equilibrium, the velocities

of the reactions from left to right and from right to left are equal. Therefore



dC dD
v = o = 0 = k[CI[D]

dA _—dB _dC _dD _

— = = = = klA[B]® = k,[C][D]?

V1=VZ=_

From this kinetic equilibrium relationship we can derive the following relationship:

ki, [CI°[D]*

kz  [AI°[B]?
Knowing that the thermodynamic equilibrium for this reaction expressed by the

law of mass action is :

. _ ey’
[AJ°[B]?

K: is the thermodynamic equilibrium constant

From these last two expressions we can deduce that k = %

2
This equation represents the kinetic expression of the thermodynamic equilibrium
constant, valid only if the partial orders of the direct (direction 1) and reverse

(direction 2) reactions are equal to the stoichiometric coefficients of the reaction.

k
For example Hy, + I, :ZZHI
k1

Kinetic studies have shown that both the direct reaction and the reverse reaction

of this equilibrium are elementary. They therefore follow Van't Hoff's law:

d[H —d|I dlHI d
m=w=—zﬂ= ;ﬂ=2f=a=mm]m1=bwm




This result is a specific case, and is only true because reactions in both directions
are elementary processes in which order and molecularity merge. Only then does
the relationship apply. For example, for the equilibrium involving hydrogen

bromide :

I11. 3. 3. consecutive reactions or Consecutive reaction:

Successive (or consecutive) reactions are those in which the products of the first
are the reactants of the second. The products of the second can in turn be the
reactants of a third, without ever being regenerated, and so . Such a sequence of

reactions therefore involves.

molecules called reaction intermediates, one of whose characteristics is they

cannot be isolated, at least not easily.

Example: diester hydrolysis.

» The hydrolysis reaction of a first ester function is represented by

_COOR' Kk, ,COO-
1 *HO- — R * R'OH
COOR' “COOR'

R

> Reaction followed hydrolysis of second ester function

/CDD- k COO-
R, * HO- R * R'OH
COOR' “CO0-

The example the most simple example is made up of two reactions

Reaction A— C



Mechanism:
Ki K
A-B->C
Initial conditions [A]o, [B]o=[C]o=0
whose Kinetic equations are :
d[A)/dt =—k1 [A] (1)
d[B] /dt = ki [A]- kJ[B]  (2)

d[C] /dt = k2 [B] 3)

The velocity equations can be written, bearing in mind that if B is formed from

of A, it also disappears to form the final product C :

Equation (1) integrates immediately

[A] = [Alpet (4)

By replacing this value in the second differential equation, we obtain

d(B
% = ky[A]oe" st — k,[B]

d[B
% + kz[B] = ky [A]pe*

Integration equation (2) leads to :

[A]Okl(eklt _ ekzt)
k, — k. (5)

[B] =

Using the mass conservation relation :



[A]+[B] +[C]=[AJo*+[Blo+[Clo=[Alo= [C]=[Alo-[A]-[B] therefore
[C]= [Alo [1-(kz eK1— Ky 62t) / (K2)-KD)] covvvvorrrreerneeen (6)

The typical curves showing the concentrations of [A], [B] and [C] during

reaction are shown below:

with

[A]: decreasing exponential

[B] bi-exponential with a max at tmax=In(k2/k1)/(k(2)-k1) and an inflection point

at tinfiection=2tmax-

[C] bi-exponential with a minimum at origin (zero slope) and an inflection point

at time tmax of B'Ss maximum.

([A]o=10-mol.L%;[B]o=[C]o=0; ki=1 s; k»=0.3 5%

110°%°

510

[A], [B], [C] / mol.L"

o1cf

4 B g 10

' 2 !
tma;-:' tmﬂex.fon

tempsis



The evolution curve of [A], ([A] = [A]oe*1!), is a decreasing exponential.

That of [B](eq 5), is the sum of two decreasing exponentials. It therefore has a
maximum corresponding to the cancellation of the first derivative, I.e.
tmax=IN(kao/k1)/(k2)-k1) and inflection point corresponding to the cancellation of

the second derivative, i.e. tinfiection= IN(K2/k1)?/(K2 - K1) = 2 tmax

The evolution curve of [C] ,([C]= [A]o [1-(kz K1t - ki ek2t) / (K2)-ka))]), is also
bi-exponential. Its slope at the origin is zero, corresponding to its extremum. It
has an inflection point at t = In(ka/ky) / (k2 - ki) = tmax([B]), i.e. corresponding to
the maximum of [B], where its production rate is maximum. It reaches a level
[Cle= [Alo.

Three particular cases can be represented. The first case,is where k2>> k1. In this
case, the slowest reaction is the first step: as B transforms into C faster than it appears,
its concentration remains low. In the case where k2 << K1, this is obviously the
opposite situation, and the decisive, limiting step being the second step, the

concentration of B joins the first.

almost the initial concentration of component A. The final case is where k2=K1.

These special cases will be dealt with in greater detail in a tutorial.

Here we'll look at just one of the three cases:

Quasi-stationary state: ko>> k;

k2 is much larger than the constant ki. An equilibrium form of the concentration
of intermediate B is reached. Since ky>> k;, ek t<< e*kltand k; - kix ko.

Replacing in the expression for the concentration of B calculated above, we obtain
[B]= [Alokie*t/ (ko)=[A]oki/ k2

This implies that the formation of C depends on the rate of formation of B. Under

these conditions, we say that the A-B step is the determining step. It's the slowest



step, which imposes its speed on the whole reaction.

110°

5104 |

[A], [B], [C]{ mol.L"

010°

temps/is
[B]= reaction intermediate with stationary concentration d[B] /dt =

The formation of [C] depends on the rate of formation of B

A— B is the decisive step, . the slowest step imposes its speed on

the reaction set

The concentration of B remains lower and the C curve tends to approach the

symmetrical A curve.

Another example:

a mechanism comprising any number of successive monomolecular reactions:
A — A ki (r a)

Al - A kz (I’ b)

Ar— Az« (rc)

Ar1— P R (1)



110°

5104

concentrations / mol.L"

010°

temps/s

111. 3. 4. chain reactions:

A chemical chain reaction is one in which an intermediate reactive species, often

a free radical, catalyzes a series of rapid steps that carry out the overall reaction.

Typical chain reaction stages are initiation, propagation and termination:

> initiation: the formation of unstable molecules that act as chain carriers,
such as free radicals or reactive ions;

> propagation: a series of steps in which the radical (or other chain carrier)
triggers the transformation of reactants into products, with regeneration
of the radical. This is equivalent to radical catalysis of the overall
reaction;

> termination (or break) of the chain: this is the destruction of the
chain carriers, for example through the recombination of free radicals.
Example: the hydrogen synthesis reaction

ki
H>+ Br» — 2 HBr



We show experimentally that the experimental speed law is of the form :

_ k[Hy] [Bry]1/2 _ d[HBr]
& = [HBr] ~  at
[Brz]

1 +&

The proposed mechanism is as follows:

Initiation stage:

[1] Bro+ M - 2Br-+ M Ky

These three stages are chain propagation stages

[2] Br- + Hy— HBr+ H- ko
[3] H- + Br, — HBr+ Br- ks
[4] H- + HBr— Hy+ Br- kg

Chain break stage

[5] 2Br- + M- Br,+ M Ks

This mechanism is referred to as a chain. Once a few bromine atoms are present

(reaction [1]), reaction [2] takes place, forming hydrogen atoms. These, in turn,

trigger the third step, which regenerates bromine atoms. This is what is known in

programming as a loop, which stops only when one of the reactants disappears.

This usually occurs through recombination of the reactive species. Hydrogen and

bromine atoms are referred to as chain carriers. To try and recover the

experimental speed law, let's apply the principle of quasi-stationarity (also known

as the quasi-stationary state approximation) to the two reactive species, bromine

and hydrogen atoms.



Another way of presenting the mechanism of this reaction is Hy+ Br,— 2 HBr:

> initiation: Br,— 2 Br-

each Br is a free radical, designated by the symbol "-(representing an unpaired

electron);

» propagation (here a series or loop of two stages)

Br-+ H, — HBr+ H-

H-+ Br,— HBr+ Br-

the sum of these two steps corresponds to the overall reaction H,+Br,—2HBr,

with catalysis by Br- which triggers the first step;

» slowdown

H-+ HBr— Ha+ Br-
step specific to this example, which is the inverse of the first propagation step;

» termination 2 Br-— Br;

recombination of two radicals, corresponding in this case to opposite of initiation.

V. Quasi-stationary state approximation (QSSA)

IV.1. Bodenstein's principle: "When, in a reaction sequence, an intermediate
species has a much shorter lifetime than the others, we can simplify the solution
of the Kkinetic equations of formation by writing that its rate of formation is equal

to its rate of disappearance".

IV.2. The quasi-steady-state approximation, or QSSA, is applicable when a
reaction intermediate remains at a very low concentration compared to other

species, i.e. short-lived or highly reactive.



Let's consider again the mechanism consisting of two successive reactions.

