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Reaction Rates

Chemical Kinetics: The area of chemistry concerned
with reaction rates and the sequence of steps by
which reactions occur.

Reaction Rate: Either the increase in the concentration
of a product per unit time or the decrease in the
concentration of a reactant per unit time.



Reaction Rates

2N20s5(g) — 4NO(g) + 02(g)

TABLE 12.1 Concentrations as a Function of Time at 55 °C
for the Reaction 2 N,O;(g) — 4 NO,(g) + O,(9)

Concentration (M)

Time (s) (N0 ) NO, 0,
0 0.0200 0 0
100 0.0169 0.0063 0.0016
200 0.0142 0.0115 0.0029
300 0.0120 0.0160 0.0040
400 0.0101 0.0197 0.0049
500 0.0086 0.0229 0.0057
600 0.0072 0.0256 0.0064
700 0.0061 Q.ozm 0.0070
./

Note that the concentrations of NO2 and 02 increase as the concentration of
N205 decreases.

Table 12-1 Chemistry, 5/e
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Reaction Rates

2N205(g) — 4NO2(g) + O2(9)

The concentrations of O, and NO, increase as the concentration
of N,O; decreases.

NO,

=0.0022 M

=
=)
N

= 0.0037 M
The slope of the hypotenuse of each
triangle gives the average rate of
change of the product or reactant
concentration during the indicated
‘timeinterval.

e
o
-

Concentration (M)

0,

A[O,] = 0.0009 M N 05

At=100s

0.00 #
0 100 200 300 400 500 600 700 80O

Time (s)
The rate of formation of O, is one-fourth the rate of formation
of NO, and one half the rate of decomposition of N,Os. 4
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Reaction Rates

2N20s5(g) — 4NO(g) + 02(g)

Rate of decomposition of N2Os:

A[N20s]  -(0.0101 M - 0.0120 M)

At (400 s - 300 s)

M
— -5
=1.9x10 S



Reaction Rates

2N20s5(g) — 4NO(g) + 02(g)

General rate of reaction:

1 A[N20s] 1 AINO2] A[O2]
At At At

aA+bB — dD+ekE

1 A[A] 1 A[B] 1 A[ID] 1 A[E]
rate =- == =
a At At At € At




Reaction Rates

2N205(g) — 4NO2(g) + O2(9)
v | o |

instantaneous rate)

The average rate of formation
of NO, during a time interval
0.02 | Atequals the slope of the
hypotenuse of the triangle
defined by A[NO,] and At.

AINO,]

3 Tangent to
Z curveatt=0s
(the initial rate)
0.01 |

At

4 As the time interval about the time ¢ = 350 s gets smaller, the
triangle shrinks to a point, and the slope of the hypotenuse
approaches the slope of the tangent to the curve at time t.

100 200 300 400 500 600

Time (s)

The slope of the tangent at time t is defined as the instantaneous rate at that
particular time. The initial rate is the slope of the tangent to the curve att = 0. 7
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Rate Laws and Reaction Order

Rate Law: An equation that shows the dependence of
the reaction rate on the concentration of each
reactant.

aA + bB — products
rate o [A]"[B]"

rate = k[A]™[B]"

k is the rate constant



Rate Laws and Reaction Order

The values of the exponents in the rate law must be
determined by experiment; they cannot be deduced
from the stoichiometry of the reaction.

TABLE 12.2 Balanced Chemical Equations and Experimentally Determined
Rate Laws for Some Reactions

Reaction Rate Law

(CH,),CBr(aq) + H,0(aq) — (CH,),COH(aq) + H*(aq) + Br(aq) Rate = k[(CH,),CBr]
HCO_H(aq) + Br,(aq) — 2 H*(aq) + 2 Br-(aq) + CO,(g) Rate = k[Br,]

BrO, (aq) + 5 Br(aq) + 6 H*(aq) — 3 Br,(aq) + 3 H,0(/) Rate = k{(BrO,"][Br-][H*]?
H,(9) + 1,(9) — 2 Hi(g) Rate = k{(H,][l,]

In general, the exponents in the rate law are not the same as the stoichiometric coefficients in the
balanced chemical equation for the reaction.

Table 12-2 Chemistry, 5/e
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Experimental Determination of

a Rate Law
2NO(g) + O2(g) — 2NO2(g)

rate = KINO]™[O2]"
Compare the initial rates to the changes in initial concentrations.

