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PART 8 
REACTION KINETICS

I.REACTION RATE AND THE FACTORS, THAT AFFECT IT

Kinetics is a branch of chemistry, that deals with the reaction rates. Reaction rate is defined as the change of concentration in time:
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where:

∆C is the change of concentration and

∆t is time interval.

To be more precise,
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but usually it is not possible to follow the change of concentration in indefi​nitely short time intervals.

“+” sign is used in the expressions of reaction rate, if the reaction rate is controlled by measuring of concentration of a reaction product, because con​centration of products grows in time.

If one follows the reaction rate by measuring the concentration of an initial compound, “-” sign is used to obtain a positive value of reaction rate.

FACTORS AFFECTING REACTION RATE

Reaction rate is affected by the following factors:

1) concentrations of all reacting compounds.

A reaction between two molecules cannot occur without their collision as the molecules can react with each other only if they meet each other.

The number of collisions of molecules is proportional to concentrations of all the reacting compounds, therefore the reaction rate is proportional to con​centrations of all reacting compounds, too. Thus, for a reaction

aA + bB => Products

(A and B - reacting compounds, a and b - coefficients) the reaction rate is described by the following equation (called law of mass action):
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where


k is the reaction rate constant.
Reaction rate constant is not dependent on the concentrations of reacting compounds and for a given reaction it remains constant at a given tempera​ture.

Reaction rate constant shows the reaction rate at concentrations of all reacting compounds, equal to 1 mole/l.

2) reaction rate is affected by the activity of reacting compounds.

If one compares two similar reactions, like

H2 + Cl2 

 2HCl

and

H2 + Br2 

 2HBr,

at the same concentrations of hydrogen and halogen, one can see, that the first of the two reactions occurs faster (its rate constant is greater), as Cl is more active, than Br.

3) reaction rate is affected by temperature

Increase of temperature increases the value of reaction rate constant (this point will be discussed in detail in the further text).

4) reaction rate can be changed by presence of a catalyst

In presence of a catalyst the reaction rate constant becomes greater. Action of catalysts is described in Part 9.

II. INFLUENCE OF TEMPERATURE ON REACTION RATE

Raise of temperature is always followed by an increase of the reaction rate. For the most of reactions increase of to by 10 degrees causes an increase of reaction rate constant from 2 to 4 times.

Growth of the reaction rate constant at an increase of temperature is characterized by the so - called Vant Hoff’s temperature coefficient:
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where

kT and kT +10 are the reaction rate constants at initial temperature T and 
at a temperature, higher by 10°.

Vant Hoff’s coefficient can be used for calculation of the reaction rate constant at any given temperature, if the value of reaction rate constant at another temperature is known:
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When the influence of temperature on reaction rate is going to be ex​plained, the first idea for explanation seems to be, that raise of temperature intensifies the thermal motion of molecules and therefore the collisions of molecules become more frequent.

Let us prove, if it is true. The number of collisions is proportional to square root of temperature (in K). Let us see the ratio between the frequencies of collisions at 2 given temperatures - 383 K and 373 K:
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As one can see, at a raise of temperature by 10 degrees the number of col​lisions increases only 1.013 times. At the same time, when temperature is raised by 10 degrees, the reaction rate grows 2-4 times. Thus,

at a raise of temperature the reaction rate grows much faster, than the number of collisions.

This means, that the effect of temperature on the reaction rate cannot be explained just in terms of increase of the collision number.

Another important experimental fact is, that if one compares the number of collisions to the reaction rate, one can see, that:

the reaction rate is much smaller, than the number of collisions, or, in other words, not every collision of molecules leads to reaction.

These two experimental facts leaded to the formation of activation theory.

III. PRINCIPLES OF ACTIVATION THEORY

III.1. ACTIVATION ENERGY AND ACTIVATED COMPLEX

The main idea of activation theory is, that not every collision of reagent molecules leads to chemical reaction.

