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Rate Constant for the Reaction of OH with H2 between 200 and 480 K†
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The rate constant for the reaction of OH radicals with molecular hydrogen was measured using the flash
photolysis resonance-fluorescence technique over the temperature range of 200-479 K. The Arrhenius plot
was found to exhibit a noticeable curvature. Careful examination of all possible systematic uncertainties
indicates that this curvature is not due to experimental artifacts. The rate constant can be represented by the
following expressions over the indicated temperature intervals: kH2(250-479 K) ) 4.27 × 10-13 × (T/
298)2.406 × exp{-1240/T} cm3 molecule-1 s-1 above T ) 250 K and kH2(200-250 K) ) 9.01 × 10-13 ×
exp{-(1526 ( 70)/T} cm3 molecule-1 s-1 below T ) 250 K. No single Arrhenius expression can adequately
represent the rate constant over the entire temperature range within the experimental uncertainties of the
measurements. The overall uncertainty factor was estimated to be fH2(T) ) 1.04 × exp{50 × |(1/T) - (1/
298)|}. These measurements indicate an underestimation of the rate constant at lower atmospheric temperatures
by the present recommendations. The global atmospheric lifetime of H2 due to its reaction with OH was
estimated to be 10 years.

Introduction
The simplest of OH reactions
kH

2

OH + H2 98 H2O + H

(1)

plays a significant role in the chemistry of the Earth’s
atmosphere by converting OH to HO2 (through the subsequent
reaction of hydrogen atom with O2). Because of the relatively
large abundance of H2 in the atmosphere, reaction 1 is important
in evaluating the concentration of hydroxyl radicals. Molecular
hydrogen is produced mainly via the oxidation of methane and
nonmethane hydrocarbons (NMHCs) as well as from the
combustion of fossil fuels and biomass.1 Because of these
sources, the budget of H2 is tied to the cycling of CH4, NMHCs,
and CO via formaldehyde photolysis (which is the major
immediate photochemical source of H2 in the atmosphere). H2
is removed from the troposphere by reaction 1 with OH as well
as by soil uptake.
Thus, accurate information on the rate of reaction 1 under
various atmospheric conditions is important in quantifying the
H2 budget and, thereby, the budgets of other coupled atmospheric species, including OH. The increasing interest in the
possible buildup of a hydrogen fuel economy has led to
suggestions that the H2 atmospheric concentration could exceed
its present value (ca. 0.53 ppmv1) substantially, increasing to
greater than 2 ppmv because of unavoidable leakage of hydrogen
into the atmosphere.2 The change in the concentration of the
major tropospheric oxidizer, OH, can be the most significant
potential impact of such emission.3 A reduction in the atmospheric concentration of OH will increase the residence time in
†
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the atmosphere for the majority of industrial and natural
pollutants, which may cause related environmental feedbacks.
Thus, the need to evaluate the total atmospheric impact of
significant emissions of hydrogen4,5 raises the importance of
uncertainties in the rate constant of reaction 1.
Most studies of reaction 1 have been motivated by its role as
a key reaction in H2 combustion systems, and some of them
have been conducted at exceptionally high temperatures (approaching 2500 K). However, the majority of direct determinations of the reaction rate constant have been performed at
ambient temperature and over a limited temperature range. There
have been only three laboratory investigations performed in the
(below room temperature) region of atmospheric interest6-8 that
have provided a basis for quantifying the role of reaction 1 in
the Earth’s atmosphere. Unfortunately, these studies have not
provided reliable direct measurements of the rate constant at
temperatures below ca. 240 K and the currently available
recommendations for atmospheric modeling community9,10 are
based mainly on simple extrapolation of near room-temperature
experimental results to the region of atmospheric interest.
Reaction 1 is a benchmark system for the accurate theoretical
investigation of reaction processes because it plays the same
role in four-atom systems as H + H2 plays in three atom
systems. A number of modern theoretical approaches have been
used recently to investigate the dynamics of the reaction and
predict the kinetic reaction rate constant (refs 11-15 and
references therein). Hence, accurate experimental data are
needed to validate the results of such calculations, especially
at lower temperatures where tunneling should play a significant
role for this reaction.
Our own initial interest in this reaction stemmed from its
kinetic and experimental simplicity, which might serve to
“benchmark” our low-temperature kinetic measurement capability, thereby establishing the lack of experimental artifacts in
our low-temperature flash photolysis resonance fluorescence
investigations of the OH reactivity of hydrocarbons and
halogenated hydrocarbons. Similarly, this simple OH reaction
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Figure 1. Reported results of the reaction rate constant measurements
at T ) 298 K, kH2(298 K) with associated statistical (bold error bars)
and estimated systematic (dashed error bars) uncertainties (refs 6-8
and 16-28). The open circle is the result of this investigation. The
dotted horizontal lines represent the evolution of kH2(298 K) recommended by the NASA Data Evaluation Panel for atmospheric modeling.

