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Technical Objectives:

· Distinguish between an elementary vs. a global chemical reaction and explain the concept of a chain reaction.

· Express the reaction rate using the Law of Mass Action for any elementary gas phase chemical reaction.
· Derive the theoretical form of the reaction rate constant expression from kinetic theory of gases arguments. 

· Derive an overall rate equation that describes the rate of NO production for the Zeldovich mechanism of NO production.
1. Motivation

So far we know how to calculate the final equilibrium products and the flame temperature for any set of reactants.  What we don't know is how long it takes for the system to reach its final equilibrium state.  

Chemical Kinetics is the study of how fast a chemical reaction occurs. 

2. Global vs. Elementary Reactions

Consider a vessel containing a stoichiometric mixture of hydrogen and oxygen, held at a constant temperature of 1000 K.   The overall global chemical reaction occurring in this vessel can be represented as follows:

(n4.1)

We know that, if we waited for a long period of time, we could measure the final product mole fractions and they would be equal to the calculated equilibrium values.  We could also measure, for example, the fuel concentration (mol/volume) vs. time thereby measuring a global fuel consumption rate, which can be expressed as follows:
(n4.2)
Where [H2] is the molar concentration of hydrogen (mol/cm3 or kmol/m3) and kG(T) is the global rate coefficient, which is typically a strong function of temperature. 
Notes on Equation (n4.2):
1.  
2.  
3.  

For the reaction of H2 and O2, the global chemical reaction that occurs is expressed by equation (n4.1), however, at the molecular level this reaction most likely never really occurs:

The elementary chemical reactions that result in the consumption of hydrogen (and production of water) are actually a set of chain reactions including the following (and many others):

(4.4)

(4.5)

(4.6)

(4.7)

3. The Law of Mass Action and Elementary Reactions
The Law of Mass Action is a purely empirical observation that states that the rate of disappearance of the chemical species, i, [written as d(Ci)/dt] is proportional to the product of the concentrations of the reacting chemical species, each concentration raised to its appropriate stoichiometric coefficient.

Consider the following elementary chemical reaction:

(4.8)

The reaction rate d[A]/dt is expressed as follows:

(4.9)

Where: [A] is the concentration of species A in moles/cm3.

              K is the reaction rate constant.

Example 4.1   Write down the law of mass action for elementary reactions (4.5) and (4.7) 
(4.5)




 
(4.7)
3.1 Order of Reaction

The order of reaction, n, tells you how many molecules are colliding:

(n4.3)

The order of a reaction tells us how the chemical reaction rate varies with pressure, since the concentration of a species is related to the overall pressure.

Consider the reaction:

Since the concentration [A] has dimensions of moles / Volume, it is related to the overall pressure as follows:
Substituting for the concentrations [A], [B] and [C] into the RHS of equation (4.9) yields:
Thus, the reaction rate is proportional to the pressure raised to the order of the reaction.

Example 4.2:  How do the rates of reactions (4.5) and (4.7) vary with pressure?
4. The Reaction Rate Constant, K
So far, we have learned how to write down the expression for the reaction rate, given the law of mass action.  However, we do not know anything about the reaction rate constant, k.

Empirical evidence suggests that the reaction rate constant, k, almost always varies with temperature and sometimes varies with pressure:

(4.8)
For example, consider the reaction H + O2 ( OH + O:

(n4.4)

Based on the data in Table 4.1, page 117, the rate constant has been measured to be:

(n4.4a)

Evaluating the constant at 500 K yields the following:

5. Bimolecular Elementary Rate Constants and Collision Theory

Is it possible to calculate the above reaction rate constant theoretically based on the kinetic theory of gases?  

Given:  Elementary gas phase chemical reactions can only occur when molecules collide. 

Hypothesize: Physically, what do you think the reaction rate constant is a function of? 

1.
2.

3.

5. 1 Collision Frequency    

As a first guess, we can assume that all collisions between reactants result in a chemical reaction.  The reaction rate constant would then be directly related to the Frequency of Collisions between the molecules in question.