Reaction occurs only at a collision of active molecules, the energy reserve of which is equal to or exceeds a certain value, called activation energy.

What is this activation energy and what is it used for?

Activation energy (Ea) is defined as the amount of energy, that has to be supplied to 1 mole of initial compounds to make all the molecules active  (able to react, when a collision occurs).

To understand, why it is necessary to supply some amount of energy to molecules in order to make them able to react, one has to take into account, that before the new bonds in the molecules of reaction products are formed (this process will be followed by liberation of energy), the old bonds in the molecules of initial compounds have to be cracked or at least weakened, and this is the reason, why some amount of energy has to be supplied to the molecules before the reaction.

It was found out, that the values of activation energies in fact are smaller, than the amount of energy, necessary for the complete cracking of bonds in the molecules of initial compounds. This means that the bonds in the molecules of initial compounds don’t have to be cracked completely, but it is enough to supply some energy to weaken them.

This last fact leads to an explanation in terms of the theory of activated complex. (some books use term transition state instead of activated complex).

When a collision of molecules occurs, an intermediate particle, called the activated complex, is formed. In this activated complex the old bonds are not completely cracked and the new bonds start to arise, but are not yet completely formed.

For instance, if a reaction, having a summary equation:

AB + C => AC + B

occurs, in the beginning an activated complex is formed, in which A is still partly bound to B but formation of a bond between A and C has already started:
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         activated complex
Activated complex is a short-living particle and formation of it requires extra energy. Thus, activation energy is used to form the activated complex. The activated complex decays, forming the reaction products (AC and B in our example) and in this process energy is liberated. (Of course, in some cases the activated complex can decay, forming back the initial particles AB and C. In such a case, according to the energy conservation law, an amount of energy precisely, equal to the supplied activation energy is liberated back and one can consider that this particular collision has just been non successive).

If one draws the so-called energetic profile of reaction, see fig 8.1., one can see the connection between the activation energy and the reaction heat (∆H).

For an exothermic reaction (see fig. 8.1,a), the energetic profile of reaction can be explained as follows. Energetic profile of reaction exposes enthalpy H of the system versus reaction coordinate (time). Before the reaction, when the molecules of initial compounds AB and C are present, their summary energy (enthalpy) level corresponds to the level 1 in fig.8.1,a.
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Fig. 8.1. Enthalpy diagrams for a - exotermal, b - endothermal reactions.

When the activation energy Ea is supplied, the activated complex (C...A...B) is formed and its energy (enthalpy) corresponds to level II - higher, than energy level of the initial compounds. Decay of the activated complex leads to formation of final products AC and B.

Enthalpy level of the products in an exothermal reaction is lower then the energy level of initial compounds (compare energy levels I and III in fig.8.1.,a). The amount of energy, that is liberated, when the activated com​plex (C...A...B) decays, forming products AC and B (the difference between levels II and III) consists of two parts - one part, equal to Ea is returned back and the remaining part, that corresponds to the difference between the en​thalpy levels of initial compounds and products (levels I and III) forms the reaction heat (∆H).

All-in-all one can say, that in the case of exothermal reaction, the activation energy has to be supplied only in the beginning - as soon as the first molecules have reacted, an amount of energy, even greater than Ea (that was initially supplied) is liberated and this energy can be now assigned to next molecules, they become active and the reaction continues itself without additional supply of energy.

The fact, that the activation energy has to be supplied to the initial com​pounds even if the reaction is spontaneous from thermodynamic point of view, explains, why in many cases the initial compounds of a spontaneous reaction can exist together for long periods of time, but the reaction doesn’t start.

For instance, all the living matter consists of organic compounds and it is all the time in contact with oxygen from air. From a thermodynamic point of view, all the living matter should be spontaneously combusted to CO2 and H2O. This doesn’t happen, because the activation energy is not supplied.