could serve as a “standard” to calibrate new experimental efforts
in OH reactivity measurements. However, it became obvious
immediately that the rate constant of this intensively studied
reaction still has fairly large uncertainty, particularly at lower
temperatures. Sixteen investigations6-8,16-28 of this reaction at
and around room temperature have been performed since the
first experimental study by Kaufman and Del Greco in 1963.16
In Figure 1 we summarize all of the available experimental
results obtained for the rate constant of this reaction at T )
298 K with the originally reported uncertainty bars along with
kH2(298 K) recommendations given by the NASA Panel for Data
Evaluation (horizontal dotted lines).
The majority of the previous publications reported reasonably
consistent average values for the room-temperature rate constant,
kH2(298 K), which are within ca. 10% of the currently recommended one. This agreement formed the basis for the current
recommendation of kH2(298 K) well before the most recent and
precise study of this reaction.8 Unfortunately, reported statistical
uncertainties (shown in Figure 1) were too large to allow a
narrowing the uncertainty limits of the recommendation, even
at the room temperature, and any estimated systematic errors
make this situation even worse.
In this paper we report results of intensive study of the title
reaction, which was concentrated on lowering the uncertainty
of the rate constant at room temperature and below and
providing the experimental data at lower temperatures of
atmospheric interest.
Experimental Section29
Detailed descriptions of the apparatus and the experimental
method used to measure the OH reaction rate constants are given
in previous papers.30-32 The principal component of the flash
photolysis-resonance fluorescence apparatus is a Pyrex reactor
(of approximately 50 cm3 internal volume) thermostated with
methanol, water, or mineral oil circulated through its outer
jacket. The reaction 1 was studied in argon carrier gas
(99.9995% purity) at a total pressure of 2.20-13.33 kPa (16.5100.0 Torr). Helium (99.999%) was used as the carrier gas
instead of argon in a few test experiments. Flows of dry argon,
argon bubbled through water thermostated at 276 K, and hy-
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drogen mixtures (containing 2%, 10%, and 50% of H2) diluted
with argon were premixed and flowed through the reactor at a
total flow rate between 0.24 and 1.4 cm3 s-1, STP. The concentrations of the gases in the reactor were determined by measuring
the mass flow rates and the total pressure with a MKS Baratron
manometer. Flow rates of argon, the H2O/argon mixture, the
N2O/argon mixture, and the H2/argon mixture were measured
using Tylan mass flow meters directly calibrated for each mixture. A 50% mixture of H2 in argon instead of pure hydrogen
was used to measure the smallest reaction rate constants at low
temperatures because of the more stable operation of mass flow
meters, thus resulting in smaller uncertainty in the H2 concentration.
Hydroxyl radicals were produced by the pulsed photolysis
(0.15-3 Hz repetition rate) of the precursor by a xenon flash
lamp focused into the reactor. The majority of measurements
were performed by using the photolysis of H2O, injected via
the 276 K argon/water bubbler. (This argon/water bubbler was
maintained at T ) 293 K in some test experiments to further
increase the concentration of H2O in the reactor.) The use of
the below room-temperature water bubbler ensures the smaller
and more stable concentration of water vapor in the reactor.
The lowest temperature for measurements using H2O as the
precursor was 215 K. The photolysis of N2O producing O(1D)
followed by its reaction with H2 was employed as the OH source
to study the reaction at T ) 200 K. The consistency of results
obtained with two different sources of OH was checked at T )
250 K and T ) 215 K. The OH radicals were monitored by
their resonance fluorescence near 308 nm, excited by a
microwave-discharge resonance lamp (330 Pa or 2.5 Torr of a
ca. 2% mixture of H2O in UHP helium) focused into the reactor
center. The resonance fluorescence signal was recorded on a
computer-based multichannel scanner (channel width 100 µs)
as a summation of 300 to 5000 consecutive flashes. The
resonance fluorescence decay at each reactant concentration was
analyzed as described by Orkin et al.31 to obtain the first-order
decay rate coefficient due to the reaction under study.
The molecular hydrogen concentration ranged from ca. 2 ×
1014 to 2 × 1017 molecules/cm3. At each temperature the rate
constant was determined from the slope of a plot of the decay
rate versus molecular hydrogen concentration. The [OH] decay
rate due to the reaction with H2 ranged from ca. 8 s-1 to ca.
320 s-1 in our experiments. The temperature points for the
measurements were chosen to be approximately equally distant
along the Arrhenius 1/T scale (except the lowest temperatures)
in order to have them properly, that is, equally, weighted in the
following fitting procedure. In particular, experiments were
performed at the two temperatures that are used widely in other
studies, T ) 298 K and T ) 272 K. The first one is the standard
temperature used in the evaluations and presentations of the
rate constants while the second one is the temperature used in
