CHEMISTRY 1101 NOTES
ZUMDAHL CHAPTER 12 - CHEMICAL KINETICS

The previous chapter touched on thermodynamicsiwdaa tell us whether a reaction is
inherently likely to "go". The thermodynamics oétbverall reaction tell us nothing about the
rate of a reaction. There are a number of very exotiereactions which do not proceed at
all at room temperature. Examples are the readfittydrogen with oxygen, hydrogen and
chlorine and hydrogen and nitrogen.

Reactions are characterized by a mechanism in whe&bverall reaction may actually occur
in a number of steps. One or more of these stelpgaviern the rate at which the reaction
occurs. Studying kinetics is one way to establhrhechanism, and in industrially important
reactions perhaps propose other mechanisms whigtbentaster.

1. Reaction Rates

TABLE 12.1 Concentrations of Reactant and Products as
a Function of Time for the Reaction 2NO,(g) — 2NO(g) +
0,(g) (at 300°C)

Concentration (mol/L)

Time (=1 s) NO, NO 0,
0 0.0100 0 0

50 0.0079 0.0021 0.0011
100 0.0065 0.0035 0.0018
150 0.0055 0.0045 0.0023
200 0.0048 0.0052 0.0026
250 0.0043 0.0057 0.0029
300 0.0038 0.0062 0.0031
350 0.0034 0.0066 0.0033
400 0.0031 0.0069 0.0035




See alsd-igures 12.7and12.2
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FIGURE 12.1
Starting with a flask of nitrogen dioxide
at 300°C, the concentrations of nitrogen
dioxide, nitric oxide, and oxygen are
plotted versus time. 50 100 150 200 250 300 350 400
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Representation of the reaction 2NO,(g) — ~ 3 bl 5 5 - W - -

2NO(g) + 0,(g). (a) The reaction at the @ ®) ©
very beginning (t = 0). (b) and (c) As time . .
passes, NO, is converted to NO and O,. Time

The rate can be averaged over particular periods:

Change in [NG| / Time elapsed A[NO,J/At = [NO]so - [NO]o / 50 = -4.2x16 mol/L/s




TABLE 12.2 Average Rate (in
mol/L - s) of Decomposition of
Nitrogen Dioxide as a Function

of Time*
A[NO,] : ,

P Time Period (s)
42X 107 0 — 50
2.8 % 1072 50 — 100
2.0 X 10°° 100 — 150
14 x 1073 150 — 200
1.0 X 1073 200 — 250

*Note that the rate decreases with time.
or determined as an instantaneous rate from tipe sibthe curves thus:
The rate of disappearance of N& 100 s = 0.0026/110 = -2.4x1fol/L/s

The rate of appearance of NO is the same at 166 ata250 s it is 6x1%70 = 8.6x10
mol/L/s

The rate of appearance of ®ould be one half of the values for NO.

Rate Laws. An Introduction

All reactions are reversible. Except right at tlegibning, when there are no products, the
changes in concentration that we observe are depénd the rates of the forward and
reverse reaction rates.

2NO)(g) — 2NO(g) + Q9)
2NO(g) + Q@) — 2NOJ(9g)
2NO)(g) = 2NO(g) + QO9)

The individual rates are dependent arate law. The rate of disappearance of N©
governed by the equation:

Rate = k[NQ]"

The constants k (theate constant) and n (theorder) must be experimentally determined. T
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order can be an integer, a fraction or zero. Irpntases it is usually a small integer.
Important points are:

The rate law will contain the concentrations of tbactants in the process to which it appl
only.

The value of the exponent must be experimentaligrdened.

Also we have to define exactly what rate we ar¢imgithe law for:

Rate =A[NO,J/At = k[INO,]" Disappearance of NO

Rate' =A[O,)/At = k'[NO,]" Appearance of O

Rate" =A[NOJ/At = k"[NO,]" Appearance of NO

k = k' = 2k

Types of Rate L aws

The above rate laws are calldifferential rate laws and they give rate as a function of
concentration - t does not appear on the right-lsaohel The other form, thategrated rate
law gives concentrations as a function of time - t gflpear on the right-hand side.

