Chapter 12
Chemical Kinetics
Chapter Objectives:  In this chapter, we will consider the main ideas of chemical kinetics.  We will explore rate laws, reaction mechanisms, an simple models for chemical reactions.
Reading:  Pgs. 552 - 589
Problems:  

Problem Set 1 (12.1 – 12.3)
Do problems:  pg. 593 (23 – 31 odd, 35)
Problem Set 2 (12.4 – 12.5)
Do problems:  pg. 595 (37 – 43 odd, 49, 53)
Problem Set 3 (12.6 – end)
Do problems:  pg.597 (59 – 65 odd, 73, 75a, b)
You should be able to:
1.  Describe reaction rates and the factors that affect them.
2. Differentiate between reaction rate and instantaneous reaction rate.
3. Describe rate laws and figure out rate laws for specific reactions.
4. Determine rate constants and the order of specific rate laws.
5. Distinguish between differential rate laws and integrated rate laws.
6. Use rate laws and integrated rate laws to determine rate constants.
7. Use the method of initial rates to determine rate laws.
8. Calculate the overall rate order.
9. Describe first-order, second-order and zero-order reactions.
10. Describe reaction mechanisms, in terms of intermediates, elementary steps, molecularity, etc.
11. Explain the collision model.
12. Describe activation energy and label it on an energy diagram.
13. Use the Arrhenius equation appropriately.
14. Describe how enzymes and catalysts affect reactions.
Chapter 12 – Chemical Kinetics
12.1  Reaction Rates


A.  Chemical Kinetics – The study of the speed with which reactants are converted to

                                                   products.


B.  Factors affecting rate – [reactants], temperature, surface area, catalysis



Note:  [ ] = concentration = molarity = mol/L


C.  Reaction Rate (speed) – The change in concentration of a reactant or product over a specific period

                                                   of time.

[image: image1.emf]


Rate =                                                                                                        



Rate = 

a.  Rate is NOT constant! 
· It’s usually written as an average.

· Normally it decreases with time.
· If you want a rate at a particular time ( INSTANTANEOUS RATE, you have to compute the slope of a line tangent to the curve at that point.
b. (+)  rate ( concentration is increasing; (-) rate ( concentration is decreasing.  

       (It is customary to express reaction rates as positive values.)
c. Coefficients from the balanced reaction are important!  (Stoichiometry determines the relative rates of consumption of reactants and generation of products.)

Example:  Decomposition of NO2 :    
2NO2(g)  (  2NO(g)  +  O2(g)
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Use the coefficients to show the relative rates of consumption:     2NO2(g)  (  2NO(g)  +  O2(g)

(Rate of consumption of NO2 ) = (rate of production of NO)  =  (rate of production of O2)



- Δ[NO2]

=
Δ[NO]

        =        2Δ[O2]  

                                         Δt                                           Δt                                      Δt


Note:  Rate is not constant!  A reaction occurs when reactants collide correctly to form a product.  As

                       the reactants get used up in the reaction, there are fewer and fewer collisions…which means the

                        rate of the reaction decreases until it reaches equilibrium.
12.2  Rate Laws:  An Introduction


A.  Reactions are reversible!


1.  For the reaction  2NO2(g)  (  2NO(g)  +  O2(g) ,



     As the products accumulate, they combine and form the reactants again.  

                             The reverse reaction is  2NO(g)  +  O2(g)  (  2NO2(g) 


2.  The reverse reaction affects the rate of change in concentrations.




a.  Δ[A] depends on the difference in the rates of the forward and reverse reactions.



3.  To avoid the complication of the reverse reaction occurring, study the reaction RIGHT when

                                   reactants are mixed (before products build up to create the reverse reaction.)  Choose

                                   conditions where the reverse reaction is neglected, & the reaction will only depend                                 

                                  on [reactants].


B.  Rate Law (Ignoring reverse reaction) – tells us HOW the rate depends on [reactants].


1.  Rate = k[NO2]n



a.  k is a proportionality constant called the rate constant.




b.  n is the order of the reactant (an integer, including zero, or a fraction)





(1)  k and n must be determined experimentally. (You can’t figure them out by

                                                      looking at the balanced reaction.)



**Units for k are different, depending on the order.  Here’s a trick to figure it out:





Units for k = M(1 – order)s-1    So:  1st order units for k ( (1/s)

                                                                                                    2nd order units for k (       L     .
                                                                                                                                            mol * s


2.  [Products] do not appear in the rate law (b/c it’s studied at the start of the rxn.)

C.  Types of Rate Laws




Summary:    Rate =  -Δ[NO2]  =  k[NO2]n     Once you get “n”, this shows HOW the rate
                                                                          ΔT                              depends on the concentration of NO2.