The Mean Free Path.  Consider a room filled with molecules of diameter, d.  The mean free path is the average distance that a molecule will travel before it collides with another molecule.  It can be shown that the Mean Free Path, , can be calculated as follows:

(n4.5)

The collision frequency Zc, can be calculated from the mean free path and the mean velocity of the gas as follows:

(4.11)

From kinetic theory of gases, the mean velocity of a gas can be shown to be calculated as follows:

(n4.6)

Where: kB is Boltzmann's constant (1.381e-23 J/kg), and m is the mass per molecule.

Combining (4.11) and (n4.5) results in the following collision frequency for identical molecules:

(n4.7)

Example 4.3  Estimate the mean molecular velocity, mean free path and the collision frequency in this room.  Assume the room is filled completely with nitrogen.

Wow!   A molecule in this room collides with other molecules ________________ per second.

For bimolecular collisions between 2 different molecules A and B, it can be shown that the collision frequency per unit volume is:

(4.14)

Where  is the reduced mass of species A and B

(n4.8)

and AB is the collision cross section of species A and B:

(n4.9)

Example 4.4  Assuming that all collisions result in a chemical reaction, calculate the collisional reaction rate constant, kcol, for the H+O2 reaction at T = 500 K and compare to data in Table 4.1

If all collisions were to result in a chemical reaction, we can then relate the bimolecular collision frequency (4.14) with the law of mass action:

And the reaction rate constant, k would be:

So, comparing with the measured value, the reaction rate constant is _______ times too fast!

5.2 Activation Energy.   Not all collisions result in a chemical reaction.  There exists an activation energy, which is an energy barrier which must be broken in order for a chemical reaction to take place. 

From Statistical Thermodynamics, it can be shown that if there are molecular collisions taking place, the fraction of collisions with energy greater than Ea is equal to:

(n4.10)

Where Ea is the activation energy.  Only collisions with an energy greater than the activation energy will result in chemical reaction.

So, combining the results of Collision Frequency and Activation Energy, the reaction rate constant now looks like the following:

For the H+O2 reaction, with an activation energy of 69.1 kcal/mol:

This means that at 500 K only 1 in ___________ collisions has enough energy to overcome the activation energy barrier.

5.3 Steric Factor.  Even if the colliding molecules have enough kinetic energy, they must also be in the correct orientation.  Consider the reaction:

From geometrical considerations alone, there are preferred orientations for the molecules to collide.  So, we define a constant, P, which we call the steric factor:
So, putting it all together, the reaction rate constant, from pure kinetic theory of gases arguments can be described as follows:

And, for the following reaction (referring back to the Law of Mass Action!):

(4.16)
The reaction rate constant should be:

(4.17)
Of course, things are not that simple!   In practice, the measured reaction rate constants are never equal to the rate constants that can be derived from simple kinetic theory.  Often, however, they can be expressed in the following way:

(4.19)
Where:  A, n and EA are determine experimentally.

6. Forward vs. Backward Reactions

Every chemical reaction has a backward reaction associated with it.  Consider again the H+O2 reaction (4.5):

(4.5)
In theory, every elementary chemical reaction, has a backward reaction associated with it:

(4.5f)
(4.5b)

For simplicity of notation, we often write the system as follows:

(4.5bf)
Where kf is called the forward rate constant and kb is called the backward rate constant.  

Now, we can formulate the Law of Mass action for rate of change of [H] from the forward and backward reactions (4.5f) and (4.5b), resulting in the total reaction rate for H atom concentration:
(n4.10)
Note that, by definition, at equilibrium, d[H]/dt = 0, which shows that the forward and backward reaction rates are related.   At equilibrium:
So, the forward and backward rate constants are related to the Equilibrium Constant!

(4.43)

Since the equilibrium constant can actually be calculated, we need only to measure the forward rate constant.  The backward rate constant is then calculated from the equilibrium constant.

7. Third Body Reactions

Some chemical reactions are TOO energetic and could never take place on their own.  Consider the following reaction:

This reaction is too energetic to ever take place.  Once two H atoms come together, they will always fly apart again since the maximum energy that H2 can store vibrationally is less than 104 kcal/mole.

If, however, a third body is present, to absorb some of the excess energy, the above reaction can actually take place:

The third body, M, can be any other molecule.  The bigger the better, since larger molecules have more modes of energy storage.  

In combustion, water is one of the most effective third bodies.  Why?