The two kinds of law can be mathematically obtaifrech each other so we need determit
only one experimentally: whichever is more convehie

The reason for being interested in the rate laws foarticular overall reaction is in order t(
obtain clues as to the individual steps in thetreacThere are very few reactions known
where any one step involves more than two molecules

Determining the Form of a Rate L aw

Consider the decomposition 0@ in carbon tetrachloride solution at’€5
2N,0Os5(soln) —  4NQy(soln) + Q(g)

The oxygen escapes from the solution so the reveesion is not possible which simplifie
the situation.
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TABLE 12.3 Concentration/
Time Data for the Reaction
2N,0:(soln) — 4NO,(soln) +
0,(g) (at 45°C)

[N,0¢] (mol/L) Time (s)
1.00 0
0.88 200
0.78 400
0.69 600
0.61 800
0.54 1000
0.48 1200
0.43 1400
0.38 1600
0.34 1800
0.30 2000

If we check the rates at a couple of points wedsduce a value for n. Seeure 12.3)
When the concentration is 0.90 M the instantaneates(slope) is 5.4x1bmol/L/s, and
when the concentration has halved to 0.45 M tteelsatomes 2.7x10mol/L/s, that is half
the first. This means the rate of the reaction ddp@n [NOs] to the first power:

Rate = A[N,Og/At = K[NOJ' = K[NOg]

We could also work out k from one of these data{spibut it would be better to use both
and even better to use the whole plot somehow...

<—— Rate =54 x 10 *mol/L-s

Rate =27 % 10 *mol/L-s |

[NO4] (mol/L)

FIGURE 12.3

A plot of the concentration of N,0,

as a function of time for the reaction
2N,0;(soln) — 4NO,(soln) + 0,(g)
{at 45°C). Note that the reaction rate
at [N,05] = 0.90 M is twice that at 400 800 1200 1600 2000

[N,0,] = 0.45 M. Time (s)




M ethod of Initial Rates

The decomposition of )Ds had the advantage that the reverse reaction isassible, but in
most cases this is not the situation. Instead,xaen@e initial reaction rates at various
concentrations to deduce the order:

Consider:

NHs(ag) + NQ(ag) — Nxg) + 2HO())

TABLE 12.4 Initial Rates from Three Experiments for the Reaction
NH4+(aq) = NDI_ (ﬂq) e Nz(g) = 2H10{‘)

Initial Initial
Concentration Concentration Initial
Experiment of NH,* of NH;~ Rate (mol/L - s)
1 0.100 M 0.0050 M 135 X 1077
2 0.100 M 0.010 M 270 X 1077
3 0.200 M 0.010 M 5.40 x 1077

The general form of the rate law is:
Rate = A[NH,]/At = K[NH;]"[NO,]™

Try to find data for which only one concentratidranges to deduce the exponents. This i
the case with runs 1 and 2 whergy the NQ™ concentration doubles:

Run 1: Rate = 1.35x10-7 mol/L/s = k(0.100 fn)d{0.0050 mol/LY

Run 2: Rate

2.70xT0mol/L/s = k(0.100 mol/L'Y0.0100 mol/LY'
Then take the ratio:
Run 2/Run 1: Rate2/Ratel = 2.00 = (2.0)
Obviously m = 1.
Now do the same with runs 2 and 3 whemky the concentration of NA doubles:

Rate3/Rate2 = 2.00 = (2.00)




Thus n =1 also.
Therefore the rate law is:
Rate = A[NH,]/At = K[NH,][NO,]
Finally we can establish a value of k from any ohthe runs (or all of them graphically):
From run 1: 1.35x10mol/L/s = k(0.100 mol/L)(0.0050 mol/L)

k =2.70x10 L mol? s?