TABLE 12.3 Initial Concentration and Rate Data for the Reaction

2NO(g) + O,(9) — 2NO,(g)
Initial Rate of Formation
Experiment Initial [NO] Initial [0,] of NO, (M/s)
1 0.015 0.015 0.048
2 0.030 0.015 0.192
3 0.015 0.030 0.096
4 0.030 0.030 0.384

Table 12-3 Chemistry, 5/e
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Experimental Determination of

a Rate Law
2NO(g) + O2(g) — 2NO2(g)
rate = kK{NOJ?[O2]"

The concentration of NO doubles, the concentration of O
remains constant, and the rate quadruples.

om = 4 m=2

TABLE 12.3 Initial Concentration and Rate Data for the Reaction

2NO(g) + O,(g) — 2NO,(9)
Initial Rate of Formation
Experiment Initial [NO] Initial [0,] of NO, (M/s)
1 I 0.015 0.015 l
2 0.030 0.015 0.192
3 0.015 0.030 0.096
4 0.030 0.030 0.384

Table 12-3 Chemistry, 5/e
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Experimental Determination of

a Rate Law
2NO(g) + O2(g) — 2NO2(g)
rate = k[NOJ? [O,]

The concentration of O, doubles, the concentration of NO
remains constant, and the rate doubles.

2" =2 n=1
TABLE 12.3 Initial Concentration and Rate Data for the Reaction
2NO(g) + O,(g) — 2NO,(9g)
Initial Rate of Formation

Experiment Initial [NO] Initial [0,] of NO, (M/s)

1 0.015 0.015 0.048

2 —0.030 0.015_ —0.192_

3 0.015 0.030 0.096

4 0.030 0.030 0.384

Table 12-3 Chemistry, 5/e
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Experimental Determination of

a Rate Law
2NO(g) + O2(g) — 2NO2(g)

rate = kK[NOJ? [O2]

Reaction Order With Respect to a Reactant
NO:second-order
Oa:first-order

Overall Reaction Order
2 + 1 =3 (third-order)



Experimental Determination of

a Rate Law
2NO(g) + O2(g) — 2NO2(g)

rate = kK[NOJ? [O2]

Units for this third-order reaction:

M
rate s 1
K

T INOR[O] | (MB) (M)  MPs




Experimental Determination of

a Rate Law
2NO(g) + O2(g) — 2NO2(g)

rate = kKINOJ2 [O]

Rate Law Overall Reaction Order Units for k

Rate = k Zeroth order M/sorMs !

Rate = k[A] First order 1/sors*

Rate = k[A][B] Second order 1/M-s)orM g1

Rate = k[A][B]? Third order 1/(M?-s)orM2g7!




Integrated Rate Law for a First-

Order Reaction

A — product(s)

rate = k[A] i %?] = K[A]

Calculus can be used to derive an integrated rate law.

—

[[A]t] [Aliconcentration of A at time ¢
| = -kt

[Alo

[A]oinitial concentration of A

—

Using: In [%] = In(x) - In(y) [ In[A]: = -kt + In[A]o]

y =mx+Db




Integrated Rate Law for a First-
Order Reaction
In[A]: = -kt + In[Ao
y =mx+Db

A plot of In[A] versus time gives a straight-line fit and
the slope will be -k.



Integrated Rate Law for a First-
Order Reaction

In[A]¢ = -kt + In[A]o

[Alo

A first-order reaction This is a plot of [A] versus time.
exhibits an exponential |

decay of the reactant
concentration.

[A] —

The best-fit is a curve and not a
line.

Time —

12008 Pearson Prentice Hall, Inc.



Integrated Rate Law for a First-
Order Reaction

In[A]¢ = -kt + In[A]o

Slope = —k The rate constant
/ is minus the slope

of the plot of In [A]
versus time.

In [A]o '

[Alo

A first-order reaction
exhibits an exponential
decay of the reactant
concentration.

[A] —

In[A] —

A first-order reaction
_exhibits a linear decay of

the logarithm of the reactant

concentration.

Time — Time —

Figure 12-6b Chemistry, 5fe
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Integrated Rate Law for a First-

Order Reaction

2N205(g) — 4NO2(g) + O2(9)
rate = kK[N2Os]

Time (S) [N205] In [NZOS]

0 0.0200 =3.912
100 0.0169 —4.080
200 0.0142 —4.255
300 0.0120 —4.423
400 0.0101 —4.595
500 0.0086 —4.756
600 0.0072 —4.934
700 0.0061 —5.099

[Slope = -k ] |

Qh: 450 |
£. Ay
5
—5.00 |
~5.50 '

Axl | \'\
200 400 600 800

Time (s)

Example 12-6 part 2 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.