In the case of endothermic reaction, the energy (enthalpy) level of the ini​tial compounds is lower, than the enthalpy level of products (compare levels I and III in fig.8.1,b.). In this case the amount of energy, liberated at the decay of the activated complex is smaller, than the activation energy, that was supplied to the molecules of initial compounds. The energy difference is taken from the surroundings and therefore the reaction is endothermic. Practically this means, that in the case of endothermal reaction, the reaction cannot con​tinue just by itself - it will stop, if the energy difference between activation energy and the liberated energy will not be supplied all the time.

III.2.POSSIBLE WAYS OF ACTIVATION ENERGY SUPPLY

Activation energy can be supplied to a reaction in several different ways:

1) as thermal energy - by heating of initial compounds,

2) as visible light or UV radiation energy. In many cases, when compli​cated organic molecules react, the activation energy cannot be supplied by heating, because it can require increase of temperature by hundreds or thou​sands of degrees and this can lead to decomposition of initial compounds in​stead of the suspected reaction. In such cases activation by light or ultraviolet radiation photons can be used. The advantage of photochemical activation is, that light (or UV radiation) photons are absorbed by particular bonds in the molecules of initial compounds and it is possible to find such a wavelength to light photons, that only one bond in the molecule is activated and, conse​quently, just the one suspected reaction occurs.

It is possible to supply energies, that are equivalent to a raise of tempera​ture for thousands of degrees without destruction of initial compounds, if the activation energy is supplied in the form of light photons.

3) activation energy can be supplied by ionizing radiation - -rays, X-rays, -particles, accelerated electrons etc. Ionizing radiation has enough energy to activate any chemical bond. However, in this case one has to be careful about the possible side-reactions, because the energies of ionizing ra​diation are up to 106 times higher, than the ones of or visible light and many bonds are activated at the same time.

4) for some reactions, that don’t require high activation energies, Ea can be supplied even by ultrasound.

III.3. DEPENDENCE OF activation energy ON THE TYPE OF BOND IN THE MOLECULES OF INITIAL COMPOUNDS

Activation energies for reactions, occurring at room temperature, are up to 120 kJ/mole. The value of activation energy depends on the type of bond in the molecules of initial compounds. The lowest activation energies are observed for the reactions of compounds, having ionic bond - in this case electrons are already transferred from one part of molecule to another (when ions are formed) and activation energy is necessary only to overcome the electrostatic attraction of the ions. For this reason, the reactions of ions in solutions are very fast. They are diffusion-controlled - every collision leads to reaction and the speed of reaction depends only on the frequency of collisions (which is, on its turn, limited by diffusion). Reaction rate constants for diffusion- controlled reactions can reach values up to 1010.

If the molecules of initial compounds have covalent bonds, the activation energy is necessary to weaken the bonds. It is easier to weaken a polar cova​lent bond, than a non-polar one (in the case of a polar bond the electrons are already shifted towards one of the atoms). For this reason the activation en​ergy is lower for polar covalent compounds than for non-polar ones.

IV. THE CONNECTION BETWEEN ACTIVATION ENERGY AND REACTION RATE CONSTANT

IV.I. ENERGETIC DISTRIBUTION OF MOLECULES

If one considers 1 mole of a compound at a given temperature, one has to know, that not all the molecules have equal energies. At a given temperature an energetic distribution of molecules exists - most of the molecules have energy values, close to an average energy [image: image3.wmf]E

, characteristic for this given temperature.

At the same time, the molecules, having greater or smaller energies, than [image: image4.wmf]E

 are present, too, but, the greater is the difference between the energy of a molecule and the average energy [image: image5.wmf]E

, the smaller grows the number of molecules, that have this energy value. This is mathematically described by Maxwell-Boltzmann’s equation:
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where

NE is the number of molecules, having energy E,

No is the total number of molecules

From the last equation one can see, that, the greater is the difference be​tween the demanded energy E and the average energy [image: image6.wmf]E

, the smaller becomes the number of molecules, which can have the energy value E.