Exercisel?2.1

TABLE 12.5 The Results from Four Experiments to Study the Reaction
BrO; (aq) + 5Br (aq) + 6H (ag) — 3Br,(I) + 3H,0(I)

Initial Initial Initial Measured
Concentration Concentration Concentration Initial
of BrO;~ of Br~ of H Rate
Experiment (mol/L) (mol/L) (mol/L) (mol/L - s)
1 0.10 0.10 0.10 8.0 x 107
2 0.20 0.10 0.10 1.6 X 1073
3 0.20 0.20 0.10 32x10°
4 0.10 0.10 0.20 3.2 % 1072

Rate = Kk[B£]"[Br]"[H"P
Consider ratios: 2/1 which gives n=1, 3/2 whichegim = 1, and 4/1 which gives p=2
ie. Rate = Kk[Bf]'Br]{H"?
Run 1 gives k:
8.0x10* mol/L/s = k(0.10 mol/L)(0.10 mol/L)(0.10 mol/t)
Therefore: k = (8.0xI®mol/L/s)/(1.0x10" mol/L?) = 8.0 */mol¥/s

The Integrated Rate L aw

It is often convenient to have the variation of camtrations of reagents and products as 3
function of time. We need to know how to conved thfferential rate law to the integrated
rate law. This is simplest for reactions with birrgle reactant, (and easiest to understar
with a bit of calculus!)
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The differential law is:  Rate =A[A]J/At = K[A]"

In the sections that follow, the integrated ratedare shown for first order (n = 1), seconc
order (n = 2) and zero order (n = 0) cases. (lukhbe mentioned again that three-body
collisions are very rare.)

First-Order Rate L aws

For the reaction:
2N,0O5(soln) —  4NQOy(soln) + Q(g)
The rate law was:
Rate = —-A{N,O:s)/At = K[N,Og]
Integration (using calculus) of this equation ygeld

IN([N2O:]) = -kt + In([NO:],)
The general form of the integrated rate law foctiea which is first order in one reagent is:
In([A]) = -kt + In([A})

. The equation shows the variation of concentratidgh time if the initial concentration and
the rate constant are known.

. The equation is a straight line, ie it has the fpommx + ¢ where y = In[A], m=-k and c =
In[A] .. A plot of the natural log of concentration agatn®e is straight if the reaction is firs
order (within experimental error) and taking theps is the usual way of extracting the value
of k from the complete data set rather than eaaft geparately.

. The equation can be rearranged:

—+

In(AlJ[A] =kt

Exercisel2.2

[N,0:] (mol/L) Time (s)  In[N,Oq] Time (s)
0.1000 0 —2.303 0
0.0707 50 —2.649 50
0.0500 100 —2.996 100
0.0250 200 —3.689 200
0.0125 300 —4 382 300
0.00625 400 —5.075 400




The data are plotted g 12.4 a suspiciously perfect straight line!
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Time (s) A plot of In[N,0s] versus time.

We can get the value of k from the slope usindfitiseand last points:

Slope = change in "x"/change in "x" &IN[N,Os]/At:

Slope = -5.075 - (-2.303) (dimensionless) / 40Qs) = -6.93x1Hs?
k = +6.93x10s’

The integrated rate law can be used to calculatedhcentration at any time after the start of
the reaction, for example at 150 s:

IN(N-Os]) = -6.93x10 (s-1) xt(s) + In([MO:]o)
IN([N20s]150)
IN([N20s]150)

In([N205]150) = -3.343

-6.93x10 (s-1) x 150 (s) + In(0.100)

-6.93x10 (s-1) x 150 (s) + -2.303

Therefore:  [MOsliso = €*** = 0.0353 mol/L

N.B. This is not halfway between 0.0500 (at t =)1&dd 0.0250 (at t = 200) because of th
logarithmic relationship.

D

The Half-Life of a First-Order Reaction

This is the time taken for a reactant to reach itatbriginal concentration. For first order
reactions this is always the same regardless ofenree starts. Séegure 12.5
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FIGURE 12.5
A plot of [N,0s] versus time for the decom-
position reaction of N,O..

