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18.3: The Rate Equation
As was mentioned in the section on reaction rate, the rate of reaction depends upon the concentrations of the reactants. Let us now
look at the iodine clock reaction as an example. Two reactions actually occur in the iodine clock:

and

The solution changes color as soon as all of the thiosulfate has been consumed. In the following video, we see how the
concentration of the iodide ion affects the rate of reaction.

In this video, four iodine clock reactions are run with iodide concentrations in ratios of 1 : 0.75 : 0.5 : 0.375 from left to right. All
other reactants are the same concentration. The video demonstrates that higher iodide ion concentrations increase the rate of the
first reaction, meaning that thiosulfate is depleted more quickly. This causes the change in color signaling the end of the reaction to
occur more quickly.

The iodide ion is not the only chemical which will effect the rate of reaction though. In the next video, H SO  concentration is
varied to demonstrate this reagent's affect on the reaction rate:

In this video, four iodine clock reaction are run in four vials, with concentration ratios of H SO  going as 1 : 0.83 : 0.67 : 0.51 from
left to right. Again, all other concentrations are kept constant including the iodide concentration. We see that, as was shown for the
iodide ion before, the concentration of H SO  affects the reaction rate, with higher concentrations of H SO  producing a quicker
reaction.

We now see that the concentration of two reactants in the iodine clock can modulate the rate of the reaction. Does hydrogen
peroxide, H O , have an affect upon the iodine clock reaction rate? The following video tests whether this is true:

As in the first two videos, four iodine clock reactions are run, with H O  concentrations in the ratio of 1 : 0.8 : 0.6 : 0.4
respectively. For a third time, we see that increasing the concentration of one of the reactants, in this case, H O  increases the rate
of the first reaction, and thus cause the thiosulfate to be more quickly.

These three examples show that the rate of a reaction can depend on the concentration of one or more of the reactants. The rate of
reaction for the Iodine Clock reaction is dependent upon the concentration of hydrogen peroxide, iodide ions, as well as sulfuric
acid. The rate can be related mathematically to the concentrations of the reactants. Before we look at a reaction dependent upon
multiple reactants, let us look at a simpler example. A good choice is the decomposition of the dye that we have already seen in
Figure 1 and Figure 2 in the section on the rate of reaction. In this case it can be shown that the rate is directly proportional to the
concentration of dye, Δc . That is,

The constant of proportionality k  is called the rate constant. It is independent of the concentration of dye, but increases as
temperature increases. This accounts for the greater rate of reaction at 80°C than at 50°C, as well as the greater rate of the iodine
clock reaction at 20°C compared to 8°C.

In the example in the rate of reaction section average rates were calculated for three 10-s time intervals for the decomposition
of a dye at 80°C. Using the following graph from that example, obtain concentrations of the dye at various times, show that Eq.

 is valid for this dye.
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Figure  The concentration of the dye is plotted time. The rate of the reaction at any time equal the slope of the tangent to
the corresponding to that time. In the figure the tangents at t = 15 s have been drawn. The more downhill the slope of the
tangent, the faster the reaction.

Solution

Our previous discussion has indicated that the average reaction rate over a small time interval is very close to the actual rate at
the midpoint of that interval. Thus we obtain the following table:

Average Rate/mol dm  s Time Interval
Time from Start to Midpoint

of Interval/s
Concentration of Dye/mol

dm

.051 0 – 10 s 5 0.70

0.025 10 – 20 s 15 0.34

0.013 20 – 30 s 25 0.18

If Eq.  is valid, k  should not depend on the concentration of dye. Rearranging Eq. (1) to calculate the rate constant, we
find that at 5 s,

At 15 s,  At 25 s,  Thus

the rate constant is constant to two significant digits. This is within the accuracy of the measurements.

The rate of a reaction may depend on the concentration of one or more products as well as reactants. In some cases it may even be
influenced by the concentration of a substance which is neither a reactant nor a product in the overall stoichiometric equation for
the reaction. An example of this latter situation is provided by the conversion of cis-2-butene to trans-2-butene:

 (2)

If some iodine is present, this reaction goes faster, and the rate law is found to be

Rate = k (c )(c )  (3)

Although iodine does not appear in Eq. (2), its concentration does affect the reaction rate. Consequently iodine is called a catalyst
for the reaction. The section on catalysis shows how this catalytic effect of iodine actually works.

It should be clear from the examples we have just given that we cannot tell from a stoichiometric equation like Eq. (2) which
reactants, products, or catalysts will affect the rate of a given reaction. Such information must be obtained from experiments in
which the concentrations of various species are altered, and the effects of those alterations on the rate of reaction are served. The
results of such experiments are usually summarized in a rate equation or rate law for a given reaction. Equations (1) and (3), for
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example, are the rate laws for decomposition of a dye and for cis-trans isomerization of 2-butene (in the presence of the catalyst,
I ). In general a rate equation has the form

Rate = k(c ) (c )  . . . (4)

It is necessary to determine experimentally which substances (A, B, etc.) affect the rate and to what powers (a, b, etc.) their
concentrations must be raised. Then the rate constant k can be calculated. The exponents a, b, etc., are usually positive integers, but
they may sometimes be fractions [as in Eq. (3)] or negative numbers. We say that the order of the reaction with respect to
component A is a, while the order with respect to B is b. The overall order of the reaction is a + b.