8. Chain Reactions

Recall, from the first day of class, we stated that, in the history of the universe, the chemical reaction:

Has never occurred at the molecular level.  Somehow, though all of the carbon, oxygen, and hydrogen present in the fuel and oxidizer eventually get converted into H2O and CO2 and some other stuff.  How does this happen?

Answer:

This series of chemical reactions is called a chain reaction.

All combustion systems actually react in chain reactions.  Chain reactions always contain the following major steps:

1.

2.

3.

8.1 Example of a Chain Reaction: The Hydrogen/Bromine System

The first time that a chain reaction was postulated was in 1913 by Bodenstein.  For the following reacting system:

The Law of Mass Action:

Was not observed experimentally!

Rather, the rate of creation of HBr appeared, experimentally, to obey the following expression:

Bodenstein proposed that H2 and Br2 were not reacting with each other directly.  Rather, a series of reactions were taking place in which radicals are first created and then the radicals react with the H2 and Br2 .

i. Chain Initiation Step

The first question is, what chemical reaction is responsible for creating radicals in the first place?

Two possibilities:

Both of these reactions are endothermic, i.e. they require an input of energy to get started.  But this is true of all initiation steps.  Why is that?

In this case, since it requires much less energy to break a Br2 molecule in half, much more Br radical will be created than H radical.  So the Br2 dissociation reaction is the major chain initiating step:

(1)

ii.  Chain Propagation. Once a pool of Br radicals has been created, the chain propagation steps can kick in:

(2)

(3)

(4)

Note:  once the chain propagating reactions kick in, the initiation reaction is no longer important.  For example, reaction 3 and reaction 4 create all of the Br to keep the chain reaction going.

iii. Chain Termination

Chain termination reactions are always competing with chain propagation reactions. The termination reactions remove radicals from the system.  In this case the following chemical reaction removes radicals from the system:

(5)

Note:  this reaction is so energetic that a third body M, must be present to remove energy from the system so that Br2 actually can settle down before it flies apart again!

Having proposed a series of elementary chemical reactions (1) to (5), we can now use the law of mass action to formulate equations for the time rate of change of each of the components:

I.

II.

III.

8.1.1 The Steady State Approximation

Now, we want to determine the d(HBr)/dt from the above equations.  We do this by invoking the Steady State Approximation.  The steady state approximation assumes that once a radical pool is built up, the rate of change of radicals is small.  

So, we set equations II and III equal to zero:

Note:  This approximation would not be true at the beginning or end of the reaction.  Another way to look at the steady state approximation is to look at the concentration of radicals vs. time:

Having employed the steady state approximation, it is possible to solve equations  II and III for (H) and (Br) concentrations:

Substituting back into equation I yields:

This agrees with the original experimental observations!
8.2 Application of Chain Reactions.  
The NOx Problem Revisited:  The Zelodovich Mechanism of NO Production

Recall that we have calculated the theoretical equilibrium mole fraction of NO for a given set of initial conditions.  As it turns out, however, the rate at which NO is produced is quite slow with respect to the other chemical reactions occurring within a flame.   If one were to measure the mole fraction of NO in a flame as a function of position, they would measure the following:
The following elementary reaction of N2 and O2 is not practical from a geometrical standpoint:

(n4.11)

Zeldovich proposed the following kinetic mechanism of NO production, based on a chain reaction occurring between radicals and N2 present in flames:  

(n4.12)
(n4.13)

Ignoring the backward reactions, the rate of production of [NO] and [N] mole fraction can be formulated from the above two equations as follows:

(n4.14)

(n4.15)

Next, if we make the steady state assumption for [N] radical, reaction (n4.15) becomes:

(n4.16)

We can now substitute (n4.16) back into (n4.14), resulting in the following:

(n4.17)

Finally, since NO formation reactions are much slower than the other reactions in a flame, we can assume that the concentration of O atom is its equilibrium concentration:
This allows us to eliminate [O] from reaction (n4.17), resulting in Zeldovich’s famous result for estimating the rate of NO formation in a flame:

(n4.18)

Example 4.5.  Estimate the initial rate of NO production (ppm/s) if the air in this room were instantaneously heated to 2000 K.

Homework:  








Due date: 