1.  Differential Rate Law (Rate Law)




a.  Expresses how the rate of a reaction depends upon concentration.





Rate = k[NO2]n


2.  Integrated Rate Law



a.  Expresses how the concentration of a species (reactant or product) in a reaction

                                        depend on time.





- Δ[NO2]
=
Δ[NO]

     =        Δ[O2]  

                        
    2Δt                              2Δt                                 Δt



3.  The two types of rate laws are related.  Choice of rate law depends on what data is easiest to

                              collect.  Once you know one rate law, you can find the other.
· Why study rate law?  We can work backward from a rate law to infer the steps of a reaction.  Most chemical reactions are several sequential steps, not just 1.  Knowing the steps allows us to study the reaction.

12.3  Determining the Form of the Rate Law


A.  Determining the value of n (Order of the reactant)



1.  Example

	[A]
	Rate (mol/L*s)

	1.00 M
	8.4 x 10-3

	0.50 M
	2.1 x 10-3


a.  Doubling the concentration of species A quadruples the rate of the reaction.  Therefore, the reaction is of second order, with respect to A.

Rate = k[A]2
B.  Method of Initial Rates

1.  Initial Rate



a.  Instantaneous rate just after t = 0


2.  Experimental method



a.  Vary initial concentration of reactant(s).



b.  Determine initial rate for each concentration.



c.  Examine the relationship between the rate and initial concentration.


3.  Example:

	Table 12-4   Initial Rates from Three Experiments for the Reaction:  

                     NH4+(aq)  +  NO2-(aq)  (  N2(g)  +  2H2O(l)

	Experiment
	Initial Concentration of NH4+
	Initial Concentration of NO2-
	Initial rate (mol/L*s)

	1
	0.100 M
	0.0050 M
	1.35 x 10-7

	2
	0.100 M
	0.010 M
	2.70 x 10-7

	3
	0.200 M
	0.010 M
	5.40 x 10-7


a.  In experiment 1 and 2, the concentration of NH4+ is held constant.

b. In experiment 2 and 3, the concentration of NO2- is held constant.

c. Basic rate law for the reaction:  Rate = k[NH4+]n[NO2-]m
4.  Calculations – Study your notes from where we worked through this together in class!!!

a.  Experiment 1 and 2



(1)  Rate doubles when concentration of NO2- doubles



(2)  m = 1 (first order)


b.  Experiment 2 and 3



(1)  Rate doubles when concentration of NH4+ doubles



(2)  n = 1 (first order)

5.  Overall reaction order


a.  Overall reaction order is the sum of m and n.



(1)  m + n = 2, so overall the reaction is second order




Rate = k[NH4+][NO2-]

6.  Calculate k, the rate constant


a.  Rate is known


b.  Both concentrations are known


c.  Exponents are known



1.35 x 10-7 mol/L*s = k(0.100 M)(0.0050 M)



k = 1.35 x 10-7 mol/L*s



     (0.100 M)(0.0050 M)
12.4  The Integrated Rate Law
A.  Integrated First-Order Rate law (single reactant)



1.  ln[A] = -kt  +  ln[A]0   or   ln(        )  = kt



a.  [A] is concentration of reactant A at time = t




b.  [A]0 is concentration of reactant A at time = 0




c.  Equation is linear (y = mx + b), so if you plot ln[A] vs. time, for a first order

                                        reaction, you will see a straight line.  (Then use slope to get k.)

**Note – You can also calculate pressures or masses, instead of concentration, using this equation!



2.  Half-life of a First Order Reaction




a.  Half life of a reaction is the time required for a reactant to reach half of its original

     concentration.

ln(        )  = kt      (     [A] =               (         ln(     ) = kt1/2      (      ln(2) = kt1/2     (     t1/2 = 
B.  Integrated Second-Order Rate Law (single reactant)



 1.   1    =   kt +  1   .
                             [A]               [A]0



a.  Graph of 1/[A] versus t is a straight line with slope k.


2.  Half-life of a Second-Order Reaction (derivation on page 567)




a.  t1/2 =     1     .
                                                     k[A]0
Note:   1)  For 1st order, t1/2 only depends on k.  For 2nd order, it depends on k and [A]0.

2)  For 1st order, t1/2, stays the same throughout the reaction.  For 2nd order, it changes - each

     successive half-life is double the preceding one.