The data conveniently illustrate that it alwaysesR00 seconds to halve the concentratio

N,Os but it is better to derive a general formula:
In([A]J[A] = kt
but by definition:
[Al = [Ad/2
so:
In([A]/([A]/2)) = ki,
In(2) = ki,
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t, = 0.693/k
N.B. For first-order reactions the half-life is gkndent of the concentration.
Exercisel2.4

A reaction has a half-life of 20.0 minutes. (a)cCddhte the rate constant. (b) How much tir
is needed for the reaction to be 75% complete?

k = 0.693/20.0 = 3.47xfonin* = 5.78x1d s*
: The quick and dirty method. Because 75% is a caemeénumber. Spot
that that after one half-life, 50% of the reagemtsleft and after another half-life 50% of
50% ie 25% will be left ie 75% has been consumdis Takes 40 mins.

In general though, use the integrated rate law:
In([AlJ/[A] = kt
If the reaction is 75% complete then:
[Al/[A]o = 025 or [AJ[A] = 4.0
IN(4.0) = kt = 3.47xI1® or t = In(4.0)/3.47x10 = 40 min
Second-Order Rate Laws
For a single reactant:
Rate = A[A]J/At = K[AJ
The integrated form is:
1/[A]y = kt + 1/[A}

. A plot of 1/[A] vs t will produce a straight lind slope k.
. Provided [A}, and k are known, the concentration can be caledlafter any time t.

The half-life can be expressed as follows:
By definition:
[Al = [Ad/2
1/([A]lJ/2) = kt, + 1/[AL, or 1/[A} = ki,

Therefore:
11
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ty,

1/(k[Al)

Notice the half-life is no longer constant, butlependent on the starting concentration.

Exercisel2.5 :Datafor the Dimerization of Butadiene

Time (=1 s)

0
1000
1800
2800
3600
4400
5200
6200

Find the order, the rate constant and the half life

The data are plotted igures 12.6 (a) and (biNote that the points in (a) are incorrectly

marked though the curve is OK.
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FIGURE 12.6

2000 4000 6000

Time (s)

2CHe(g) — CgHix(0)

1

[C,H,] (mol/L) In[C4H,] [C,H,]
(0.0 1000 —4.605 100
0.00625 —5.075 1a0
0.00476 —5.348 210
0.00370 —5.599 270
0.00313 —5.767 320
0.00270 —5.915 370
0.00241 —6.028 415
000208 —6.175 481

400

300

0 2000 4000 6000

Time (s)

(b)

(a) A plot of In[C4Hg| versus t. (b) A plot of
1/1C,H) versus t.
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The log plot is not a straight line but the recgaboone is, therefore the reaction is second
order. The slope of the line is k. Using the fast last points:

k = (481-100 L/mol)/(6200-0 sec) = 6.14%10mol/s
The half life is given by:
t, = 1/(k[AL) = 1/((6.14x18)(1.000x10)) = 1.63x10s

If the initial concentration of butadiene is 0.01000 M it is halved in 1630 s. If it were half
that concentration it would be halveddouble the time!

Zero-Order Rate L aws

Rate = A[AJ/At = k

The rate is invariant with the concentration oéagent for certain types of reactions. An
example is the metal (Pt) surface catalysed decsitipo of NO to N, and Q. (Figure 12.3
All the sites on the Pt surface are occupied aaddte will depend only on the number of
sites (which is constant) and the rate at whiclsttes are liberated (which will also be
constant at a particular temperature).

The integrated rate law is:
[A] = -kt + [A}l
and the half-life is given by:

tl/2 = [A]O/Zk

The decomposition reaction 2N,0(g) —
2N,(g) + 0(g) takes place on a platinum

surface. Although [N,0] is twice as great in ’
(b) as in (a), the rate of decomposition of ’gmﬁm% ’%
N,0 is the same in both cases because the

platinum surface can accommodate only a @3 N,0
certain number of molecules. As a result,
this reaction is zero order. (a) (b)

FIGURE 12.8 % %

Integrated Rate L awsfor Reactionswith M orethan One Reactant
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The example given is:
BrOs(aq) + 5Bi(aq) + 6H(aq) — 3Bn(l) + 3HO()
We already know the (differential) rate law is:
Rate = A[BrOs])/At = Kk[BrO;][Br][H™]?