A graph of the energetic distribution of molecules at a given temperature is shown in fig.8.2., where the number of molecules, having a given energy value E is shown versus the demanded energy value.

If, for instance, an activation energy level Ea is necessary for a given reac​tion, all the molecules, having energies, equal or greater than Ea will be active (able to react). The number of active molecules can be found as the marked area in fig.8.2., that can be found as an integral of the distribution curve in limits from E = Ea till E = ). 
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Fig.8.2. Energetic distribution of molecules at a given temperature.
NE - number of molecules, having energy value E
E - energy

If the energetic distributions at two given temperatures are compared (see fig.8.3.), one can see, that for a higher temperature the average energy is shifted towards the greater energies and the distribution curve becomes broader. The number of active molecules at a higher temperature becomes higher, too (compare the marked areas for distribution curves at tempera​tures T1 and T2>T1).
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Fig.8.3. Energetic distribution curves of molecules at two different temperatures.

Increase of the number of active molecules is the real reason of the tem​perature effect on reaction rate - as the number of active molecules increases, the reaction rate increases, too.

IV.2. ARRENIUS’S EQUATION FOR REACTION RATE CONSTANT

The connection between the reaction rate constant and activation energy is expressed by Arrenius’s equation:

k = A e-Ea/RT,
where

A is the pre-exponential factor (see further),

e-Ea/RT is the so-called Boltzmann’s factor.

Boltzmann’s factor includes the energetic distribution of molecules and practically expresses the relative fraction of active molecules out of the total number of molecules.

As one can see, the smaller is activation energy Ea for a given reaction, the greater is the number of active molecules and the greater becomes the reaction rate constant.

At the same time, the greater is temperature, the greater is the value of Boltzmann’s factor and the greater becomes the reaction rate constant.

One can see, that if Boltzmann’s factor becomes equal to 1 (e has to be taken into zero power for this and it can happen if Ea = 0 or if temperature is so high, that Ea/RT => 0), k will be equal to A.

Let us consider a case, if Ea = 0. If no activation energy is required, the re​action should occur at every collision of the molecules of initial compounds.

At the same time, if Ea = 0, then the value of Bolzmann's factor becomes equal to 1 and the reaction rate becomes equal to the pre-exponential factor A. If one asumes the last two conclusions, it seems, that the pre-exponential factor could be equal to the total number of collisions.

In fact, it happens very seldom, that the pre-exponential factor A is equal to the total number of collisions. It happens only in the cases, if the molecules of initial compounds are very simple.

For the reactions of more complicated molecules the value of the preexpo-nential factor A is smaller, than the total number of molecular collisions. This is a result of the fact, that, if complicated molecules react, a collision can be non-effective even if the activation energy is supplied to the molecules of ini​tial compounds (or is not required at all). A collision can be insuccessive, if the collision angle is non-effective. For instance, if -napthole reacts with acetic acid:

[image: image9.png]HO-C-CH5
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In this reaction a collision will be successive (reaction will occur) only in the case, if the collision angle is such, that OH group of the acid hits OH group of napthole. All other angles of collision (crossed-out directions of col​lision in the scheme of reaction) are non-effective.

For this reason one can say, that the pre-exponential factor takes into account both the total number of collisions and the spatial efficiency of colli​sions (or, so-called steric factor).

The bigger and the more complicated are the reacting molecules, the smaller becomes the pre-exponential factor A. 

IV.3. EXPERIMENTAL DETERMINATION OF ACTIVATION ENERGY AND PRE-EXPONENTIAL FACTOR

To determine Ea and A experimentally, one has to study the dependence of the reaction rate constant on temperature or, in other words, the reaction rate constant has to be determined at different temperatures. To determine Ea and A graphically, it is first necessary to change the form of Arrenius’s equation k = A e-Ea/RT in such a way, that the graph of the obtained func​tion is a straight line (this method is called linearization and it will be used several times in our course).