A— B K(L) — eeeees 1 B— C k(2) 2

If the second reaction is much faster than the first (k2> ki), the
B's concentration remains negligible compared with those of A and C, so that

throughout the reaction :

[C]=[4] o= [A]

, its derivative is negligible, still ahead of those of [A] and [C], and the equation
d[B] /dt = k1 [A] - k2 [B] becomes quasi-stationary:

d[B] /dt= ki[A]- k2[B] =0
Let [B]= [A] ki/ko
And d[C] /dt= ki1 [A]=-d [A] /dt
It's as if the mechanism were reduced to a single reaction
A—C ki

whose rate constant is that of the slowest reaction (r 1) (it's always the slowest

reaction that determines the overall time scale of a compound reaction).

IV.3. QSSA application example: thermal decomposition of
diterbutyl peroxide in the gas phase

(CH3)3COOC(CH3)3: 2 CH3COCHs+ CoHg
with experimental kinetics of order 1.

On the other hand, the following mechanism has



(CHg)gCOOC(CHs)s — 2(CH3)3CO' kl(r a)

(CH3)3CO- — CH3COCH;3 + CHy k> (rb)
2 CHz— CyHs ks (r C)
Let

AZ(CH3)3COOC(CH3)3
P1=CH3COCH3 ;P2= CzHe
R1=(CH3)3CO-; Ro= CH(3)-

radical species R; and Ry are a priori highly reactive, i.e. reactions (r b) and (r c)
are very fast compared with (r a). Their concentrations, and their derivatives, are
therefore very small compared with those of A, P1 and P,. AEQS can therefore be

applied to R; and Ro.
The kinetic equations are :
d[A)/dt =k4[A]
= [A] = [A]pe" "
d[R1)/dt =2 ki[A]- k2 [R1]

d[P1]/dt = ky[Ri]
d[R2)/dt = ko[R1]— 2 k3[R2]?

d[P2)/dt = ks[R2J?



AEQS on Ry: d[R1)/dt =0 [R1] = 2(ki/k2) [A] 6)
AEQS on R2: d[R2]/dt = 0 [R2]%= ko/(2k3)R 1~ (ki/ks) [A] (7)

We deduce from equations (2) and

(6)
d[P1] /dt= 2 ki [A]= 2 ki [A]o 1t

or J(0—P1) d[P1]= 2ki [A]oJ(0—t) e*1td
[Pil= 2 [Alo(1-e*1')  (8)
and, similarly, equations (4) and (7)
[Po]=[Alo (1-€*1")  (9)
The equations
[A] = [A]ge ™"
[P1] = [A]o(1 — e7F1%)

[P,] = [A]o(1 — e~*2t)

show that the overall kinetics of this reaction, whether we observe the disappearance of
A or the appearance of P; or P, is of order 1, in agreement with experiment. The global
balance is also shown: the amplitude of P; is double that of A and P..
(CH3)3sCOOC(CHs3)3s =2 CH3COCH3 + C2He

Note:

QSSA can provide interesting simplifications. However, there is no disadvantage in
simulation to using the equations without approximation, with speed constants chosen
accordingly. This is even recommended if we are not absolutely sure that the
conditions for the correct application of QSSA are respected in all situations
envisaged during the treatment of a given problem. On the other hand, any type of
approximation, at least on crucial species, is to be absolutely avoided in the case of

mechanisms with non-linear



characteristics (autocatalysis, for example).
V. Reaction mechanisms and QSSA

When we represent a chemical reaction by a balance equation, we only give a
macroscopic view of the reaction, whereas the study of the mechanism of a reaction
aims to try and understand what's going on from a microscopic point of view. By
studying reaction rates, we can imagine reaction mechanisms and break down the

reaction into a series of elementary steps.

Reaction intermediates are species that are neither reagents nor reactants.

products. They are active centers. They can be:

O atoms or radicals obtained by homolytic bond breaking,
by the action of heat: thermolysis or by absorption a photon: photolysis: CI -

Cl = 2 Cl g

4 ions:CHs-

ex: O,+hu—O*+e- 2 2

Formed by interaction with UV radiation, in the ionosphere.

V1. Hydrogen bromide synthesis
H>+ Br» — 2 HBr

The experimental speed law is:

[HBr] ~  dt
1+ Ep

_ k[Hp] [Bry]'” _ d[HBr]

v



The proposed mechanism is as follows:

[1] Bre+tM —-52Br+M ki
[2] Br- +Hy— HBr+ H- kz
[3] H- + Br, — HBr+ Br- K3
[4] H- + HBr- Hy+ Br- Ky
[5] 2Br- + M- Br+ M ks

Br and H radicals are the reaction intermediates
The Quasi Stationary States Approximation, QSSA, is applied to , H and Br-: "After
an initial induction period, during which the [IR]?1, intermediate species are considered
to disappear as quickly as they occur.” The concentration of the active center is then in

a quasi-stationary state: d[IR]/dt=0

Since H-and Br: are reaction intermediates then :

d(Br] d[H] ;
dt dt

7

d[H]/dt=k .[Br]l[H]-k .[H].[Br]-k, [HBrl[H]=0 (1)
(1/2)d[Br]/dt=k .[Br lIM] go d[Br]/dt=2k .[Br].[M] according with (1)
d[Br']/dt=2k .[Br ].[M]-k.[Brl.[H]+ k.[HL[Br]+ k_.[HBr].[H]
- 2k5.[Br']2.[M] =0 (2)
(D+(2): 2k .[Br].[MI-2k.[Br T.M]=0 et[Br]= (k,/ ks)'”. [Br:]'”
[H] iscalculated by combining (1) et [Br-]:
[H]={k,. (k,/ kS)"Z. [BrZ]‘”. [H]}/{k,.[Br] +k, [HBr] |
v=(1/2).d[HBr]/dt = {k . (k / ks)"z.[Brzl"".[ H ]}/ { 1+(k .[HBr])/(k.[Br ])}



2kaks[Ha)[Brs] %[BTQ]
kg[BTQ] + ky [HB’I‘]

v = 2k3[H][Bry] = v =

2hy [ B2 [Hy)[ ]!/
vV =

k |HBr|
" 4
Lk ka |Bro

no order

Experimental speed law




Chapter 3 Experimental methods for

chemical kinetics study



I. Experimental methods for kinetic studies chemical

Studies of the dynamics of chemical processes impinge on almost every area of chemistry
and biochemistry. It is useful for students even at the general chemistry level to have some
understanding of the experimental techniques that have informed what you have already

learned about kinetics.

I.1. chemical methods

Concentrations can be measured (at constant temperature) directly using conventional
assay methods, or samples can be taken at different times, or different initially

identical specimens studied at different times.

The reaction must then be stopped so that it does not continue during the dosing:
can be done by quenching (rapid cooling), strong dilution

elimination a reagent by precipitation or neutralization if it is acidic or alkaline basic.

Chemical dosage methods are often used for substances with acid-base or redox properties.
This method is inconvenient for the following reasons:

- The study is carried out in batch mode;
- Samples must be taken from the reaction medium;

- You need to work with relatively large quantities;

1.2. Methods physical

A physical quantity is measured (at constant T°) and related to concentrations. These
methods have the advantage of not disturbing the reaction in progress: continuous

measurements, low quantities of reagents, very rapid reactions and high sensitivity.



Examples include :
» Conductimetry : (measurement of the electrical conductivity of an ionic mixture).:
For reaction media containing ions undergoing a transformation, measuring

conductivity gives the concentration of these ions using the relationship :

o=>i Ci

o: Conductivity of the solution in S.m-1
Ai: Molar ionic conductivity of the ions in S.m2.mol-1

Ci - Molar concentration of ions in mol. L-1

> Spectrophotometry: For a reaction involving a species that absorbs radiation
(infrared, visible spectrum or ultraviolet), measuring the absorbance of the solution
enables us to measure the concentration of this species and to monitor the reaction,
by applying Beer's law.
Lambert : A=Y eiLCi
With :
A: Absorbance

ei:Molar extinction (absorption) coefficient of the species in (L. mol-1.dm-1). Ci:
Molar concentration of the absorbing species i in (mol. L-1)

I: tank width in dm

» Polarimetry (measurement of the rotatory power of light).

» (as density measurement.
Gas pressure measurement (constant volume): In the case of reactions taking place in the

gas phase at constant volume and temperature, the system is considered to be an

ideal mixture of perfect gases:

PV=nRT=P= (n/V)RT=CRT so- = P=CRT



After
refractometer can be used to determine the concentration of a solute in a known

> Refractometry (refractive index measurement). calibration, the

solvent,

»  pH-metry (for acid-base reactions): this is used when the pH of the solution

varies during a reaction. In the case of media containing [H30% ] ions, measuring

the pH gives access to the concentration of these ions.
pH=-Log [H30% ]

» Potentiometry (redox reactions).

» Radiochemical methods (using a radioactive tracer). Study of chemical
reactions produced by ionizing radiation

> Microcalorimetry (heat quantities are proportional to the quantity of material
reacted), groups together a set of techniques that measure directly
and the

enthalpy
changes of capacity.

which are involved a chemical reaction

Experimentally, the speed of a reaction can be measured in different ways. In order to
choose the most appropriate method, the physical state of the substance to be measured
must be taken into account. Table 1 shows the different methods used to measure the
quantity of matter transformed or formed and the methods for calculating the rate of

reaction as a function of the physical state of the substance being measured.

Table 1: Methods for a quantity of matter as a function of physical state of the substance

and formula for calculating the velocity.