Integrated Rate Law for a First-

Order Reaction
2N20s5(g) — 4NO(g) + 02(g)

rate =
Calculate the slope:
-5.099 - (-3.912) 1
=-0.0017 —
(700-0) s S
1
K= 0.00170?

K[N2Os]

[Slope = -k ] |

Ax

200 400 600 800

Time (s)

Example 12-6 part 2 Chemistry, 5/e
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Half-Life for a First-Order
Reaction

Half-Life: The time required for the reactant
concentration to drop to one-half of its initial value.

A — product(s)

rate = k[A]
el s o A]
A .
[Alo Al =
_ 2
4 PN )
11 0.693
In ? —'kt1/2 or t1/2 — T

\___ =~ ° Y,




Half-Life for a First-Order
Reaction

Each successive half-life is an equal period of time in which
the reactant concentration decreases by a factor of 2.

0.693 °ico

tg = — 00 00
k (Al @ @® ©® @ Theconcentration of A falls
07 @ @O @ fromitsinitial value, Ay, to

Ay/2 after one half-life.

t=t
For a first-order reaction, 3 : | T
the half-life is independent % 0® o i e
of the initial concentration. & @, — ® ¢ |:hirdhalfif
] 1/2 ® © 1/2
-
Each successive half-life (AL /4 : »
. . . 1/2
IS an equal period of time. aLs | ' and ssion
1/2
% 1 2 3 4

Time (arbitrary)

Figure 12-7 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.
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Second-Order Reactions

A — product(s)

rate = K[A]? AAL K[A]2

At
Calculus can be used to derive an integrated rate law.

—

4 1 1 ) [A].concentration of A at time ¢

[A]oinitial concentration of A

—




Second-Order Reactions

2NO2(g) — 2NO(g) + O2(g)

Time (s) [NO,] In [NO,] 1/[NO,]
0 8.00 x 1073 —4.828 125
50 6.58 X 1072 —5.024 152
100 5.59 X 1073 —5.187 179
150 485 x 1072 —5.329 206
200 429 x 1073 —5.451 933
300 3.48 x 1073 —5.661 287
400 293 x 1073 —5.833 341

500 2.53 x 1073 —5.980 395

Example 12-8 part 2 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.



Second-Order Reactions

—4.90 *

—5.30

In [NO,]

—, 40 |

—6.10

Example 12-8 part 3 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.

2NO2(g) — 2NO(g) + O2(g)

0 100 200 300 400 500

Time (s)

Plotting In[NO-] versus time
gives a curve and not a
straight-line fit.

Therefore, this is not a first-
order reaction.



Second-Order Reactions

2NO2(g) — 2NO(g) + O2(g)

400 |
Plotting K Versus [Slope: k]_
S 300 | —
time gives a straight-line fit. Z, ——
~ | Y
200 |

Therefore, this is a second-
order reaction.

_ Ax
0 100 200 300 400 500
Time (s)

Example 12-8 part 3 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.



Second-Order Reactions

2NO2(g) — 2NO(g) + O2(g)

400 |
Calculate the slope: [S|ope-= k]-
< 300 | —.
(395 - 125) o |
M 1 o | Ay
=0.540 — 7 200
(500-0)s Ms
k=0540 — 0 100 200 300 400 500

Ms

Time (s)

Example 12-8 part 3 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.



Second-Order Reactions

Half-life for a second-order reaction

A — product(s)

rate = k[AJ?
LR o [A]
Al Al Al = ——
- 1/2 2
2 1 i ¢
—— = kt1)p + —— 40 =
Ao 1/2 Al 1/2 kAT

- J




Second-Order Reactions

Each half-life is twice as long as the

=0
Y &

1 w preceding one because t;,;, = 1/k[A],
.
-

0 0
°\ 000

f172 =

and the concentration of A at the beginning
. of each successive half-life is smaller by a

k[Alo

factor of 2.