For each reaction and experimentally measured rate equation listed below determine the order with respect to each reactant and
the overall order:

a) 

Rate = k(C )(C ) (C )

b) 

Rate = k(C )(C ) 3 ≤ pH ≤ 5

Solution 
a) The reaction is second order in H O  ion, second order in I  ion, and first order in HCrO . The overall order is 2 + 2 + 1 =
5.

b) The rate law is first order in I  and first order in H O , and so the overall order is 2. The concentration of H O  does not
appear at all. When this happens the reaction is said to be zero order in H O , because (c )  = 1, and a factor of 1 in the rate
law has no effect.

How is the order of a reaction experimentally obtained? In the next example, we will return to the iodine clock and determine the
order of each reactant considered at the beginning of this section. Remember that in this reaction the same quantity of thiosulfate
ions was added to each reaction mixture so the time taken for the color change to occur is inversely proportional to the rate of the
reaction. Therefore 1/t—the reciprocal of the time for the concentration of thiosulfate ions to go to zero—is proportional to the
initial rate of the reaction. Then each concentration can be plotted against 1/t to find the relationship between rate and
concentration.

The next table gives the time(t) and 1/t for the completion of the iodine clock reactions seen at the beginning of the section for
each of the experimental conditions in those three videos. Determine the order of each reactant by plotting initial concentration
versus 1/t (which is proportional to the initial rate).

Reactant
Relative 

Concentration
Time to 

Complete Reaction (s)
1/t (s )

I 1 24 0.041

 0.75 33 0.031

 0.5 46 0.022

 0.375 59 0.017

H SO 1 17 0.058

 0.83 20 0.050

 0.67 24 0.042

 0.51 28 0.035

2

A
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B
b
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Reactant
Relative 

Concentration
Time to 

Complete Reaction (s)
1/t (s )

H O 1 24 0.041

 0.8 31 0.032

 0.6 43 0.023

 0.4 68 0.015

I 1 24 0.041

Solution

irst, determine how plotting concentration versus 1/t will determine the order of the reactant in question. If we break down
equation 4 into a proportionality, and think of the rate as 1/t, we can find the relationship:

Thus, if a = 1, the graph will be linear, if a=2, the graph will look like a quadratic function, and so on. In the graph below, the
data from above is plotted.

As can bee seen, all three reactants are linear on the concentration versus 1/t plot. Thus all three reactants, I , H SO , and H O
have an order of 1.

In the last example, it was possible to obtain the order of the three reactants, but not the full rate law. How can a rate law be
obtained from experimental measurements? One way has already been illustrated in Example . There we guessed a rate law
and then used it to calculate the rate constant k. Since k remained the same at various points during the reaction, we concluded that
the rate equation was correct. Another way of obtaining a rate equation is illustrated in the next example.

The rate of the reaction

was measured at 25°C, with various initial concentrations of NO and O . The following results were obtained for the initial rate
of the reaction:

Experiment Number c /mol dm c /mol dm Initial rate/mol dm  s

1 0.0020 0.0010 0.028

2 0.0020 0.0020 0.057

3 0.0020 0.0040 0.114

-1

2 2

-

frac1t ∝ cA
a
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2 4 2 2
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4 0.0040 0.0020 0.227

5 0.0010 0.0020 0.014

Find the order of this reaction with respect to each reactant, the overall order, and the rate constant.

Solution

In experiments 1, 2, and 3 the concentration of NO remains constant while the concentration of O  increases from 0.010 to
0.020 to 0.040 mol dm . Each doubling of c  also doubles the rate (from 0.028 to 0.057 to 0.114 mol dm  s ). Therefore
the rate is proportional to c .

In experiments 2, 4, and 5 the concentration of O  remains constant. Comparing experiments 2 and 4, we find that doubling
c  increases the rate from 0.057 to 0.227 mol dm  s . This is a factor of 4, or 2 . The same factor is observed comparing
experiment 5 to experiment 2. Thus we conclude that the rate is proportional to the square of c , and the rate equation must
be

Rate = k(c )(c )

The reaction is third-order overall—first order in O  and second order in NO.

The rate constant can be calculated by rearranging the rate equation and substituting the concentrations and rate from any one
of the five experiments. From experiment 3

= 7.1 × 10  mol  dm  s  A better value of the rate constant could be obtained by calculating for all five experiments and
averaging the results.

The reaction described in the previous example is of considerable importance in the air above cities. As we mentioned in the
section on Group VA elements, automobile engines emit NO which is then oxidized to brown NO , an important precursor of
photochemical air pollution. As we have just seen, this oxidation is second order in NO, and so when heavy traffic increases the
concentration of NO by a factor of 10, the rate of production of NO  goes up by the considerably larger factor of 10 , or 100.

This page titled 18.3: The Rate Equation is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by Ed Vitz, John
W. Moore, Justin Shorb, Xavier Prat-Resina, Tim Wendorff, & Adam Hahn.
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