Phys!cgl Measurement O.f Speed calculation Speed unit
condition amount of material
of the substance
Amass
Speed=
: . A time ofs
Solid Mass, number of particles
Anumber of particles
Speed= mol /s
A time
Avolume
Liuid Volume, mass, number of Speed= - L/s or ml/s
g particles A time
Pressure, volume, mass, Apressure
Gas con(_:entration, number of Speed =~ . o Pa/s
particles
. . AMolar concentration
Speed=
Aqueous solution Concentration pee A time mol/L. s




I1. Determination of the order

The reaction order represents the influence a reactant on the reaction kinetics. Experience
has shown that the speed of reaction increases as the concentration of the reactants
Increases.

Consider a reaction whose balance equation is: aA+bB—cC+dD
The rate of this reaction can be expressed in a simple form such as :

1d[A] 1d[B] 1[c] 1][D]

a dt b dt cdt ddt

= k[A]"[B]™

With :
V reaction speed
k: Rate constant; depends on temperature and can be calculated using Arrhenius’ law.

n : Partial order of reaction with respect to A

m: Partial order of reaction with respect to B

Generally, the order is a positive integer (1, 2, 3), but it can also be zero or fractional (1/2,
1/3, 3/4, etc.). In the case of a reaction with several reactants, the overall order of the
reaction is : n=>yn;

Half-time reaction
I1.1. integral method

The aim is to plot a function a concentration C;, represented in

as a function of time by a straight line, to within the uncertainties of experience . For
example, if: InCi= f(t) is represented by a straight line, the order is 1

A variant of this method involves calculating k on the assumption that the reaction
has a given order. We must then check that the values found for k are the same, within

the uncertainties of the experiments.


https://fr.wikipedia.org/wiki/R%C3%A9actif_(chimie)
https://fr.wikipedia.org/wiki/Loi_d%27Arrhenius

1.2 differential method
The previous method is inefficient when the order is not integer.
If velocity is of the form v= k[A]®

we can also write: Inv=In k+a In[A]. First draw the graph representative
of [A]= f(t)

By reading this graph, we can deduce the slope v(t)= -d[A]/dt .

It should be noted, however, that this determination is a delicate one.

We then plot the graph representing Inv(t) as a function of In[A]. The slope of the

line will give us the order a and the y-intercept In(k).

a) Graphically: Simply plot Ln v=f (In [A]) to obtain a straight line with slope n and y-intercept In k.

Lnv, Lnv=f(In

taga= n

n k

Ln [;]
11.2.1.Initial velocity method
The initial velocity method involves measuring the initial velocity of the reaction for

different initial concentrations of reactant [A]o. This allows us to plot Ln o = f (Ln [A]o),
which is a straight line with slope n and y-intercept Ln k.

If there are several reagents: A +B —C+D this method is applied in such a way as
to Determine the partial order with respect to one of the reactants (A). By measuring a
series of initial velocities as a function d the initial concentration o this reactant and
holding constant the concentration of the other reactant ([B]). The graph Ln v = Ln [A]o
will be a straight line with slope a representing the partial order with respect to (A).

A second series experiments is then carried out, this time varying the initial concentration

of the second reagent [B]o while keeping the concentration of the first reagent [A] constant.



A curve similar to the previous one can then be used to determine the partial order g with

respect to the second reactant (B) and then to determine the overall order of the reaction n,
which is the sum of the partial orders.

vo = k[A1¢[B]? = Inv, = Ink + aIn[A], + B In[B],

The slope of the graph In v,as a function of Ln[Alo gives us a, and the slope of the straight line In v,as a

function of Ln[B]o gives us B. The overall order of the reaction is: n= o + p

111.3. Half-time reaction

The half-reaction time is the time after which the concentration of the reagent is equal to
half its initial value.

This is the time ty/, such that C(ti2)= Ci(t= 0)/2.

How the half-reaction time depends on initial concentrations =is
also characteristic of the reaction order.

> For a reaction of zero order :
at @=0 we have [A], =0

and at t, we have [4],,, = %

[A] = [A]o — kt

[Alo __[Alo
S = [A]lo — kt1/2 = t1/2 =

2k

t=t, =

o For areaction of zero order, the half-reaction time is proportional to
the initial concentration.

» First-order reaction (n=1):

Kinetic law: Let the reaction be

A - B



d[A] d[A]

v=—w=k[A]=>T]=—dt
[A]
In—— =kt
[A]o
o t=ty, :
A
ln[z]o ktys = tY in2
= 2 2 = —
[A]o k

For a reaction of order 1, the half-reaction time is independent of the initial concentration

The graphical representation of ln% as a function of t takes the form of a straight line
0
(y=a.x)or

K :is the slope of the straight line. This expression can also be represented in its exponential
form, which describes an exponential decrease in the concentration of the reagent as a

function of time:

[A] [Ale |
[Alo [A]

taga =Kk

» Second-order reaction (n=2)
In the case a second-order reaction, there are two possible scenarios:

a) Case 1: - (same reagent)
L d[A] 2 _ d[A] 1 1
= —_—= = — = — = — = _—
Kinetic law v o k[A] 2 kdt ] kt + Ao

2 1 1
t=t1/2=>m=kt1/z+m=> t1/2 =m

For a reaction of order 2, the half-reaction time is inversely proportional to the initial



concentration of reagent A

» Reaction of order n

n A — products
_1d[4] d[A]

1 1 1
e k[A]" = A = —nkdt = — ([A]"‘l + [A]g‘l) = kt
t=t1, = Gt
— M, T n(n — 1nk[A]*1

IVV. Degeneration of order

As soon as the overall order becomes greater than 3, the problem of determining the

partial orders becomes difficult to solve.

Take, for example, a velocity law of the type: v = k[A]*[B]P. If we operate with a large

excess of component B, we will have [B] = cte.
The speed law is simplified to: v= Kapp[A] *with Kapp= K[B] P.

All that remains is to determine the partial order a. kapp= k[B] P is called the apparent

constant , since its value depends on the concentration chosen for component B

V. Relaxation techniques

This method, used to study opposing reactions with high rate constants, involves
starting with a mixture in chemical equilibrium and subjecting it to a small

perturbation. The kinetics of the return to chemical equilibrium are studied.

V1. Initial speed method
A series of experiments is carried out at the same temperature The
evolution of [A](t) is studied for a known concentration [Alo.

The value of the initial velocity can be deduced from this: slope of the tangent at the
origin of the

curve [A](1).

For different values of [A]o, we obtain



different values of vo.

Now: vo= K[A] *
Invo= In k+a In[A]o Trace
Invo=f(In[A]o)

The result is a straight line slope p and y-intercept In k

[Aln

= o



Chapter 3

Chemical kinetics theory



I. Introduction:

Advances in theoretical chemical kinetics have made considerable progress in recent
decades. They have been complemented by experimental techniques, in particular

molecular beam and modern spectroscopic techniques.

The successes of these advances are the modifications and developments of the original
basic theories.

Given the elementary reaction A+B — C, the process leading to C can only take place

iIf Aand B are close enough to interact physically and chemically. The two main theories, that
of molecular collisions and that of the activated complex, specify the conditions under which

bringing A and B together can lead to C.

Chemical reaction theory attempts establish the link between the macroscopic level and the

way in which the reaction takes molecular level

I1.Collision theory

This theory is based on an assumption: molecules must collide in order to react, so
chemical transformation (breaking and forming bonds) can only take place if the

molecules meet.

Theory:
% The species are assimilated a to spheres  spheres
% They are independent of each other

% The kinetic energy of the colliding species must be sufficient to pass the
energy barrier.

11.1.Collision speed or frequency (2) :

The frequency of collisions (Z) is the number of collisions per
between two molecular species. The frequency depends directly on the

concentration of the species present.

If we consider bimolecular reactions in the gas phase.



A bimolecular reaction, A+ B, can only occur when the two chemical entities A

and B come into contact.

» The speed of the transformation is therefore proportional to the number
bimolecular shocks between A and B per unit time (frequency

shocks)

The frequency these shocks is itself proportional to the concentration and

each entity.

> If [A] doubles, the frequency of collisions between A and B also doubles. So
the frequency of collisions is proportional to [A][B].

> If the temperature rises, the molecules move faster.
This increases the frequency of collisions between the molecules.

For two different molecules A and B with diameters da and d(g) and masses Ma and Mg ,
the number of bimolecular shocks A-B per unit time, or shock frequency Zag
This theory considers the molecules of the reactants as rigid, neutral, spherical balls in

motion. The number of collisions between A and B per unit time is given by the relation

. 8kpT
A =Njy0o, e

Na Avogadro number

[A][B]

S
oag effective cross-section of the reaction or=x4 and
|
d= ;((1\ + dB)
ks  Boltzmann constant

MMy
M_{g‘l'ME

nag  reduced mass of pa=

8I(BT
TUA

average relative velocity of molecules in a gas



Effective cross-section of a few molecules in nm?

Ar 0.36
C;H, 0.64
CeHe 0.88
CH, 0.46
Cl, 0.93
CO, 0.52
H, 0.27
He 0.21
N, 0.43
Ne 0.24
0, 0.40
SO, 0.58

I1.2.Boltzmann term (fr) :
Two factors need to be taken into account:

Firstly, the two molecules must collide with sufficient energy to break the bonds.

Secondly, the molecules must be in a favorable orientation for the reaction to take

place.