The integrated rate law for such a reaction caosglematical problems unless we do the
reaction under conditions where two of the reagarégpresent in such excess that their
concentration is constant within experimental erfére book suggests 1 M for Bnd H
and 0.001 M for Br@ in order to obtaimpseudo first-order conditions.

The new rate law is:
Rate = A[BrO;])/At = K[Br&s]

As for any other first-order reaction , k' can liatned from the -slope of the log plot, and
then k obtained because the concentrations of ldeamnd proton are known:

k' = K[Brlo[HTo

. Rate L aws. a Summary

(Table12.6) Summary of theKineticsfor Reactionsof the TypeaA —
Products

Zero Order First Order Second Order

Rate Law Rate = k Rate = k[A] Rate = kfA]
[A] = -kt + In[A] = -kt + 1/[A] = kt +

Integrated Rate Law Al In[A], 1[A,

Straight Line Plot [Ajst In[A] vst 1/[A] vst

14




Significance of the K Kk K
Slope

Half-life t, = [Alo/2K t, = 0.693/k 1, = UK[A],

. The treatment we have seen assumes that onlyrarfibreaction is important (and only one
process determines the rate).
. There are two forms of rate law:
Differential rate raw: Usually justrate law relates rate to concentrationn of
reactant(s)
Integrated rate law: relates concentration to time.
. The two types of rate law are mathematically relaed only one has to be established by
suitable experiments.
. The method of initial rates is the most common meétfor determining the differential rate
law.
. The method of measuring the concentration ovextanded period leads to the integrated
rate law in the sense that the shape of the p&itsmhines the order.
. A rate law for reactions involving several reacsardan alway usually reduced to pseudo nth
order in one reactant by making sure there is dhyeaxcess of the others.

Reaction M echanisms

Consider the reaction:
NOx(g) + CO(g) — NO(9) + CQog)
Rate = Kk[NG

The reaction is actually thought to proceed bytlaetramore complex mechanism than the
overall equation indicates:

NO,(g) + NQ(@) — NOs(g) + NO(g) Rate constantk
NO;(g) + CO(g) — NO,g) + CQ(g) Rate constantk

NO; is anintermediate. It does not appear in the overall reaction.

Each reaction is called aementary step.

Themolecularity of an elementary step which canusemolecular, bimolecular or very
rarelytermolecular is is associated with a specific rate law for gtap.

15




TABLE 12.7 Examples of Elementary Steps

Elementary Step Molecularity Rate Law

A — products Unimolecular Rale = k[ A]

A + A — products Bimolecular Rate = k[A]’
(2A — products)

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

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

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

Elementary steps above termolecular are virtuatiyassible.
1. The sum of the elementary steps must sum to thelbbalanced equation.
The mechanism must agree with the experimentatigraened rate law.

The first criterion is clearly true. The seconduiees the introduction of the idea ofate
determining step. In this case the rate determining step is tist éine, which gives us the
experimentally observed rate law. This does nofigarthat this is the actual mechanism:
there may be another that is chemically reasornaltl¢hat we have not thought of.

Exercise 12.6
The balance equation for the reaction of nitrogeride and fluorine in the gas phase is:

2NGy(g) + k(@ — 2NGF(9)

and the experimental rate law is:
Rate = K[NQ|[F]
A suggested mechanism is:
NOg) + R — NOF + F Kk (slow)
F + NQ — NOF Lk (fast)

This is an acceptable mechanism on both the abiteea.

16




. A Modd for Chemical Kinetics

Thecollision model requires that a collision has to happen for atr@astep to occur. This is
enough to explain the rate laws if we choose abldatmechanism, but there is also a
temperature effect which causes reaction rataseadramatically (usually) as the
temperature is raised: the effect is actually exptial (Figure 12.9) The effect can be
explained by assuming that reactions have a thiesletivation energy (Svante Arrhenius,
1880's) This activation energy is like a barriattthe reaction has to "go over" to get to the
productsFigure 12.10llustrates this for:

2NOBr(g) — 2NO(g) +Bs(g)

P Y— P @

Step 2

FIGURE 12.9 >
A molecular representation of the elemen- @ + m @ + @

tary steps in the reaction of NO, and CO.

