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Rates of reactions
What factors affect rate
How can we predict rate & improve (speed up) or slow down a reaction (i.e. oxidation of metals (rust), metabolic reactions, aging)
Can study reactants or products
Rates of production/evolution of a product.
Rates of consumption of reactants
How do we define rate?
Change in the concentration of a substance with time
Rate = ∆[reactant]/∆t = ∆[product]/∆t
aA +bB -> cC + dD
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Rate = (-1/a)(∆[A]/∆t) = (-1/b)(∆[B]/∆t) = (1/c)(∆[C]/∆t) =(1/d)(∆[D]/∆t)
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Test for Chapter 14 on November 6
3 questions
45min long

Rate is essentially defined as the change in concentration (reaction/product) over a change in time ∆[ ]/∆t
Instantaneous rate: rate at any given time (tangent)
Draw tangents at each time point (where we would like to know the rate) and find the slope of the tangent.
We can also look at a method of initial rates when we want to know HOW a particular reactant affects a reaction rate.
Method of initial rates
What is this method?
Well let us look at the individual reactants in a reaction and see how they affect the rate if we change them.
We define our rate in terms of concentration of reactants we can write a RATE LAW
Rate = k [A]m [B]n [C]p
k, rate constant
m, n, p are called PARTIAL ORDERS with respect to (a certain concentration of reactant)
m is the partial order with respect to A
Partial orders can ONLY be determined EXPERIMENTALLY
They are NOT necessarily the same as the stoichiometric coefficient
The OVERALL order of a reaction is the sum of the partial orders
Orders may be whole numbers OR fractions, may be positive or negative.
We will look at orders of 0, 1, and 2.
Rate = k [A]m [B]n
Experimentally we determine the partial orders by holding one concentration fixed/constant and varying the other to determine its affect on the rate.
Pg 626 # 12
1 & 2 Tripled the concentration of A, in result the initial rate tripled as well.
2 & 3 Doubled both the concentration of A and the concentration of B, in result the initial rate was quadrupled.
Rate = k [A]m [B]n
Rate 2 = 1.3x10-2 = k(1.50)m(1.50)n = (1.50)m = 3m = 31
Rate 1     4.2x10-3    k(0.50)m(1.50)n     (0.50)m 
3m = 3, Therefore m=1
Or you can say tripling the concentration of A (holding concentration of B constant) results in tripling the rate so m=1
Now we can say Rate = k [A]1 [B]n = k [A][B]n
Experiments 2 & 3
Rate 3 = 5.2x10-2 = k(3.00)m(3.00)n = ((3.00)(3.00)n 
Rate 2     1.3x10-3    k(1.50)m(1.50)n     (1.50)(1.50))
= 2(2)n = 4
2n = 4/2 = 2
n=1
Therefore rate law is Rate = k [A]m [B]n
Partial order with respect to A is 1 partial order with respect to B is 1 overall order = 1+1 = 2
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Rate = k [A]m [B]n
Once we figure out the partial orders, use any data set to find the value of k, k is fixed for any reaction at a particular temperature, the k is temperature dependent.
There are different orders and we will look at 3 in particular: 0 order, 1st order, and 2nd order
A zero order reaction in one in which we have a reaction
A -> products
Rate = k[A]0
First order reactions
A -> products
Rate = k [A]1 = (-d[A])/(dt)
We can use integral calculus to find the INTEGRATED FIRST ORDER EQUATION

[A]t concentration of A at any time t
[A]0 initial concentration of A
k rate concentration
t time
Rewrite as:
ln[A]t – ln[A]0 = -kt
ln[A]t = -kt + ln[A]0
y=mx+b
So what happens if we choose a time t, such that our [A]t = ½ [A]0
= ln([A]o/2[A]0) = -kt -> ln(1/2) = -kt -> ln(2) = kt
We call this t the HALF-LIFE or t1/2 
t1/2 = ln2/k
Application in RADIOACTIVITY STUDIES, medical studies, geological studies, etc.
Q 90 Ch 14 p 651
NH2NO2 (aq) -> N2O (g) + H2O (l)





How long should the reaction go to collect this volume of N2O?
Soln
Find nNH2NO2 = c x v = 0.105mol/L x 0.165L = 1.73x10-2 mol
Find nN2O using PV=nRT
First find PN2O = Patm – PH2O,vap
= 765mmHg – 12.8mmHg
=743mmHg
= 0.97763atm
Find moles of N2O 
n= PV/RT = 2.07x10-3 mol N2O
NH2NO2 (aq) -> N2O (g) + H2O (l)
Now we have formed 2.07x10-3 mol N2O, since the stoichiometry is 1:1, we have consumed 2.07x10-3 mol NH2NO2 
The amount of NH2NO2 that is left is 1.73x10-2 mol – 2.07x10-3 mol
= 1.52x10-2 mol NH2NO2 left after the reacton.
Therefore [NH2NO2]t = n/v = 1.52x10-2 mol/0.165L = 9.23x10-2 mol/L
The half-life, t1/2 = 123 minutes
k = ln2/t1/2 = ln2/123min
= 5.64x10-3 min-1
ln([NH2NO2]t/[NH2NO2]0 = -kt
ln(9.23x10-2) = -(5.64x10-3min-1)t
0.105
t= 22.9min