At the moment of collision, the molecules must possess sufficient energy to cause a

rearrangement of chemical bonds (Arrhenius).

If the collision energy is lower than activation , the

molecules are just bouncing around.

Only collisions involving a kinetic energy above the reaction potential barrier are

effective. The probability of such a collision is given by the Boltzmann term:
Eq
ﬂ = e RT

The fraction f,. is between 0 and 1. f.increases as T increases.

reaction speed= collision speed(Zag)/Na . e E&RT




By comparing this relationship with that of the second-order speed law
v=k [A][B], we deduce that, in the context of this theory, the coefficient of
speed k takes the form :

8k,T _Ea

e RT
TTUAB

kZO-AB

In first approximation, this relation is compatible with the equation empirical Arrhenius:
—kE

k= AeTaprovided that the exponential factor outweighs the variationy/7 in which the
pre-exponential factor would be involved.

11.3.Effective collisions (Hinshelwood) The steric factor p :

The effectiveness of a collision depends on :

- The energy involved, which must be greater than Ea,

- The orientation of the molecules at the moment of impact: this must be

favourable, - The theoretical rate of reaction is given by : v=ZAB e(-E_a) /RT)

If we compare zag to the speed of the reaction, if we compare the number of collisions to
the number of particles actually transformed, we see that zag is always very large compared

to the speed of the reaction (v), (zas> Vv (= 107to 108 times). This means that of all the
theoretical collisions

only some of them lead to a chemical transformation.

These shocks are called effective shocks: Zeff=ZAB e(-E_a)yRT)

However, the experimental results are often inferior to the theoretical results. This
difference is linked to the importance of the point impact of the shock. The reaction does
not occur even if the shock has a high energy level if it does not occur at the desired point
(sensitive point). This leads to the introduction of a corrective term called the efficiency or

steric factor or Hinshelwood factor, which is between 0 and 1.

Not all collisions whose energy exceeds E, lead to the formation of products; they are
said to be inefficient. The orientation of the atoms during the collision can influence

product formation, or the return to the reactants.

The steric factor, p, can be included in the expression of the speed law



theoretical. Its value lies between 0 and 1.

v= collision velocity(Z) . e B¥RT P

I1.4.Limitations of collision theory

v/ no P modeling: limited to sphere models
v valid for bimolecular reactions
v valid for gas phase

Collision theory does not go into the details of the interaction between reacting
molecules, nor how energy is distributed within each molecule. As a result, it cannot
adequately account for the differences in velocities observed for different reactions,

or even for different molecules participating in the same class of reactions.

I11. The theory of the activated complex (the transition state)

111.1. Definition

The so-called "activated complex” theory, developed mainly by H. Eyring and

M. Polanyi in the 1930s, is based on the same conceptual framework as collision
theory, but goes into detail about the interactions between the reacting species to
describe the formation of a high-energy intermediate complex or "activated complex",

which decomposes to give the reaction products.

The theory of the activated complex allows the calculation of the velocity constant o f
a reaction between two molecules A and from properitie of these molecules namely
namely

1. The arrangement of atoms within molecules A and B

2. The moments inertia of molecules A and B about their axes of
rotation,

3. The vibrational frequencies of the various bonds between atoms

The theory of the activated complex posits that molecules A and B will move towards



each other through their own motion. The free energy of the system increases as a
result of the interactions, which become more and more pronounced at short distances,
until the molecules A and B can no longer be distinguished as individuals, forming a

high-energy complex labelled AB?.

This complex can decompose, giving back the reactants and/or the products of the

reaction.

The reaction (figure below) is described by two steps:

1. Formation of the complex activated by a rapid equilibrium reaction:

A+B :AB"
2. limiting stage product formation
g stagep AB* 5 C+D
3-stage mechanism: A+B :AB” - C 4+ D

111.2. The speed of the reaction

The rate of reaction is equal to the rate of formation of the products, i.e. the rate of

transformation of the complex: V= k#-C‘,\B"
WitC.,\B“ — K?C\CB

# T : :
K ¢ the equilibrium constant relative to the concentrations between the reactants and
the activated complex

kp.T
the speed of reaction is expressed by V=K =< (‘.-\B“
kg is Boltzmann's constant ( 1.381 10-23J K1),

h Planck's constant (6.626 10-34J s)

K, the transmission factor, represents the proportion of activated molecules which,
crossing the top of the energy barrier, actually transform to give the reaction products.
In most cases, this factor is

equal to 1



the expression for the speed coefficient becomes :

ke T
k= —
h

25 exp (o)

o () exe (o

withA*G® = =R.T.In K* A*G° = A*H° — T.A*S°

To illustrate more precisely the notion of reaction path and transition state, we'll
construct the potential energy surface in the simplest case where an atom A reacts

with a molecule BC to replace one of its atoms (C).

The reaction under consideration is written:

A+BCo(A--B--C)* 5A-B+C

111.3. The path on potential energy surface

The reaction path has been defined as the sequence of states of the system that allows
it to pass from the initial state (reactants) to the final state (products) with the
minimum input of energy to cross the potential energy barrier. As its name suggests,
the potential energy surface represents only the potential energy to which we must
add the Kinetic energy (translation, rotation, vibration) of all the system's constituents
to obtain its total energy. If we consider the system in its initial state (A+ BC ), the
molecule BC has a vibratory motion that gives it vibratory kinetic energy. Taking this
motion into account, the representative point of the system is no longer fixed, but

moves to either side of the equilibrium position.



| Energie
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If we now consider the approach of the two reactants (A and BC ) along the BC axis,
we must add a kinetic energy term that places the representative point of the system

at a certain height with respect to the energy surface

potential. As the reactants approach each other, the projection of the system's

representative point on the plane will move as shown in the animation.

As the system *'climbs'* towards the pass, its potential energy increases and it

loses kinetic energy (or its Kinetic energy decreases accordingly).



> Passage not successful

If the system's Kinetic energy is insufficient, it will not be able to reach the transition
state. It will therefore "go back" and the reactants will separate without having

reacted.
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111.4. Conclusion

As soon as we're dealing with more complex systems with more than three atoms,
it becomes impossible to represent the potential energy surface. But the concepts
developed above remain valid. We therefore need to imagine the reaction path and
validate it by performing point calculations at a series of characteristic points

along the path. One of the trickiest points is characterizing the transition state and
its vibrational modes.

In reactions involving more complex reactants, the vibration corresponding to the
transition state may involve many atoms and cannot always be easily associated with

a particular bond. However, the concept of transition state vibration taking place
"along the reaction path" remains.



Chapter 4

Homogeneous Catalysis



l. Introduction:

For a thermodynamically feasible reaction, the catalyst is the third
most important factor after concentration and temperature, making it possible to
favourably modify the speed of the reaction by a considerable . gain in reaction
timelt also significantly the activation energy, thereby favouring the formation

of the activated complex.reduces

1. Definitions:
A catalyst is a substance that modifies the rate of a chemical reaction without itself

undergoing any modification (is not consumed in the reaction). When the catalyst in
question increases the speed of the reaction, it is said to be a positive catalyst or promoter;

when it does not, it is said to be a negative catalyst or inhibitor.

A+B+Cat —products +Cat

]

Catalysis is homogeneous when the catalyst and the reaction medium are in the same phase,

heterogeneous when the reactions take place at the interface of 2 media. The catalyst acts
in infinitesimal doses. The action of the catalyst is interpreted by admitting that it carries
out the chemical transformation according to a reaction whose resulting activation energy
Is less than that of the normal reaction. Figure I. 14 shows the variation in the activation

energy of a catalysed or non-catalysed system.



Energy Transition state

Reagents

Etat du systéme

Figure 1. 14: Variation in the activation energy of a catalysed or non-catalysed
system. ae2<ag1 with :

AE;: activation energy of the normal reaction
AEj:activation energy of the catalysed reaction
It is possible for one of the products formed during a reaction to be a catalyst for that

reaction, in which case it is referred to as an autocatalytic reaction.

I11. Properties of catalysts:
I11.1. Selectivity:

A catalyst can direct (or favour) reactions. For example, at 400°C, the alcohol
C,HsOH leads to two different products depending on the catalyst: there an orientation
effect.

For example

Al>0 3 - CaxHa+ H20

m CH:CHO-+ H>



I11.2. Specificity:
- Atype of catalyst is specific 1 reaction. For example, among

the catalysts for the hydrogenation of double or triple bonds:
- (Pd) catalysts are specifically designed hydrogenation C=C In C= C.

- (Pt) or (Ni) catalysts are specific hydrogenation C=Cor C=C

in C-C.

IV. Order of reaction in relation to the catalyst

Consider the reaction A—p+q in the presence of catalyst C, an intermediate

compound, 1, is formed between A and C.