To get a linear function from Arrenius’s equation, logarithm of both sides has to be taken:

ln k = lnA + ln e-Ea/RT or
ln k = lnA - 


Now ln k is the function (y in the ordinary equation of a straight line), lnA, which is a constant value for a given reaction, is the coefficient a in an ordinary equation of a straight line, the ratio Ea/R is also constant value for a given reaction and therefore plays the role of the coefficient b in the ordinary equation of a straight line. Finally, the value 1/T is the only freely variable parameter and it plays the role of x in the ordinary straight line equation.

As one can see, an

y = a - bx

type equation is obtained, its graph is known to be a straight line, therefore the coefficients a and b can be determined from the graph, see fig.8.4.
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Fig.8.4. Graphical determination of activation energy E and pre-exponential factor A.

Looking at the usual equation of straight line, 

y = a - bx, 

one can see, that if x = 0, y = a. In our case, ln A (that plays the role of a) can be found as the value of ln k, when 1/T = 0.
The second coefficient of the straight line equation, b, can be determined as the tangent of the angle a between the graph of function and x-axis. In our case, the ratio Ea/R is found as tan  As R is known, EA can be easily calculated.

Thus, all-in-all, to determine the values of A and Ea graphically, one has to measure the reaction rate constants at different temperatures, to plot the re​sults in the form lnk versus 1/T and to find the appropriate values of lnA and Ea/R from the graph.

V. REACTION ORDER

V.1. REAL AND FORMAL REACTION ORDER

Reaction order is the sum of powers in the kinetic equation of reaction. 

For example, for a reaction

aA + bB => Products,

the kinetic equation is
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and the reaction order can be found as:

n = a + b

One can say, that the reaction order shows, to which power of the concen​trations of initial compounds is proportional the reaction rate.

Using the overall reaction equation, one finds the formal  kinetic equation and the formal reaction order. In many cases the real reaction order differs from the formal one. Usually the experimentally determined reaction order is smaller than the formal one.

When the reaction kinetics are studied experimentally, the proportionality between the reaction rate and the concentrations of initial compounds is studied experimentally, the real reaction order is found and compared to the formal one.

If the experimentally found reaction order differs from the formal one, the reaction mechanism can be more complicated, than it looks from the overall reaction equation.

For instance, if a reaction, formally described by equation

A + B + C => Products

occurs, it is formally a third-order reaction. If it is found out experimentally, that the reaction rate is, in fact, dependent on the concentrations of com​pounds A an B, but not on C (the real order is second), the mechanism of reaction can be imagined like this:

reaction occurs in two stages.

First of them is a reaction between A and C, which is very fast.

In the second stage product AC reacts with B, forming the final products and this second stage is slow, therefore it is limiting the rate of the overall reaction:

A + C [image: image11.wmf]fast

 AC [image: image12.wmf]slow

 

+

B

 Products

The concentration of AC is proportional to the concentration of A, therefore the reaction can practically have second order (the limiting second stage is a second-order reaction).

If no more information is supplied, another mechanism, including the reaction between B and C as the first step, that is followed by a reaction between BC and A can be also supposed. To find out, which of the supposed mechanisms is the real one, further experiments have to be done (probably, presence of intermediate compounds AC or BC has to be proved).

V.2. REACTIONS OF DIFFERENT ORDER

First-order reactions 

 are all the reactions, in which one molecule of initial compound is transformed to products, for instance, all the decomposition and isomerization reactions are first-order reactions. All the first-order reactions correspond to scheme

A => Products,

Kinetic equation for first-order reaction is

v = k CA
Zero-order reactions.

In the case of zero-order reaction, one molecule of initial compound is transformed into reaction products, as well as in the case of first-order reac​tion. The difference with a first-order reaction is, that for a zero-order reac​tion the reaction rate is just constant, not depending on the concentration of the initial compound. This follows from the kinetic equation - for a zero-order reaction the concentration of initial compound is taken into zero power, but any number, taken into zero power, is equal to 1:

v = k 

 = k1 = k

If a reaction has zero order, it is always a reaction, in which one molecule is transformed to products. How can the reaction rate then be independent on the concentration? It can happen in the cases, if the reaction occurs on the surface of a catalyst or on the surface of reaction vessel.