<
For a second-order §
reaction, the half-life is E
dependent on the initial & “"* ——
concentration. ™
[Aly/4 |
Each successive half-life [A1o/S | r
Is twice as long as the o) : T S
preceding one. Time (arbitrary)
© 2008 Pearson Frenti;e Hall, Inc. 3 0
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TABLE 12.4 Characteristics of First- and Second-Order Reactions of

the Type A — Products
First-Order Second-Order
Rate | alal k[A] AR k[AT?
ate law AT AL
; 1 1
Concetration— In [A]; = —kt + In [A] —— =kt + —
time equation LAl [Alo
Linear graph In [A] versus t [IT] versus t
In [A]p
E Slope = —k [%A]
Slope =k
3 1
[Alo
Time Time
Graphical k = —(Slope) k = Slope
determination of k
0.693 1
Half-lif tip=—— tip =
all-liie 1/2 I 1/2 k[ A]O
(constant) (not constant)

33

Table 12-4 Chemistry, 5/e Copyright © 2008 Pearson Prentice Hall, Inc. Chapter 12/
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Zeroth-Order Reactions

For a zeroth-order reaction, the rate is independent of the
concentration of the reactant.

A — product(s)
AIA] _

rate = kK[A]° = k -
At

K

Calculus can be used to derive an integrated rate law.

—

[A]cconcentration of A at time ¢

[[A]t = -kt + [A]OJ —

[A]oinitial concentration of A

y=mx-+Db



Zeroth-Order Reactions

[Alo

A plot of [A] versus time
gives a straight-line fit and
the slope will be -k.

[A] —

Time —



Zeroth-Order Reactions

rate = k[NH3]° = k

As NH; molecules on the surface

Most of the NH; molecules decompose, they are replaced by
are in the gas phase above molecules from the gas phase, so
the surface and are unable the number of NH; molecules

to react. on the surface remains constant.

~= 7 &

Because only the NH; molecules on the surface
react under these conditions, the reaction rate is
independent of the total concentration of NH;. 34
Figure 1210 chemisury,sie ~ COPYright © 2008 Pearson Prentice Hall, Inc. Chapter 12/
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Reaction Mechanisms

Reaction Mechanism: A sequence of reaction steps that
describes the pathway from reactants to products.

Elementary Reaction (step): A single step in a reaction
mechanism.



Reaction Mechanisms

Experimental evidence suggests that the reaction between
NO, and CO takes place by a two-step mechanism:

NO2(g) + NO2(g) — NO(g) + NO3(g) elementary reaction

NO3z(g) + CO(g) — NO3(g) + CO2(g) elementary reaction

NOz(g) + CO(g) — NO(g) + CO2(g) overall reaction

An elementary reaction describes an individual
molecular event.

The overall reaction describes the reaction stoichiometry
and is a summation of the elementary reactions.



Reaction Mechanisms

NO2(g) + NO2(g) — NO(g) + NOs(g)

q@ Step 1 J
=0 Step 2 J

= ¢
Colliding molecules Separatmg molecules
NOs(g) + CO(g) — NO»(g) + CO2(g) 37

Copyright © 2008 Pearson Prentice Hall, Inc. Chapter 12/



Reaction Mechanisms

Experimental evidence suggests that the reaction between
NO, and CO takes place by a two-step mechanism:

NO2(g) + NO2(g) — NO(g) +[N03(g)] elementary reaction

[NO3(Q)]‘|’ CO(g) — NO2(g) + CO2(g) elementary reaction

NOz(g) + CO(g) — NO(g) + CO2(g) overall reaction

A reactive intermediate is formed in one step and
consumed in a subsequent step.



Reaction Mechanisms-
Molecularity

Molecularity: A classification of an elementary reaction
based on the number of molecules (or atoms) on the
reactant side of the chemical equation.

unimolecular reaction: O3°(g) — O2(g) + O(g)

04’\0_’ '@

Sowribons 148 Chanivi st

S

anembered 12 p443s Chmmisry, Sie

termolecular reaction: O(g) + O(g) + M(g) — 0O2(g) + M(9)

anumiared 13 pA63H Chamiiry s
08k P Praatice Wl Ins,



Rate Laws for Elementary
Reactions

The rate law for an elementary reaction follows directly
from its molecularity because an elementary reaction is
an individual molecular event.

unimolecular reaction: O3°(g) — O2(g) + O(g)
rate = k[O3]

bimolecular reaction: O3(g) + O(g) — 2 O2(9)
rate = k[O3][O2]

termolecular reaction: O(g) + O(g) + M(g) — 0O2(g) + M(g)
rate = k[O]*[M]



Rate Laws for Elementary

TABLE 12.5 Rate Laws for Elementary Reactions

Elementary Reaction Molecularity Rate Law

A — Products Unimolecular Rate = k[A]

A + A — Products Bimolecular Rate = kK[A]?

A + B — Products Bimolecular Rate = K[A][B]
A + A + B — Products Termolecular Rate = K[A]?[B]

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

Table 12-5 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.