/ The reaction (step) proceeds throughaetnvated complex or
transition state which is proposed to explain the kinetics. In
/ addition two factors allow us to understand the@ctates

/ observed:
& .-'r
/ 0. The number of collisions with energy greater thaa t
Vi necessary threshold:
/
/" Number of collisionss with the necessary minimum
o~ energy = z.exp-@RT)
TI{K)

1. The fraction of the number of collisions (p) whéne
MR orientation of the colliding molecules is correttis will

A plot showing the exponential dependence

of the rate constant on absolute tempera-  depend on the reaction step. In some cases tle®skamistry
ture. The exact temperature dependence of

i i different for each reaction. This plot is very demanding and in others not so demanduigthle rate
represents fhe behavior of a rate constant —— \ji|| glways be somewhat lower than the total nundfer
that doubles for every increase in tempera-

ture of 10 K. collisions with adequate energy. Segure 12.1%or
appropriate and inappropriate orientations fortieac
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—Mumber of eollisions—-
e
\"
) =
i
i
/

=
=
= e

Energy — = The rate constant is given by:

nelghaoes k = zp.exp-(ERT) = A.exp(-ERT)

Plot showing the number of collisions
with a particular energy at T, and T,,
Whete 1, 2= T where A is thdrequency factor replacing the product of

thesteric factor (p) and thecollision frequency (z). This equation is called tiAerhenius
eguation. Taking logs of both sides gives:

Ink) = -(B/R)(L/T) + In(A)
With a couple of data points it is already posstblextract the activation energy:
In(k,) - Ink) = [FE/R)(LT) + In(A)] - [-(&/R)(A/T) + In(A)]
In(ko/k)) = EB/R@T, - 1T
Exercisel2.8
Data for the reaction:
CHi9) + 23%(g) — CS(g9) + 2HS(9)
At 550°C (T,) k; = 1.1 L/mol/s and at 626 (T.) k, = 6.4 L/mol/s. Calculate £
In(6.4/1.1) = HK8.3145 J/K/mol x (1/823 K - 1/898 K)

E.=1.4x1G kJ/mol

Normally a plot of In(k)vs 1/T, called arArrhenius plot with -(E/R) as its slope would be
used for a more extended set of data.

18




Exercisel2.7

T (0 T (K) 1/T (K) k(s In(k)
20 203 341 % 1073 2.0 % 1073 —10.82
30 303 330 X 1077 73X 10°° —9.53
40 313 3.19 x 107° 7 T oo L —8.22
50 323 3.10 X 1073 9.1 X 10°* —7.00
60 333 3.00 X 107 20% 1077 —5.84

Figure 12.14shows the plot. The slope is -1.2%¥0and the value of fis -slope x R =

1.0x1G kJ/mol.

Energy

Reactants

Reactic

FIGURE 12.15

Energy plots for a catalyzed and an uncat-

pathway
\\

-6.00
Al
Slope =301
-1.00 =12 x 10°K
-8.00
<
o
-9.00
-10.00
—A(l/T)—
FIGURE 12.14 -11.00
Plot of In(k) versus 1/T for the reaction
2N,04(g) — 4NO,(g) + 0,(g). The value of
the activation energy for this reaction can 3-091 3-35_1 3-5{1
be obtained from the slope of the line, x 10~ x10~ x107~
which equals —E,/R. /T (K)

Uncatalyzed
pathway

Catalyzed

M PrOgress ———=

alyzed pathway for a given reaction.

6. Catalysis

We can make reactions go faster by working a higher
temperatures, but this is very energy-expensiveloBical
systems overcome this cost with catalysts calleyraes. In
industry, almost all processes involve catalystglwican help
reactions go at lower temperatures and even fasentain
reaction over other less desirable ones.