A+C 2 1 P+qg+C
k_yq -

If 1 is highly reactive (k, is large), it can be considered an active centre and the AEQS

can be applied to it.

d[1] ky
—- = klAllC] - k41— k(1] = 0= [1] = m[A][C]
d kyk
v = % = kz[l] = ﬁ[/l][c]

The reaction is of order 1 with respect to the catalyst

V. Acid-base catalysis
Acids and bases are the simplest and oldest known catalysts in the liquid phase. Catalysis

Is said to be acid-base if the chemical reaction is catalysed by an acid (presence H* ions)

or by a base (presence HO- ions ). There are two types of acid-base catalysis:



a) Specific acid-base catalysis: in this type of catalysis, the speed of the reaction
IS proportional to the concentration of ionised solvent molecules, and the
observable catalytic effects are due to those formed from the solvent itself. In this
case, the acid or base catalyst helps to speed up the reaction by encouraging the

chemical equilibrium shift in the direction of ionised solvent formation:

S+AH-SH*+A~

Ester hydrolysis is an example where H* and OH- ions act as catalysts

6) o)
Il I + :
CH;—C—O—R +H* - CH;—C—0O—H %22, CH,COOH + ROH + H*
l
R

o) -
T |
CH;—C—0 +0OH — CH;—C—0O—R 22, CH,COOH + ROH + OH"
| :
R OH


https://fr.wikipedia.org/wiki/%C3%89quilibre_chimique

The reaction rate is
v = k[S]

[S] : Concentration of the ester

k is the apparent rate constant, which depends on the pH, as the reaction is catalysed by H* or
OH-.

If B is the rate constant of the spontaneous process (in the absence H*and OH-ions), the
constant of speed k is written :

- In acid medium: Ka=Ko+Ku- [H30 -]

- In a basic medium: KB=K0+KOH [OH -]

If catalysis is carried out simultaneously by the ions H* and OH-and the reaction also occurs

in the absence of these ions, the apparent rate constant can be written as follows:
k = kO + kH+ [H30+] + kOH_ [OH_]

The speed of reaction is written as :
v = ko[S] + ky+[Hs07][S] + koy-[OHT][S]

To illustrate the variations in k as a function of pH, let's assume that ko is very small compared
with either of the two terms as soon as the pH differs significantly from the minimum value
(pH)m corresponding to [H3O+. In this case, in an acidic environment, log k will vary linearly
with pH along a straight line with slope (-1) and in a basic environment, it will be the same

along a straight line with slope (+1), graphically obtaining the shape of curve (a) in Fig I. 15.

The three other cases frequently encountered are shown in Fig I. 15 :

- Curve (b) is encountered in the case where the constant o is not at all negligible over a
certain pH range.

- Curve (c) occurs OH" ions do not catalyse the reaction.

- Curve (d) occurs when HsO *do not catalyse the reaction.
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-Figure 1. 15: Schematic variation of log k as a function of pH in the case of catalysis by
HsO" and OH- ions.

b) General acid-base catalysis
In general acid-base catalysis, all species capable of donating H* protons or OH® contribute

speeding up the reaction. The strongest acids and bases are the most effective. In this case, it
is not only the H3O+ and OH" ions resulting the reaction of the weak acid or base with water
that are responsible for the catalytic effect. In fact, even the acidic form AH and the basic form

A-have catalytic power.

V1. Autocatalysis:
A reaction is autocatalysed when one of the reaction products is involved in the
rate equation.

Example: oxidation of oxalic acid by potassium .permanganate
2Mn0O, + 2C,0~ +16H* — 2Mn** +4C0, + 8H,0

The decolourisation of the permanganate is slow at the start of the reaction and



becomes faster. The kinetic study shows that the speed of the reaction is of the

form:

v =k[C,0,%7][Mn?7]
Therefore Mn2*autocatalyses the reaction.
Another example isthe hydrolysis of esters autocatalysed by the acid weak
released during reaction.

HCOOC,H. + H,0 — HCOOH + C,H.OH

#= K[Ester |. [HCOOH]
VII. heterogeneous catalysis :

The catalyst is solid, the products and reagents are in the liquid phase or in the liquid gas.
The reaction takes place at the surface of the catalyst. The larger the surface, greater the

efficiency is high

In industrial terms, heterogeneous catalysis has gained considerable
momentum in recent decades, which is why there is a research being carried out in

this field.great deal of

VI1.1. Mechanism of heterogeneous :catalysis
The important stages involved inthe mechanism are:
a. Diffusion of reagents from the homogeneous phase towards the surface of the catalyst.
b. Adsorption of reagents to the surface.

c. The chemical reaction between the different species adsorbed on the
surface of the catalyst is often the slowest stage and the one that determines
the speed of the reaction.

d. Desorption of the products formed on the surface of the catalyst.



EXERCISES WITH SOLUTIONS



EXERCISE 1:

When of the decomposition by the heat, in volume constant, the vanadium to nitrogen,
in phase

gaseous and following the reaction : N20Os —k> 2NO2 + Y2 O

It is found that the time t; at the end of which one-half of N,Os original has

disappeared is independent of the initial pressure.
1) In deducing the order of the reaction.

2) A 55°C, one finds that the time t; is of 460 seconds. Calculate the constant of speed k of
decomposition of N2Os.

EXERCISE 2:

The bromo-2 octane optically active substance is subjected to the action of the potash in
a solvent containing a volume of 60% water and 40% ethyl alcohol. It will form the
corresponding alcohol with inversion of configuration, and bromide of potassium. The
Kinetic study of this reaction gives the following results at a given temperature :

[Br].10° mol.I* 202 288 336 366 436
t in seconds 1000 2000 3000 4000 10000

Knowing that this was a party of 1 liter of a solution containing 0.5 mol of bromo-2
octane and 0.5 mole of potash, show that the reaction is second order and calculate the
rate constant.

EXERCISE 3 :

It assumes that the reaction of the pyrolysis of a compound Has the equation : A (g) —
B (g) admits an order. It was obtained at 298 K, the following results :

[A] (103mol.L1) 16 12,8 9,6 6,4 3,2
- Time in seconds 0 4 10,68 24 64

Determine the order of this reaction and that the constant of speed k.
EXERCISE 4 :

One introduces the ethylamine into an empty container of air at 500 °C. The pressure is
55 mm of mercury at time t = 0.
The decomposition of the body has been held at this temperature and gives CoHs and NHs.



The volume of the container will remain constant for the duration of the reaction,
measure the gas pressure to total P at various time intervals. The results obtained are

P (mm of Hg) T (mn)
55 0
60 1
72,5 4
89 10

recorded in the following table +Fhe-gas-are-assumed-to-beperfect

1) Show, by calculating the rate constant k, for the reaction of decomposition of ethylamine is of the
first order.

2) Has 1000 K, what is the time required to make it go away 80% of the ethylamine ?

3) In deduct the factor pre-exponential of the reaction.

Data : Ea =600 J. mol? R =8,32 J. molt.K! =623 mmHg.l.mol*.K*

Exercise 5 :
The decomposition of nitric nitrogen in the gas phase has been proposed to obtain an
atmosphere suitable in space capsules :

2N20 — 2Nz + O2 (k)
This reaction has been studied by introducing it in a container of volume V constant,
draining, a certain amount of monoxide, dinitrogen, and by measuring the total pressure
Pt in the course of time. The following results were obtained at 800 K, the pressures are
measured in units of mmHg :

t / min 0 12 26 45
Pt/ mmHg 100 106,2 112,5 119,5

1) Give the expression for the rate of disappearance of N.O and formation of N2. To establish a
relationship between them.

2) If it is assumed that the unit of the rate constant of the reaction is min, what will be the order of
the reaction ?

3) We want to verify, from the data in the table relating to T1 = 800 K, the reaction is indeed not
simple. The monoxide dinitrogen is pure to the initial state and the gas are assumed to be perfect.

In assuming that the order of the reaction is a whole number belonging to the

P
2kit=In—2—
3P, 2P

I

interval ]3 , O[ Prove the following equality :
With : k : constant of speed of the Reaction reaction.
t:time.
Po : pressure initial of N2O.
P: : pressure total in the enclosure to the date t.
4) By the method of calculation, calculate the constant of speed k for the reaction at this temperature T.
5) Always at the same temperature Ty, calculate the time, t, after which 20% of N.O was not consumed.

What is the total pressure reign, and in the compound at tgoo ?
6) Knowing that the rate constant for the reaction above at T = 600 K shows the 1/3 of the rate



constant at T: = 800 K, determine the activation energy and the frequency factor of the reaction.
(R constant of an ideal gas is equal to 2 cal. mol*K™).

Correction of the Series 1

EXERCISE 4 :

1) The time t1 is independent of the pressure wants to say that it is independent of the
concentration , therefore, the order of the reaction is a.