Second Order Equations
A + B -> products
Rate = k [A] [B]
We won’t consider this case, as it is chemically more complicated
A -> products
Rate = k [A]2
We can obtain an interpreted second order equation just as we did for first order equations
1/[A]t = kt + 1/[A]0
y= mx + b
The half-life has a dependence on the initial concentration
Look at some theoretical background in kinetics
One – look at temperature dependence
Two – look at mechanisms
Why is it that some reactions need a lot of energy to get started, but once started, they keep going?
Why do other reactions need a constant influx of energy?
Why do some reactions need a little or no energy to get started while others require a considerable amount?
[image: ]
Exothermic
Reactants have more energy than the products
Endothermic
Reactants have less energy than the products
Barrier represents the energy needed to give the reactants the ability to react.
ACTIVATION ENERGY, EA
Units of J/mol or kJ/mol
Can derive a relationship between the rate constant and the activation energy, that is valid at different temperatures.
As we increase the temperature, more molecules have enough energy to surpass the energy barrier.
k = Ae-Ea/RT
k, rate constant
A, pre-exponential factor (measure of # collisions)
Ea, activation energy
R, gas constant (8.314)
T, temp in K
By manipulating 2 versions of A, this equation (at 2 different k) we can obtain the following relationship.
ln(k1/k2) = Ea/R(1/T2 – 1/T1)
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Use to fine EA (of we know k values at 2 different T values); use to find k at a second T value, or use to find T given one set of k, T and another k.
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Suppose we are looking at the reaction of H2 + I2 -> 2HI
How does a particular reaction occur?
What are the steps? Does it happen all at once? Or are there a number of steps that occur before the products are formed?
Look at the individual steps that lead to formation of the product. We call them ELEMENTARY STEPS. Adding the elementary steps MUST yield the net reaction.
Elementary Steps usually involve one molecule (UNIMOLECULAR) or two molecules (BIMOLECULAR) VERY rarely they may involve three molecules (TERMOLECULAR). The number of molecules involved in the step is the MOLECULARITY.
Most important thing about an elementary step is that the partial order in the rate law of that step is EQUAL to the STOICHIOMETRIC COEFFICIENT.
We will only consider two particular cases:
Slow step followed by a fast reaction
Fast equilibrium followed by a slow step.
As in any situation involving rate or speed, there is a possibility of finding one spot (or reaction) that may LIMIT the rate or speed.
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Chemically the BOTTLENECK (the step that slows us down) is called the RATE DETERMINING STEP.
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In general, lnx or ex are considered to be functions. e is not a variable in this case. Ln x and ex are inverse functions. ln uses base e just as log (normally) uses base 10. log x, its inverse function is 10x
lnex = y <-> ey=x
ie, suppose ln(k1/k2) = 1.5
e1.5 = k1/k2 = 4.48
log x = y <-> 10y=x
k = Ae-Ea/RT
Take ln of both sides you get ln(k) on the left and ln(Ae-Ea/RT)
Log rules tell you that log or ln xy – ln x + ln y 
lnAe-Ea/RT = lnA + lne-Ea/RT
lne cancels
ln k = lnA –Ea/RT

Mechanisms
When we left off last class, we explored the idea that in a mechanism (much as in a road trip), the rate depends on WHERE and HOW MANY bottlenecks we have.
If the slowest step is at the beginning, then we can say that the Rate Determining Step (slowest step) will be the first step.
Chemically what does this mean?
We use the Rate Determining Step (RDS) to state the rate.
RDS will always have a rate law that looks like:
Rate = k [A]m[B]n 
Remember that the RDS is ONE of the elementary steps in the mechanism and SO the partial orders, m & n above will be the stoichiometric coefficients of the reactants in the RDS.
71 p650
When we have a fast equilibrium, we use the double arrow [image: ] (equilibrium arrow).
What does equilibrium mean?
It is defined as the point at which the RATE of the forward reaction equals the RATE of the reverse reaction.
(S1 + S2) [image: ] (S1:S2)*	(fast)  (1) (k1 fwd) (k-1 rvs)
(S1:S2)* -> S1 + S2	(slow) (2)
First step is a fast equilibrium. Definition Ratefwd = Ratervs 
Ratefwd = Ratervs
k1[(S1+ S2)] = k-1 [S1:S2)*]
* Represents activated complex
Therefore the 2nd step (slow step) is the RDS
Rate = k2 [(S1:S2)*]
(S1:S2)* is an activated complex, it is NEITHER the reactant NOR the product, but is produced and then consumed. We call such a species an INTERMEDIATE.
WE NEVER define the rate in terms of an intermediate because we cannot always determine it!
Much research in kinetics goes into finding very short lived (picosecond, femtosecond) intermediates because FINDING the intermediate in a mechanism that yields the same rate law as that observed experimentally VALIDATES the mechanism.
So, how do we find the rate law?
We use our first equation
Rate = k2 [(S1:S2)*]
K1[S1 + S2] = k-1 [(S1:S2)*]
Solve foe (S1:S2)* = k1/k2 [(S1 + S2)]
Rate = k2 [(S1:S2)*]
= k2 (k1/k-1 [(S1 + S2)]
Rate = k [(S1 + S2)]         k= (k2k1)/k-1
Sometimes we have a species that is present in our reaction mixture at the beginning, is consumed during the course of the reaction and is then reproduced at the end of the reaction. This substance is called a CATALYST (and does not appear in the net reaction although sometimes we indicate it over the arrow. BECAUSE it is present at the beginning of the reaction a catalyst MAY appear in the rate law.
An important note about catalysts
They NORMALLY speed up a reaction (unless your catalyst is an INHIBITOR, in which case, it slows down the reaction).
There are many explanations for how a catalyst works. The best is that it provides an ALTERNATE (lower energy) PATHWAY for the reaction to occur.
So review:
In general a mechanism consists of a number of elementary steps that must do the following
Add to give the net reaction
It must yield the same rate law as that observed experimentally
Will not contain an intermediate
May contain a catalyst.
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