In such a case, when the concentration of initial compound is great enough, all the surface of the solid catalyst (or of the reaction vessel) is cov​ered by the molecules of initial compound and the reaction rate then is determined only by the speed of conversion of the initial compound to prod​ucts and not by the concentration. (One can imagine, that in such a situation any increase of initial compound’s concentration just increases the number of molecules, flying around the catalyst’s surface and waiting their turn to be attached to the surface, but doesn’t affect the rate of reaction).

In fact, at lower concentrations, while all the surface of catalyst or reaction vessel is not yet covered by the molecules of initial compound, the same re​action may occur as a first-order reaction - in this situation at an increase of the concentration of initial compound, the new-coming molecules find a place on the surface of catalyst, are immediately involved in the process and there​fore the increase of concentration causes an increase of reaction rate.

Second-order reactions

Second-order reactions always involve two molecules and they can corre​spond to schemes:

2A => Prod, v = k 

, n=2 or

A + B => Prod, v = k CA CB, n=1+1=2

For example, reactions

2HI => H2 + I2 or

CH4 + Cl2 => CH3Cl + HCl

are second-order reactions.

Third-order reactions

Third-order reactions involve a simultaneous collision of three molecules and, therefore, real third-order reactions are observed very seldom - the probability of a simultaneous collision of three molecules is very low.

By the most, the reactions, that formally have third order, practically occur in two second-order stages.

Anyway, third-order reactions can correspond to schemes:

3A => Prod, v = k 

,                  n = 3 or

2A + B => Prod, v = k 

 CB,               n = 2+1 = 3 or
A + B + C => Prod, v = k CACBCC,      n=1+1+1 = 3.

One of the few reactions, that really occur as a third-order reaction, is:

2NO + H2 => N2O + H2O

For this reaction it is experimentally proved, that the reaction rate is really proportional to the concentration of NO in second power and to the concen​tration of H2 in first power, which means, that really a simultaneous collision of three molecules has to occur.

Reactions, having greater order than third, are practically impossible - probability of a simultaneous collision of 4 and more molecules is so little, that such reactions should proceed in years.

In fact, many reactions, that have a formal order, greater than third, such as, for instance,

FeS2 + 11O2 => 2Fe2O3 + 8SO2,

which has formally eleventh order (FeS2 as a solid is not included into reac​tion rate equation), may occur in a few seconds. This can be explained only in the way, that these reactions occur in many second-order stages and the equations of reaction, similar to the previous one, are just the summary equa​tions of complicated step-by-step processes.

V.3. EQUATION FOR FIRST-ORDER REACTION RATE CONSTANT

Now let us discuss an example, in which an equation will be derived for calculation of reaction rate constant from experimental data.

For the first-order reaction this equation is the simplest one, therefore only this case is taken as an example.

The reaction rate can be expressed in two different ways: on one hand, the rate of a first-order reaction

A => Products

can be expressed as:

v = k CA.

On the other hand, the reaction rate is defined as :
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As the left sides of the last two equations are equal, the right sides must be equal, too:
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 = k CA.

Let us rewrite the equation so, that the concentration is only at one side of it:
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 = - k t.
From mathematics it is known, that [image: image13.wmf]dx

x

 = d(lnx), therefore 

 and

d(ln CA) = -k dt

Let us integrate the last equation in the limits form the initial concentration of the initial compound 

 till its present concentration CA for concentra-tion and from 0 as the initial moment of time till t as the present time for time:
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that gives us:
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  or

 


From this last equation the reaction rate constant can be expressed as:
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This equation is used for the calculation of reaction rate constant from ex​perimental data - the initial concentration of A is known and the concentra​tion after time t is measured experimentally.