2) t1 is equivalent to t1 , and since the reaction is of first order , therefore :

[NZC)S]D
a7
[N O5]

N0y,
— [NV, O,
(3 H~von,

“tirez

= kt—= In

1 1 .
k=|— |Ln2 —[—Jan ~1,5.107°s"
L 460

EXERCISE S :
Bromo-2 octane + OH-—X Octane-2 - ol + Br

Law of speed : -d[Bromo-2 octane]/dt = k[Bromo-2 octane]*. [OH]

Since the concentrations initials are equal , and since it was asked in the year to

demonstrate that the order is 2, so the equation kinetics becomes :
-d[Bromo-2 octane]/dt = k[Bromo-2 octane]!. [OH]*= k[Bromo-2 octane]?

d|Bromo — 2 octane
So; — dbromo ~2octane] _ ¢

d[Bromo — 2 octane]

After integration, one obtains:

1 1
— =kt

[Bromo - 2octane] [Bromo - 2 octane], a

Itis to be noted that in the year it gives the amount of Br- formeé, so :
[Bromo-2 octane] remaining = [Bromo-2 octane]o- [Br ]formed

To demonstrate that theorder is 2 ,and derive the constant
of speed of two methods are presented (calculation method or
graphical method) :

- Method of calculation :



t en secondes 1000 2000 3000 4000 10000

[Br] molL.1" 0,202 0,288 0,336 0,366 0,436

[Bromo-2 octane] moll' =0,5— [Br] 0,298 0,212 0,164 0,134 0,064

(IJ 1 1 | 1.35.10° [ 1,36.10” [1,36.10° | 1,36.10” | 1,36.10”
t /| [Bromo - 2 octane] [Bromo - 2 octane], -

The constant of speed, k is constant , therefore, the order is well - 2 and kayg = 1,36.10° mol-
lLst

- Method graph :
! — ! In bearing in function of the time and it checks to see line.
[Bromo—2octane] [Bromo—2octane],
18
16 1/[Bromo-2octane] = 0,0014t + 1,9896
™ R2=1
§ 14
g 12
a 10
=
g 8
e 6
B 4
- 2
0
0 2000 4000 6000 8000 10000 12000
t

It is clear based on the table that It is a right of coefficient of correlation R?=1 , so the
reaction is second-order and k=1,4.10° mol™*.L.s™.

EXERCISE 6:
To determine the order as well as the constant of speed of the reaction of pyrolysis

Has —K, Products , using the integral method, which is to make guesses orders.

Assume that the order is zero and check the compatibility of data experimental with the law
Kinetics.

-d[A]/dt = K[A]’=k =[A]-[A]o=k. t

Verification of the compatibility of this relationship with the data - experimental.



Time in seconds 0 4 10,68 24 64

[A] (10°mol.L1) 16 12,8 9,6 6,4 3,2
(11).([A]-[Alo)=k - 0,8.10°  jand 0.6.10° [t0 0.4.10° |t00.2.10°
According to the table the value of the constant of the speed is not constant , therefore,
it n there was not of compatibility.

We continue , therefore, the assumptions , and we assume this time that the order
Is two and we redid the same thing.

-d[A]/dt = k[A]*=k = L1y
Al (A,
Temps en seconde 0 4 10,68 24 64
[A] (10°mol.L'1) 16 12,8 9,6 6,4 3,2

(1](1_ 1 Jk - 3.9 3.9 3.9 3.9
t)JUIAl 1A,

According to the table the value of the rate constant is constant, therefore there has to
be compatibility between the law Kinetics and the experimental data so the order is 2,
and k=a 3.9 mol.L.s™.

EXERCISE 7 :
1) Is the reaction : CoHsNH: —k>CzH4 + NHs

Progress CoHsNHz g CoHa(g) NH3()
t=0 No= PoV/RT 0 0
tany No —a = P(consnH2) VIRT o o

The number of mol total to the date t is no+a = PV/RT (1)

No —a = P(consnnz) -V/RT (2) By adding up the two equations (1) and (2) one
obtains : P(coHsnH2)=2-P (P(caHsnH2) - partial pressure of CoHsNH; , and P

Is total pressure).

Reaction order 1 :

(C, H,NH,], P,/ RT P,

In—= > *° — kt=1In =In
|C, FI,NFL | R /RT (2R - F)

(Cyp Hy NHy)

Conformity of the data with the experimental with the relationship of theoretical previous :

Time in (min) 0 1 4 10
Pressure in (mmHg) 55 60 72,5 89
1 P,
k="Ln____° " " "
t (2Po—P) - 9,53.10 9,57.10“ | 9,62.10




It turns out that one has obtained the same value of the rate constant, the reaction is of

first order and kKavg = 9,57.102 min™,

» Calculate first the constant of speed to 1000 K,

—fa
Arrhénius kT = AeRT

e T;=773Kand T,=1000K. Based on the equation of Arrhenius it has

Ea[ 1 1] 600 (L, 1 ]
R\T, T, _ —2 8,314\ 773 1000 .
sz = le'e YPOAN sz = 9,57 10 “.e =9,77.10% min™".

» The time necessary to make it disappear 80% of The ethylamine is :

b = |~ | LGN ) (13,0 ;2 Ln(5) =16,47 min
k) 20%.|C,H,NH,], \k (9,77.107%)

t1/2 = t80% = 16,47 minutes.
Exercise :
1) Vdn2o) = - 2d[N20]/dt = K[N2O]P  Vfinz) = Y2d[N2] = k [N2O]P Vdn20) = VIng)

2) If the unit of the constant of speed is time (min™!) then the reaction is of first order.

3) The reaction is not simple wants to say that the order is not 2, not 0 and 3 because the order belongs to

p
) ) ) 2kt=Ln 0
interval ]3,0[. It remains to assume that the order is 1 and 3P, - 2P,
. . P
demonstrate the relationship 2kt = In—>
3Py—P;
Progress 2N20() 2N3() O2()
t=0 no = POV/RT 0 0
t any No —2a = P(n2o) .VIRT 20 i}

The number of mol total to the date t is no+a = P V/RT
(1) No - 20=Ppn20.V/IRT

By multiplying the equation (1) by a factor of 2 , and by adding
up the two equations (1) and (2) one obtains : Pnz0=3Po-2P¢

(Povzo) - partial pressure of N0 and P; total pressure).



Py
: N, 0 P
Reaction order 1: In 22200 — 2p¢ = In3 [ _ 1 Py
[NZO] NZO/RT 3P0_2Pt

2

4) Compliance of data with the experimental with the relationship of
theoretical previous :

Time in (min) 0 12 26 45

Pressure Pyin (mmHg) | 100 106,2 112,5 119,5
1 P,

k=—n—— | | 55110% | 553.10° 5,49.10°
2t (BPo—-2P,))

It turns out that one has obtained the same value of the rate

constant, the reaction is of first order and

kavg = 5,5.10_3 minl.




Reaction order 1 : ln[ 200 _ = 2kt
[N,0]

(), WOl (L), e [ 1 _ .
fo _[ZkJL 20%.[N, 0], [ij'm(s)_((z).(5,5.10'3)}m(5)_146‘3 e

P 3P -2P
*okt=In—0 = gy [pCBE) o pour _BR2F)

(3B -2F) R 3

P
-0 @3- e—zk,rm) :@(3_ ) (5,5.10-3). (146, 3)) 140 mmHg

5) keoo=1/3.ksoo calculate the energy of activation and the factor pre-exponential :

—Ea

Ea ..
- k RB00 E(;_L)
k= Ae’®"  (Equation d’Arrhénius) -2 =3= ¢ —— =R 6080 — Jn(3) = Ea (L_L)
600 e( 2600 R 600 800
C'est-a-dire Ea = R.Ln(3) LI . = 2.Ln(3) 1o h = 5,27 kcal.mol™
T 600® 800 600 s00] T
Ea 5270

ksoo = A.e%8% donc A = 5’5.10—3_8(2),(300)

A=1,48.10"1 mint



Series 2

EXERCISE 1:

Is the reaction of decomposition of a species chemical Has in two compounds B and C.

B
kl
A u<
C
1) Of what type of reaction is it ?
2) To establish a relationship between the constant of speed k; and the

concentrations bet in the game for the reaction above, which is supposed to the first

order.
([Al, [B] and [C] denote , respectively, the concentrations of A, B and C at a time t given ,

and [A], the concentration of A at t = zero).
- Knowing this time that C is the product obtained at from B,
3) Define the type of reaction
4) Give the concentration of A, B and C in function of time as well as time

maximum training of B.

EXERCISE 2 :
k1

It focuses on a balance of order a: A % B
Has t = 0, the concentration of A is a, that of B is b. Has the time t, that of B is b-x.

1) To establish a relationship between x and the time.
2) On the curve experimental, it falls within the values x; and X, to the instants t; and t;

in the case where

ki+k,

t= 2t,. In deducing an expression in the report 6 = Kbrak,

3) Calculate the constants k; and ko, it gives : a = 0,083 mol.I"t; b =1,767 mol.I*; x; =
0,23 mol.I"t; x, = 0,424 mol.I* and t; = 50.103 s.



EXERCISE 3 :

It is proposed to study the kinetics of the reaction of decomposition of
Ethanal :

To interpret the facts , experimental, we postulate the mechanism following :

CH;CHO _K CHs;* + CHO"
CHO' _k2 CO + H°

H* + CH3;CHO k3, H, + CH;CO"
CH5CO" < BN CHs" + CO
CHy + CHsCHO —X9, CHs + CH,CO®
2CH," _ k6, C,Hs

1) Show that this mechanism is compatible with the equation, the
stoichiometric proposed previously.

2) Describe the different phases of the mechanism, in specifying the role that will play Mr.

3) Give the expression for the rate of formation of CH, as a function of the different rate
constants of the elementary steps and the concentrations of the species stable (it will be
assumed that the steady-state radical H*, CHO*, CH3CO*® and CHjs" is reached).

4) Deduce the order and the activation energy of the overall reaction predicted by this

mechanism, it gives (E; = 76 kcal.mol™? , Es = a 7.8 kcal.mol?, Es = 0,02 kcal.mol?).