Figures 12.15 and 12.1ustrate the the effect of catalysis in
thermodynamic terms.
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uy L
g & Effective c & Effective
FIGURE 12.16 LD collisions = 2 collisions
Effect of a catalyst on the number of reac- | © (uncatalyzed) g2 (catalyzed)
tion-producing collisions. Because a catalyst, 5 - ;6
provides a reaction pathway with a lower .2 B
dotmy 2 | BO o 27
activation energdy, a much greater fraction | 3 o =
of the collisions is effective for the cat- 8 £ =
TG = =
alyzed pathway (b) than for the uncatalyzed: "2 R
pathway (a) (at a given temperature). This
allows reactants to become products at a - 2z 2
much higher rate, even though there is no E, (unc ‘Hdl}"md} E, (catalyzed)
temperature increase. Energy —  FEnergy —————=

1a)
(b)

<>Example: Hydrogenation of of ethylene on nickel, palladionplatinum:
CHs + B — GHg
There are three stefiSigure 12.17)
1-Adsorption and activation of the reactants.
2-Migration of the adsorbed species.
3-Reaction of the activated reactants and desorpfithe product.

This particular reaction is not a major industgedcess, but the hydrogenation of
unsaturated oils to make solid fats (margarineef@mple is).

Example: Oxidation of sulphur dioxide to sulphur trioxidEhis process is catalysed
fortuitously and undesirably by water and dustipkes in the air (smog). The reaction is

performed deliberately in the contact process wathadium pentoxide for the manufacture

of sulphuric acid.

Example: Catalytic converters on cars convert CO to,0Dy to N, and hydrocarbons to
CO,. Unfortunately they also convert $® SQ so sulphur must not be present in fuel.
Several catalysts are used and they are subjgcatinal degradation (poisoning) notably [
lead.
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Homogeneous Catalysis

0 o Example: Nitric oxide catalysis of ozone production in tbever

atmosphere (troposphere). The reaction pivith O, at high
I —— temperature and pressure in internal combustiomesagroduces

(a)

O3 production:

ey NO. The compound can participate in a chain readgading to
Metal surface

Y- T NO(g) + 12Q() — NOg)
" NOJg) (+lighy — NO(g) + O()

O(g) + Q@ — O9)

(b}

by adding the equations the net result is:
Q o 320, — O
) \ d Thus NO is a true catalyst.
— ﬁ*‘*‘"“'ﬂ“’! Conversely, in the stratosphere, where there argybf oxygen
" atoms, the NO catalyses the decompositionn gf O
9 NO@) + Q@ — NO(g) + Q)
PeLme 1 NOy(g) + O(g) — NO(g) + Q9)

Heterogeneous catalysis of the hydrogena-

tion of ethylene. (a) The reactants abave

the metal surface. (b} Hydrogen is adsorbed .
onto the metal surface, forming metal- The net reSUIt IS:
hydrogen bonds and breaking the H—H

bonds. The = bond in ethylene is broken

At levels near the ground this is really bad beeaamone is a very,

:':M toxic and irritant substance, and can oxidize othiigs. Note that

and metal—carbon bonds are formed during O(g) + Q(g) — 202(9)

adsorption. (c) The adsorbed molecules and
atoms migrate toward each other on the

metal surface, forming new C—H bonds. — Fyample; The action offreons is another catalytic process:

(d) The C atoms in ethane (C,H;) have com-
pletely saturated bonding capacities and so

e Gt moreat s eteamee S CCLFA(g) (+lighty — CCIR(g) + CI(g)

Clg) + €g) — CIO(g) + X9)
ClO(g) + O(g) — Clg) + Q)

The net reaction from the catalytic cycle (the adtwo steps) is:

Ox(g) + O(g) — 20)(9)

(initiation)




Final Example: The "oxo" process. The hydroformylation ofHz by H, and CO to give
CH3CH,0 is catalysed by HCo(C®in solution:

1/2 Co2(CO)g

Ha -CO
CH3CH2CHO CaHy
>/ HCo(CO)3 \g

(CH3CH2CO)(H)2C0o(CO)3 (CH2CH2)(H)Co(CO)3
Hz
(CH3CH2C0)Co(CO)3 (CH3CH3)Co(CO)3

{CH3CH2)Co{CO)4
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