Rate Laws for Overall
Reactions

Rate-Determining Step: The slow step in a reaction
mechanism since it acts as a bottleneck and limits the rate
at which reactants can be converted to products.



Rate Laws for Overall
Reactions

Initial Slow Step

k
NO»(g) + NO»(g) — NO(g) + NOs(g)  slow step

k
NOs(g) + CO(9) . NO2(g) + CO2(g) fast step

NOz(g) + CO(g) — NO(g) + CO2(g) overall reaction

Based on the slow step: rate = k1[NO2]?



Rate Laws for Overall
Reactions

Initial Fast Step

K1

2NO(g) ? N20O2(g) fast step, reversible
-1

N2O2(g) + Hao(g) — N20(g) + H2O(g) slow step

N20(9g) + H2(g) — N2(g) + H20(g)  fast step

2NO(g) + 2H2(g) — N2(g) + 2H20O(g) overall reaction

Based on the slow step: rate = k2[N202][H-]



Rate Laws for Overall
Reactions

rate = kz[NzOz][Hz]
& intermediate
First step: Raterorward = k1[NOJ? Ratereverse = k-1[N202]
ki [NOJ? = k.4[N202]

K
[NzOz] = k_1 [NO]2

K
Slow step: rate = k2[N202][H2] [rate = k2 k—1[NO]2[Hzﬂ
-1




Rate Laws for Overall
Reactions

Procedure for Studying Reaction Mechanisms

Determine the rate
law by experiment

|

» Devise a mechanism

|

Try again

If the predicted and Predict the ratell If the predicted and
experimental rate <«—— fre t:: € ': ., experimental rate
laws do not agree QESIcesiana laws agree

Look for additional
supporting evidence

Figure 12-13 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.



The Arrhenius Equation

Typically, as the temperature increases, the rate of
reaction increases.

2N205(g) — 4NO2(g) + O2(9)
rate = K[N2Os]

The rate constant is dependent on temperature.



The Arrhenius Equation

Collision Theory: As the average kinetic energy
Increases, the average molecular speed increases, and
thus the collision rate increases.

Lower

temperature

/

The total
area under
each curve
is unity.

Fraction of collisions —

Higher

E,—minumum energy
needed for reaction

temperature The area to the right

/

of E, is the fraction f
of the collisions with
an energy greater
than or equal to E,.

Collision energy —

The fraction of collisions that are sufficiently energetic to result

in reaction increases exponentially with increasing temperature.
€:opyr|ght © 2008 Pearson Prentice Hall, Inc. Chapter 12/
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The Arrhenius Equation

Activation Energy (Ea): The minimum energy needed for
reaction. As the temperature increases, the fraction of
collisions with sufficient energy to react increases.

Lower
temperature

/

E,—minumum energy

Higher needed for reaction

temperature The area to the right
/ of E, is the fraction f

The total of the collisions with

Fraction of collisions —

are:under an energy greater
cach curve than or equal to E,.
is unity.

Collision energy —l

The fraction of collisions that are sufficiently energetic to result

in reaction increases exponentially with increasing temperature. 49
. . €:opyr|ght © 2008 Pearson Prentice Hall, Inc. Chapter 12/

© 2008 Pearson Prentice Hall, Inc.



The Arrhenius Equation

Transition State: The configuration of atoms at the
maximum in the potential energy profile. This is also called

the activated complex.

As the reaction
progresses, kinetic

energy of the reactants A ----B ----C

The total energy is
conserved at each

Figure 12-15 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.
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T is first converted into  (Transition state) point along the

. poter.lt.ial energy of lihe i profile.

o | transition state and is

T .

£ :(I:nen Fransforme:l :‘nto . The profile is drawn

I Inetic energy of the . for an exothermic

'é products. reaction, so AE, the

g A+ BC . 1 energy of reaction,

a (Reactants) e is negative.

YN AB + C
(Products)
Reaction progress — 50

Chapter 12/



The Arrhenius Equation

k —_— Ae-EaIRT

krate constant

Acollision frequency factor
E.activation energy

Rgas constant

Ttemperature (K)



Using the Arrhenius Equation

In(k) = In(A) -

a

In(k) = In(A) + In(e-Ea/RT)

RT

rearrange the equation

-

\

-Ea)( 1
In(k) = [R}[T] + |n(A)

\_

J

y

mX

+

b



Using the Arrhenius Equation

Plot In(k) versus T

t (°C) T (K) kM~ 1s™1) 1/T (1/K) In k
283 556 352 x 1077 0.001 80 —14.860
356 629 3.02 X 107° 0.001 59 —10.408
393 666 219 x 107 0.001 50 —8.426
427 700 1.16 X 1073 0.001 43 —6.759
508 781 3.95 X 1072 0.001 28 —3231

| Ax \\

0.0012 0.0014 0.0016 0.0018
1/T (1/K)

Examale (251 2@ 03 S@misiy @F
© 2008 Pearson Prentice Hall, Inc.