Exercise 4 :

The mixture stoichiometric H, + 1/2 O, is a mixture of agas in a certain area of

temperature and of pressure. H, + 1/2 0, K, H.0
The experimental conditions suggest the existence of a process of radical chain divergent;
Hinshelwood proposed the following mechanism :



Initiation : shocks on wall : H2 —>2H k1l Q)

Spread : H* + O, —OH*+ 0O k2 2
O +Hy — OH* + H° k3 (3)
OH* + H> —> HO + H* k4 (4)
Terminator: shock on wall and possibly the appearance of water :
H° — H*fixed k5 (5)
OH°® — OH°set k6 (6)

1) Write the speed of synthesis of the water - v according to the reaction (4).
2) Knowing that, for each process, elementary, the order identifies itself to the
molécularité, and that after an induction phase is very brief, the principle of the stationary

condition is satisfied, show that v can be put under the form:

a[H, [ [0,]

Yo B+7y[H |+ 6[H, [0, ]

Identify o, B, y and 0 in function of ki. (1<i <6)
3) In the case where B + y[Hz2] + 6[H2].[O2] = 4/k -5, in deducing the order total and
an expression of the rate constant K of the reaction of synthesis of water.



Correction of the series 2 :

1) Itis a reaction parallel (twin)

2) -d[A]/dt = ke[A] + ko[A] = (k1 + k2).[A] this , which implies that -d[A]/[A] = (k1 + k2).dt.

After integration, one obtains : ln% = (ky + k3) €H)
d[B}/dt = ki[A] )
d[C]/dt = ko[A] ®)
d[ Bl i i 1 51 k rlcl K 1C
- —— = ! d| Bl = 1 d[C =1 kK, = 1
@/ = GieT = & = [ B] s [Cl= [ dIB] % dicio d[Cl = k, (51

Itis to note that at t=0: [B]o =[C]o=0

[4]g
. : Ky [Cl\ _ 4. [4lo : _ BlIny
Replaced in (1) itleadsto ¢ (k1 + 5 ) = In 7 where finally kq = ———- GBI+ 1CD

3- Itis a reaction consecutive or successive.

4-

[A] =[Al,.e

2 1

[B] — [A]U- P kl P -(efkl{ o eszz)

kz —kyt kl — kot
[Cl=[A]l, —|Bl—-[A]l = [A]D(IHE +—k2 s e j

3) B passes by a maximum of concentration corresponding to d[B]/dt =0




EXERCISE 2 :

1. Itis to study the equilibrium between two bodies A and B

k1
=

A B
According to the statementat t=0 [A] =aand [B] =band ato t in any
[A] = a+x and [B] = b-x Equation kinetics that governs the balance :

-d[A]/dt = ka[A]-k2[B] = ki(a+x)-ka(b-X) , therefore :
~d(a+x)/dt = -dx/dt = ky(a+x)-ka(b-x) = dx/dt=ksb k-1(a - (ks k»).x Therefore :

dx x dx t
(k,b—k,a) — (k, + k,).x di= |, (k,b— k,a) — (k, +k2).X7-L dt=
Ln((k,b—ka) — (k, + k,) %) | i
[ - (1(1 +](2) 1} —f= [Ln(Ckzb _kla) - (kl +kz)'X)]0 = _(kl +kz)t
(kyp—ka) — (k + k) .x  (htk)
— Ln (k,b— k. 2) =—(k +k,).t— Ln(1 —(kzb—kla) x) =—(k + k) .t =

_ (b= ka)

(1 _ e—(kl+k2J.r)
(k + k;)

Atty : Ln(1-6.x,) = -(kitko)ts
Atty: Ln(1-6.x,) = -(kitko)t,

(2/1) : and since t, = 2t:

Ln(1—-06x,) _ 2
In(1—0x,) 2=In(1-06x,)=(1—06x, ))
Equation of the second degree in 0 : Resolution of the equation leads to
_ 2x1 - x2
0 = e

a= 0,083, b=1,767, x1=0,23 , X,=0,424 et t;=50.103 secondes

2x1 — X
9: 1 2

2
X1



2X; — X ki +k K b —1
1 2 2 A1 =019

0 = = = =
X12 kzb - kla KZ 1 + 961

We know that :

—Ln(1-6x,)
(1+0,19)t,

EXERCISE 3 :

1) At the level of the mechanism, if one multiplies the reaction 4 with a coefficient of 2 and is the

Therefore, k, = et k, =019k, =1,5.107° = k, = 2,86.10 6571

sum of the reactants and the sum of the products, on the other hand, we reproduced the overall
reaction.

1D+(@2)+(@3)+2.(4)+(5) +(6) = 3CH3;COH — CH4 + 3CO + CyoHg + Hy

2) - Induction Phase (1) this is the stage in which one generates the first holder of the chain it is a
slow step that requires a lot of energy.

- Phase of propagation (2), (3), (4) and (5) itis the step in which it consumes the bearer of the

string and it refreshes others, it is a fast stage.

- Phase termination or breach (6) it is the judgment of the chain, it is a step that requires the absorption

of the excess of the energy provided at the level of initiation to prevent a new dissociation.

M plays the role of the absorption of the excess of energy provided at the level of the phase
of initiation.

3)Vicray = ks[CH3*].[CH3CHO]

Apply the AEQS to CHs*, CHO®, H*, CH3CO* :

* d[CH3*]/dt= 0 = kq[CH3CHO]+ksCH3CQO"]-ks[CH *][CH3sCHO]-2ks[CHs"]* (1)
* d[CHO*)/dt= 0 = k;[CH3CHO]-k2[CHO"] )

* d[H*}/dt= 0 = ky[CHO"]-ks[H*][CH3CHO] €))

* d[CH3CO/dt= 0 = k3[H*][CH3CHO]-ks[CH3CO*]+ks[CH3*][CHsCHO] (4)

k
(1) + (2) + (3) + (4) = 2k, [CH3CHO]-2kg[CH3"]*=0 :~,1(:11;,='|:JFl |CH,CHO|

]

|k m
Vi - k. | " [CH,CHOI[CH,CHO) _ k, |-

V& V&

|CH,CHO)*"*



—Eaq1

k . . —Ea “Eas |4 e RT
We pose :k = ks /k—l , Equation Arrhenius :Ae Rt = Age rT |[=
6

Ea
Ea Eag R

Fay, —=>FEa.=E.s5 + % (Ea1-Eas) = 7.8+1/2 (76-0,02) = 45,79 kcal.mol™.

e.ﬁ:‘T

e RT — g RT

Exercise :

1) ViH20)= ka.JOH*].[H2]

2) Apply the AEQS to [OH"]

* d[OH*)/dt = 0 = ko.[H*].[O2] + k3.[0°].[H2] — ka.[OH*].[H2] — Kk -6.[OH] ()

The expression (1) is a function also of other species labile, so it is necessary to establish the
AEQS to [H*]and [O*]

*d[H*])/dt = 0 = 2ky.[H2] — k2.[H*].[O2] + k3.[O°].[H2] + ka.[OH*].[H2] — ks.[H*] (2)

* d[O*]/dt = 0 = ka.[H"].[02] — ks.[0°].[H2] 3)

(2) + (3) = 2k1.[H2] + ka.[OH*].[H2] — ks.[H] =0 (4)
(2) = [O°]=ka.[H*].[02] / ka.[H2] replaced, in the expression (1) we obtain :
2 K2.[H*].[02] — Ka.[OH*].[H2] — k -6.[OH*] = 0 (5)

2k,.[H,] + k,.[OH"1.[H,]
I{S

@ = [H'] =

Replaced in (5) we obtain an equation in a single unknown [OH*].

4k, [H,110,] | 2k, k,.[OH"L.IH,]0,]
k. k.

J

—k,.[OH"].[H,]-k,.[OH"] =0



4k, .k,.[H,].[0,]
‘kS
[OH] = 2Kk,k,.[H,]1.[0,] .
RS

k,.[H,]+kg

Expression of the speed of formation of H,O:

N 4kk,k,.[H,]%.[0,]
M0 = o,k [H, 1[0, 1+ K k. [H, ]+ kk,

_ duflo]l
G, el )o] ™

a=4akk,k, ;: f=kky: y= K,k et O=-2k,k,

3) In the case where B + y[Hz] + 6[H2].[02] = 4/ks 50 v=K.[Hz]™.[02]" = Ki.kz.ka.ks.[H2]?.[O2]"

= global order is 3, and the rate constant K is equal to ki.k2.ka.K s.



Exercises




Kinetics Chemical : Series of TD N°1

Exercise N°1 :

Is the reaction hypothetical follows : aA + bB cC+— dD + eE

Give the different expressions of the speed of this reaction in function of the concentration, the
number of moles or partial pressure, assuming that it is carried out at room temperature and

volume constant.

Exercise N°2 :

Is the transformation following : Ester + base — Salt + alcohol. At the dose of the base

remaining in solution, and on trpreffered this :

Time(S) [0 150 300 450 600 750

[Base] mole/l |102  [7.7103 6.2510°  |5.2510° 45510°  [410°

1°) Draw the curve giving [Base] in function of the (Time)
2°) Determine the speed average between the instants t=150 s and t= 450 s

3°) Calculate the instantaneous velocity at t=600 s.