The 1-st order reactions are quite often characterized by the so-called half-life (t1/2) of the initial compound. The half-life is the period of time, in which the concentration of the initial compound decreases twice.

To obtain a connection between the half-life and the reaction rate constant, let us express time through the other parameters in the last equation and let us insert a concentration CA, that is I/2 of the initial concentration [image: image14.wmf]C
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The half-lifes are especially often used for characteristic of radioactive iso​topes, decay of which is always a first-order reaction.

VI. COMPLEX REACTIONS

Complex reactions are called the reactions, that don’t simply follow the law of mass action.

The main cases of complex reactions are: parallel reactions, gradual reac​tions, joint reactions, chain reactions and competitive reactions.

VI.1. PARALLEL REACTIONS

Parallel reactions occur, when different reaction products can be obtained from the same initial compounds.

Thus, some hypothetic initial compounds A and B may react, forming two different kinds of products. The two possible kinds of products are formed in different amounts, because the rate constants k1 and k2 are different.
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For instance, parallel reactions of acetic aldehyde and polyvinyl alcohol formation occur, when acetylene reacts with water:
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In a case of parallel reactions formation of only one of the possible prod​ucts can be achieved by presence of catalysts - if, for example, if HgSO4 is used as a catalyst for reaction of acetylene with water, acetic aldehyde is formed only.

VI.2. GRADUAL REACTIONS (CONSECUTIVE REACTIONS)

In gradual reactions the formation of final products doesn’t proceed directly, but intermediate compounds are formed first:

A + B => C + D => Final products

For instance, the reaction of H2SO4 with Na2CO3 with formation of CO2 and H2O, corresponding to the summary equation

H2SO4 + 2Na2CO3 => H2SO4 + CO2 + H2O

in fact is a gradual reaction:

Na2CO3 + H2SO4 => H2CO3 + Na2SO4
followed by

H2CO3 => CO2 + H2O

For this reason, when the reaction order of this reaction is determined experimentally, one can prove, that it is a first-order and not a second-order reaction, because the second stage is the slowest one and the rate of overall reaction is limited by decomposition of H2CO3.

VI.3. JOINT REACTIONS (TANDEM REACTIONS)

In some cases one can observe reactions, that don’t proceed alone. Occurrence of another reaction simultaneously is necessary to induce (to “switch on”) the first one.

A good example of tandem reactions in inorganic chemistry is oxidation of HI by H2O2 :

2HI + H2O2 => I2 + 2H2O

This reaction doesn’t proceed alone, although it is thermodynamically allowed. Reason for it is, that the bond in HI molecule is covalent and a great activation energy is necessary to crack it.

If FeSO4 is added, it starts to react with H2O and oxidation of Fe2+ to Fe3+ takes place, using HI as environment:

6FeSO4 + 3H2O2 + 6HI => 2Fe2(SO4)3 + 2FeI3 + 6H2O

As the result of this HI is converted into FeI3 or, in other words, the cova​lent bond between H and I atoms is changed to an ionic bond between Fe and I atoms and the reaction of oxidation of I- by H2O2 can also start.

From this all one can see, that a reaction between HI and H2O2 started, when another reaction (Fe2+ oxidation by H2O2) took place simultaneously.

Tandem reactions are very common in biochemistry. Here the most common case is, that a reaction of building-up a complicated compound (like protein), in which both entropy is lowered and Gibbs energy is growing (and the reaction is therefore thermodynamically forbidden), occurs in a tandem with the hydrolysis of ATP, in which Gibbs’s energy is lowered and therefore the overall process becomes possible.

VI.4. CHAIN REACTIONS

Chain reactions are important in practical chemistry. The mechanism of chain reactions includes several stages.

In the first stage, called chain initiation, active particles (atoms or radicals) are formed.

In the second stage, called chain propagation - the active particles react with neutral molecules of initial compounds, forming both stable reaction products and new active particles, that can react further.