C.  Zero Order reactions – Usually occurs on a metal surface or with an enzyme.


1.  Rate is constant; it does not change with changing concentration.



2.  Zero order sometimes happens with catalysis



3.  Integrated rate law for zero-order reactions.




a.  [A] = -kt + [A]0


4.  Half-life of a zero-order reaction




a.  t1/2 = [A]0
                                                   2k

D.  Integrated Rate Laws for Reactions with More than One Reactant



1.  Examine rate with one reactant in very low concentration and the others much higher.





          Rate = k[A]n[B]m[C]p
a.  If [B] > > [A] and [C] > > [A], then [B] and [C] do not change as greatly, relative to [A], so…..Rate = k`[A]n


2.  Pseudo-first-order rate law (or zero-order, or second-order)




a.  Simplification yields a rate law of a particular order.
12.5  Rate Laws:  A summary

	Order
	Rate Law (Differential)
	Integrated Rate Law
	Straight line plot
	Half-life

	Zero
	Rate = k
	[A] = -kt + [A]0
	[A] vs. time
	t1/2 = [A]0 / 2k

	First
	Rate = k[A]
	ln[A] = -kt + ln[A]0
	ln[A] vs. time
	t1/2 = 0.693 / k

	Second
	Rate = k[A]2
	1/[A] = kt + (1/[A]0)
	1/[A] vs. time
	t1/2 = 1 / (k[A]0)


12.6  Reaction Mechanisms


A.  Reaction Mechanism – series of steps for a reaction.


1.  The reaction mechanism must satisfy two requirements.




a.  The sum of the elementary steps must give the overall balanced equation for the

     reaction.

b. The mechanism must agree with the experimentally determined rate law.

B.  Intermediates


1.  A species that is neither a reactant nor a product, but that is formed and consumed during a

                 chemical reaction.

C.  Elementary steps


1.  Reactions whose rate law can be written from their molecularity (Use the balanced equation.) 

NOTE:  **Only use coefficients as exponents if it is an “ELEMENTARY” step!!!
D.  Molecularity


1.  The number of species that must collide to produce the reaction indicated by that step.



a.  Unimolecular step – a reaction involving one molecule.



b.  Bimolecular step – a reaction involving the collision of two species.



c.  Termolecular step – reaction involving the collisions of three species.

	Table 12.7 Examples of Elementary Steps

	Elementary Step
	Molecularity
	Rate Law

	A  ( products
	Unimolecular
	Rate = k[A]

	A + A ( products

(2A ( products)
	Bimolecular
	Rate = k[A]2

	A + B ( products
	Bimolecular
	Rate = k[A][B]

	A + A + B ( products

(2A + B  (  products)
	Termolecular
	Rate = k[A]2[B]

	A + B + C ( products
	Termolecular
	Rate = k[A][B][C]


E.  Rate-Determining Step


1.  The slowest step in a reaction determines the rate of the reaction.

F.  Example


1.  Overall reaction:  NO2(g)  +  CO(g)  (  NO(g)  +  CO2(g)


2.  Rate law determined experimentally:  Rate = k[NO2]2


3.  Elementary steps:    NO2(g)  +  NO2(g)  (  NO3(g)  +  NO(g)






NO3(g)  +  CO(g)  (  NO2(g)  +  CO2(g)


4.  Which step is rate determining?



a.  IF step1, then Rate = k[NO2]2         This agrees with experimental results



b.  IF step 2, then Rate = k[NO3][CO]  This does NOT agree with experimental results
** We NEVER know for sure what the elementary steps of a reaction are.  We just use chemistry to make inferences.  Two conditions have to be met to be a plausible set of steps:


1)  The sum of the elementary steps must give the overall balanced equation for the reaction.


2)  The mechanism must agree with the experimentally determined rate law.

12.7  A Model for Chemical Kinetics

A.  Collision Model-   Molecules must collide in order to react.



1.  They must collide with sufficient energy.



2.  They must collide with correct orientation.

B.  Activation Energy (Ea)



1.  The energy required to convert atoms or molecules into the activated complex

                             (transition state)



2.  The minimum energy required for an effective collision.


12.8  Catalysis


A.  Catalysts



1.  A substance that speeds up a reaction without being consumed itself.
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B.  Effects of Catalysis



1.  Catalysts lower activation energy, but do not change ΔH for the reaction.



2.  Catalysts provide alternate reaction pathways.



3.  Catalysis results in a higher percentage of effective collisions.


C.  Three factors that affect catalysis ( concentration, acidity, temperature
Note:  When looking at a mechanism, be careful when identifying intermediates vs. catalysts.  


*  Intermediates are formed and consumed.




Step 1:  A + B  (  C 




Step 2:  C  (  D  +  E



C is an intermediate.  It was formed in step 1 and consumed in step 2.


*  Catalysts are added to the reactants, but are not used up because they are produced again.




Step 1:  A + B  ( C + D




Step 2:  D + E  ( B + F

B is a catalyst. It was added to step 1 and then produced in step 2.
(concentration of A at time t2) – (concentration of A at time t1)


                                             t2 – t1
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