Exercise N°3 :

In the course of the reaction : 2N,Os — 4NO- + O,, the speed of disappearance of
N2Os is, at time t; given va(N2Os) = 2.10% mol. L™1.s™

In infer (at this moment) the value of vi, the speed overall of the reaction, as well as those of

Vii(NO2) and v (O2), formation rates (of appearance) of the two products.
Exercise N°4 :

The peroxide liquid hydrogen (H.O.) decomposes into water and dioxygen in the
presence of FeCl; (catalyst) according to the reaction as follows : 2H.O,;— 2 H20q) + O. In
the un container, introduced on the peroxide and the catalyst and on the measure in the
course of time the volume of O released.



Time in minutes 0 2 4 6 10 |15 20 25

n of Oz (10° mol) 0 2 4 6 20 (30 40 48

Conc of H202 (10 mol/L) (40 39.6 [39.2 38.8 34 32 30.4

a) Calculate the speed average of formation of O2 between 4 and 10 minutes.

b) Calculate the concentration of H202 at time t = 10 min

c¢) Draw the graph of the evolution of the concentration of H202 as a function of time.

d) Determine graphically the time after which the 1/8 of H202 has been decomposed.

Exercise #5 :

Having to make it on double leaf
H.+1, give 2 HI

On the door at a temperature of 350°C, four balloons of 1L: A, B, C and D containing each of
0.50 mmol of H.. The balloons are maintained at this temperature during different periods of
time, and then they are cooled suddenly. The diiode remaining in each balloon is first
dissolved in a solution of potassium iodide (which takes on a yellow color),and then it is
dosed par a solution of sodium thiosulfate formula Na.S,Os and the molar concentration

C=0,050 mol.L™1,

1. The end of the dosing est indicated by discoloration of the solution diiode. Either Vss
the volume of the solution of thiosulphate of sodium necessary to pour obtain the

discoloration.

It gives couples the redox following: (12/1"= 0,62 V; $30627/52032" = 0,09 V)
(Itg p g

2. Explain the general principle of the manipulation.
3. Explain the principle of the assay of diiode in the solution and write the equation for
the reaction corresponding.

4. Complete the table after grouping the results of experimental obtained:



balloon A B C D

t (min) 50 100 150 200
Vdss (mL) 16,6 13,7 (114 94
N203 (mmol)

n(l2) remaining
(mmol)
1. Draw of the curve representing the amount of diiode remaining in the community
reaction as a function of time. Deduce the instantaneous speed of the disappearance of
the diiode at t=100 min. Deduce the instantaneous speed of formation of the iodide of

hydrogen at the same time.



Kinetic Chimigeu : Series of TD N°2

Exercise N°1 :

Is the following reaction : 2NO + 2H, — 2H,O0 + N;

1) Express the speed of formation of the products, of disappearance of the reactants and the reaction
rate.

2) On met H en excesses in front of NOT : The reaction admits of the united nations in
order to be equal to " 2 ". On met NOT in excess in front of H. : The reaction admits of
the united nations in order to be equal to " 1 ™.
a) What is the est, the order total of the reaction ? Quelle est sa molécularité ? The reaction is

elementary ?

b) Express the speed of this reaction function of the concentrations of the 2 reagents.

3) Imagine the mechanism of this reaction in knowing :
- He was a step slow and a fast one.
- Itis the form of the peroxide of hydrogen, H>O> as an intermediate.

Exercise N°2 :

The decomposition of water to hydrogen peroxide (H.O; est catalyzed by the ion - iodides (I
and the mechanism of this reaction in solution is:

HO0, + I > H.O+ 10~ (slow reaction) 10 +
H.0; > H.O + I+ O, (reaction fast)

1°) Write the equation-balance sheet of this

reaction. 2°) Express the rate of this reaction.
3°) What can we say of the ion-10",

Exercise N°3 :

Is the reaction : CHsl + C;HsONa — CH3;OC:Hs + Nal. It est d'ordre world ‘2’ and K is

its constant speed. On a bench the experimental results, the following : (R = 8,31 J. K-~.mol

)
T (°C) 0 6 12 18 24 30
K (mol*.The.s” [5,60.10° [11,8.10° |24,5.10° |48,8.10° (100.10° 208.10°
)

In deducing the energy of activation of this reaction, as well as son-factor of frequency.



Exercise N°4 :

a) The constant of speed of the reaction 2 N205(g) —4 No2(g) + O2(g) double when
on password

22.50°C to 27,47°C. Determine the activation energy of the reaction.
A reaction has an energy of activation of 70 kJ. What is the est the value of the ratio of

the speeds of 40°C and 60°C?



Kinetics Chemical : Series of TD N°3

Exercise N°1 :

Pour the reaction : N205(g) — 2 N2(g) + %2 O2(g) on the united nations , the results
of experimental the following :

Experience [N205] in mol/L of Speed in mol/(L. min)
1 0,01 0,018
2 0,02 0,036
3 0,04 0,072

a)  Determine the order of the reaction in justifying.
by  Calculate the constant speed and the half-life of this reaction.

Exercise N°2 :
Is a reaction of the type : A+ B — C. Three experiments lead to the following

results :

experiment 1 experiment 2 experiment 3
[A] (mol /L) |2 6,1 8,1
[B] (mol /L) |2 2 6
-d[A] / dt (mol /L.|0,032 0,29 1,5
)

a) Give the general expression of the speed of this reaction ?

b) In deduct the orders partial , by report to the reagents ?

¢) Calculate the constant speed in specifying the units ?

d) The speed of the reaction est multiplied by 4 when the temperature goes from 27°C
to 127°C. Calculate son activation Energy?

Exercise N°3 :

In the course of time, the water of Bleach loses son power cleaner to the cause of the
decrease of the concentration of ions, hypochlorite, CIO-. Of these ions, the origin of
the oxidizing properties of the Bleach, undergo disproportionation slow. The kinetics
of this reaction is studied in aqueous solution at 343 K.

ClO™(aq) —» 1/3 ClO037(aq) + 2/3 Cl (aq)
The order total of the reaction considered hne be equal to 2. The concentration



initial of CIO- est equal to 0.10 mol.L-1.
1) Give the expression of the law of the speed of the reaction considered.
2) Determine the expression for the concentration in ClO- in function of the time.
3) The un 343 K, the constant of speed of the reaction considered hne equal to the

3.1.10-3mol"1.The.s-1. Calculate the half-time of reaction of the reaction
considered to 343 K.

4) The activation energy of the reaction considered hne equal to 47 kJ.mol-1.
Calculate the constant of speed of the reaction is considered to 363 K.
Calculate the time t1 is necessary to pay to consume 30 % of the initial
amount of CIO at 363 K.

1) Why work at constant temperature and volume?

2) How many necessary and sufficient variables are needed to describe this
system?

3) Give the conservation relationships

4) Would it be possible to offer a single instant assessment

Exercise 4:
kl
A—RB
1. Expres k, in the concentrations of species A and B over time.

Note A, the reduced advance g1y and ¢2) (A= g12)= z1) - ¢2))-

2. We will note ¢ the difference in chemical advance A- Aeq) (Where A= ¢ -
¢2))- Demonstrate that(t) can be written as an exponential

3. Express 1 relaxation time of this equilibrium as a function of the rate

constants ki, (e(t)= g (VD).

Exercise 5:
kl
_—> =
Balance r+1 <k— Is

When studying the return to equilibrium after a temperature change under

laser illumination, the relaxation time t at 25 °C of the reaction :
k
'+l &= Is
k

2



depends on iodide and iodine ion concentrations

Exp. | [I']/10° moldm™ | [I»] /10 moldm™ </ ns
1 0,57 0,36 71
2 1,58 0,24 50
3 2,39 0,39 39
4 2,68 0,16 38 *
5 3,45 0,14 32

1. €=A-Aeq) , Give the expression of g(t) as a function of [I-], [I2] and the rate
constants kiand ky, Express 1 relaxation time of this equilibrium as a
function of the rate constants ki, kz and the concentrations of I-and I..

2. Plot t as a function of ([I']+[I2]); deduce the speed constants kiand k; (don't
forget to mention the units).

3. from the result of question 1

a) show that k; can be expressedas :
ki =t ([@]+[L]+K1)™

where K is the equilibrium constant of the reaction and is equal to ki/k>
b) using the data from the first 2 experiments  experiments (1 and

2), find the value of K (constant depends only on temperature)

deduce k; for each experiment and give its mean value



Exercise 1:

a) Letthe reactionbe: 1 A— 2B
1- Establish the speed law
2- Draw the composition diagram

b) Consider the reaction: 1 A— 1B+ 2C
1- Write the mass conservation relations

2- Graphical representation of concentration variations over time

Exercise 2:

Consider the following chemical reaction:
2 N20s(g)— 4 NO2(g)+02(g)

For which the N,Os concentration as a function of time is available:

t (min) O | 10 | 20 | 30| 40 | 50 | 60 | /0 | 80 | 90 | 100

[N20Os] 102mol/L | 1.24 | 0.92 | 0.68 | 0.5 | 0.37 | 0.28 | 0.20 | 0.15 | 0.11 | 0.08 | 0.06

2. On the basis of the experimental values, determine whether the order with
respect to N2Os is 1 or 2 (for each of these two cases, write down the speed law

and draw the "good lines").

3. deduce the value of k

4. calculate the value of ty

Exercise 3:

The following parallel reactions are studied at constant T and V :

A—B




A—C
1) Why work at constant temperature and volume?

2) How many necessary and sufficient variables are needed to describe this
system?
3) Give the conservation relationships

4) Would it be possible to offer a single instant assessment
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