The third stage is called chain termination. It is a reaction between two active particles, followed by formation of neutral molecules, that don’t react further.

For instance, the reaction of H2 with Cl2 is a chain reaction.

Initiation  of the chain here is photochemical: Cl2 molecules absorb light photons, forming Clo atoms:

Cl2

 Clo
Clo atoms are short-living active particles, that act in the chain propagation:

Clo + H2 =>HCl + Ho 

In this reaction a stable molecule of product HCl is formed and a new active particle - Ho atom is formed. Ho reacts further and continue the chain propagation:

Ho + Cl2 => HCl + Clo
Here again a product  (HCl) molecule is formed and an Clo atom is created again, Clo atom can react with next H2 molecule and so the chain reaction could propagate forever, if no chain termination reactions were present.

Chain termination occurs, if two active particles meet to form a neutral molecule and no chain propagation is possible after this. In case of H2 and Cl2 reaction one can imagine 3 different reactions, in which active particles die:


   Ho + Clo => HCl

 
  Clo + Clo => Cl2
 
   Ho + Ho => H2
One can easily see, that the reaction rate in the case of a chain reaction is not determined by the law of mass action, but by the ratio between the rates of chain initiation and chain termination:

a) if initiation and termination occurs at the same rate, chain will propagate with a constant rate (because the number of active particles is constant then),

b) if the rate of initiation is greater, than the one of termination, the number of active particles is growing and the rate of chain propagation (of product formation) is growing, too,

c) if the rate of termination is higher, than the rate of initiation, the number of the active particles is decreasing and the rate of product formation is decreasing, too.

The discussed example was one of the so-called linear  chain reactions, in which the same number of active particles is formed back, when the active particles react with neutral molecules.

Another kind of chain reactions are branching  chain reactions, in which two or more active particles are formed, when an active particle reacts with a neutral molecule (in the propagation stage), for instance, in a chain reaction between H2 and O2, one of the stages of the chain reaction is:

Ho + O2 => OHo + Oo
As one can see, two active particles are formed from one. Each of these two particles can react further, therefore the chain is branching and the reac​tion rate is progressing in time.

VI.5. COMPETITIVE REACTIONS

In competitive reactions two different reactions can occur with one of the initial products at the same time.

In the scheme below the compound A reacts with two other compounds B and C at the same time and the compounds B and C are competing for a molecule of the compound A.
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Let us compare the rates of the two competing reactions:
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One can see, that the ratio doesn’t depend on the concentration of A - it appears both in the numerator and the nominator of the equation and is therefore canceled:
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The ratio between the two reaction rates therefore depends on the ratio between the concentrations of B and C (it depends also on the ratio 

, but this ratio is constant for the two given reactions and one cannot change it). If it is necessary to regulate the process so, that only one of the products is formed, one has to take the appropriate compound B or C in a great excess. If, for instance, compound B is taken in a great excess, the reaction between A and C will practically not occur.

This is used practically, if an organism is poisoned and it is possible to in​troduce into the organism a compound, that reacts with the same compound in the organism, that is involved into reaction with the poison.

For instance, if organism is poisoned by methanol, it is possible to introduce ethanol in a great amount, because ethanol reacts with the same enzymes than methanol. If a huge amount of ethanol is introduced fast enough after poisoning, the reaction rate of ethanol is much greater and the heavy consequences of poisoning - loss of sight or even death - can be prevented.

An examle of competitive reactions in usual chemistry can be the reaction of an active metal with a water solution of an acid. For instance, if Na reacts with a water solution of HCl, both reaction of Na with acid and water take place at the same time:

2Na + 2HCl => 2NaCl + H2

2Na + 2H2O => 2NaOH + H2

(as NaOH can later react with HCl, the final product of the whole reaction will be NaCl anyway, but the fact, that part of Na reacts with water and not with HCl has been experimentally approved.)
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