Catalysis

Catalyst: A substance that increases the rate of a reaction
without itself being consumed in the reaction. A catalyst is
used in one step and regenerated in a later step.

H,02(aq) +[I(ag)— H20(/) + 10" (aq) rate'dzizg“'”'”g

H2.O2(aq) + I0'"-(aq)— H20(/) + O2(g) +[I1'(aq)] fast step

2H>02(aq)— 2H20(/) + O2(9g) overall reaction



Catalysis

Since the catalyst is involved in the rate determining
step, it often appears in the rate law.

rate = k[H202][1""]

H202(aq) +{I""(ag)— H20(/) + 10™(aq) rate'd‘:ttzgm'“'“g

H2.O2(aq) + I0'"-(aq)— H20(/) + O2(g) +[I1'(aq)] fast step

2H>02(aq)— 2H20(/) + O2(9g) overall reaction



Catalysis

The shape of the barrier for the catalyzed pathway
applies to the decomposition of H,0,.

Catalyzed pathway Uncatalyzed pathway

The first of the two
maxima is higher
because the first step
is rate determining.

Reactants

Potential energy —
Potential energy —

Reactants

Products Products

Reaction progress —- Reaction progress —

The activation energy E, is lower for the catalyzed pathway.

Figure 12-18 Chemistry, 5/e
© 2008 Pearson Prentice Hall, Inc.

Note that the presence of a catalyst does not affect the
energy difference between the reactants and the products

Copyright © 2008 Pearson Prentice Hall, Inc. Chapter 12/



Homogeneous and
Heterogeneous Catalysts

Homogeneous Catalyst: A catalyst that exists in the
same phase as the reactants.

Heterogeneous Catalyst: A catalyst that exists in a
different phase from that of the reactants.



Homogeneous and
Heterogeneous Catalysts

Metal

~a

r 23
H H
H, and C,H, are ad- ] e
sorbed on the metal e = . P
surface. : 4 = N3 T H C,
af s Sa L
The H-H bond breaks as

H-metal bonds form, and | -
- . X
the H atoms move about = 4 T

e
on the surface. , Yok ¥4 Csz-—‘w
One H atom forms a bond (Ethane)

»
to a C atom of the adsorbed P =
C,H, to give a metal-bonded - -

C,H; group. A second H .........’
atom bonds to the C;H;4 The resulting C;Hg molecule is
group. desorbed from the surface.
Figure 12-19 Chemistry, 5/e
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Homogeneous and
Heterogeneous Catalysts

TABLE 12.6 Some Heterogeneous Catalysts Used in Commercially Important Reactions

Reaction Catalyst Commercial Process End Product: Commercial Uses
250, + O, —2503 Pt or V505 Intermediate step in the contact H,SO4: Manufacture of fertilizers,
process for synthesis of chemicals; oil refining
sulfuric acid
4NH;3 + 50,—4 NO + 6 H,O Pt and Rh First step in the Ostwald process HNOj3: Manufacture of explosives,

Nz + 3 H2 —2 NH3 Fe, Kzo, and A1203

H,O + CH;—CO + 3H, Ni
CO + H,O—CO, + H, ZnO and CuO
CO + 2H, — CH;0H ZnO and Cr,O3
H H Ni,Pd,orPt
\ / \ /
c=C +H, — C—C
/ N 7 N

for synthesis of nitric acid
Haber process for synthesis of
ammonia

Steam-hydrocarbon re-forming
process for synthesis of
hydrogen

Water-gas shift reaction to
improve yield in the synthesis
of H2

Industrial synthesis of methanol

Catalytic hydrogenation of
compounds with C=C bonds,

as in conversion of unsaturated

vegetable oils to solid fats

fertilizers, plastics, dyes, lacquers
NHj;: Manufacture of fertilizers,
nitric acid
H,: Manufacture of ammonia,
methanol

H,: Manufacture of ammonia,
methanol

CH3OH: Manufacture of plastics,
adhesives, gasoline additives;
industrial solvent

Food products: margarine,
shortening

Table 12-6 Chemistry, 5/e
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