estimations of the atmospheric lifetime33 (see eq 21 below). To
check for any complications, test experiments were performed
with the following variations of experimental parameters: the
total pressure in the reactor (a factor of 6, between 16.5 and
100 Torr), the precursor, H2O concentration (a factor of 150),
the flash energy (a factor of 8), the flash repetition rate (a factor
of 20, between 0.15 and 3 Hz), and the residence time of the
mixture in the reactor (a factor of 3).
Uncertainties due to systematic effects in our measurements
can be associated with such procedures as the absolute calibration of the MKS Baratron manometer (which measures the
pressure in the reaction cell), the calibrations of the three Tylan
mass flow meters (argon, argon/water, and H2/Ar flows), and
the temperature stability and measurements in the reaction cell.
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The stated accuracy of the reaction cell manometer (ca. 0.1%)
was verified by its absolute calibration. The two MKS Baratron
manometers, 100 Torr (13.33 kPa) and 1000 Torr (133.3 kPa),
used to prepare the H2/Ar mixtures were intercalibrated and their
linearity was found to be accurate to within ca. 0.2%. The H2/
Ar mixtures containing 2.00%, 10.0%, and 50.0% H2 in argon
were prepared in 5 L glass bulbs with the attention paid to their
thermal equilibration. In our previous studies we also verified
the concentration of manometrically prepared reactant mixtures
using UV absorption measurements to find no discrepancy
within the accuracy of absorption measurements of halogenated
hydrocarbons. We do not expect any uncertainty due to
adsorption/desorption of such a volatile gas as molecular
hydrogen. All mass flow meters were calibrated for the appropriate mixtures by measuring the rate of pressure change in the
same reaction cell (an additional volume was connected for
larger flow rates) isolated from the vacuum pump by using the
same reaction cell manometer. These calibrations were usually
reproducible within 0.5-1%. The determination of the reactant
concentration in the reactor requires only relative gas flow rates
and one absolute pressure measurement. Therefore, this calibration procedure allows us to minimize the related instrumental
uncertainty of the measurements. The uncertainty of the gas
temperature in the reactor was less than 0.3 K between 250
and 370 K. This increased up to 1 K at the low-temperature
end and to about 2 K at the high-temperature end of the temperature range used in this study due primarily to temperature
fluctuations during the multiflash experiment. The relative error
that can be introduced by the gas temperature fluctuations is
offset to some extent by the opposite temperature dependencies
of the reactant concentration and the measured rate constant.34
To quantify the combined uncertainty associated with our
experimental procedure, we added the square root of the sumof-the-squares of the flow meter calibration uncertainties to the
other uncertainties mentioned above. Thus, we estimate the
expanded uncertainty due to possible instrumental effects to be
ca. 3% increasing up to 6% at the lowest temperatures.
All of the experiments were performed with “research grade”
hydrogen from Spectra Gases Inc. (99.9999% stated purity with
less than 0.1 ppm stated level total halocarbons impurity). A
few test experiments were performed with “prepurified” grade
hydrogen from Matheson (99.99% stated purity with less than
ca. 0.8 ppm of total halocarbons impurity). The N2O sample
had the manufacturer’s stated purity of 99.9+%.
Results and Discussion
The rate constants obtained for the title reaction at various
temperatures are presented in Table 1 along with information
on the reactant concentration ranges and number of experimental
determinations (number of measured decays rates) associated
with the final values at each temperature. These data are shown
in Figure 2. The bold highlighted data at each temperature were
then used to derive the temperature dependence of the rate
constant. The reported statistical uncertainties always represent
two standard errors from the fit to the data points. The total
uncertainties (in parentheses) are the statistical two standard
errors plus the estimated systematic uncertainties derived above.
Kinetic Measurements: H2O and N2O Photolysis Experiments. The values reported in Table 1 were obtained in the
experiments performed at 30 Torr (4.0 kPa) total pressure with
H2O photolysis as the OH source between 215 and 479 K. On
the basis of the high precision and reproducibility of the data
we were able to do numerous test experiments with variation
of different parameters to check and/or avoid any sources of
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TABLE 1: Results of the Rate Constant Measurements for
the Reaction between OH and H2a

T, K
479
419
370
330
298
272
250
230
220
215
200

kH2(T),
10-15 cm3
molecule-1 s-1
100.8 ( 2.7 (7.0)
49.54 ( 0.73 (2.80)
25.8 ( 0.68 (1.70)
12.66 ( 0.44 (0.89)
6.67 ( 0.08 (0.25)
3.55 ( 0.088 (0.21)
1.98 ( 0.053 (0.13)
1.97 ( 0.093
1.185 ( 0.04 (0.095)
0.910 ( 0.037 (0.084)
0.785 ( 0.038
0.740 ( 0.034 (0.078)
0.43 ( 0.03 (0.056)

H2 concentration range,
1016
(number
of points)
molecule/cm3
0.028 - 0.31
0.032 - 0.36
0.072 - 0.78
0.40 - 1.4
0.17 - 2.4
1.29 - 8.82
1.2 - 8.8
1.4 - 7.1
0.8 - 8.7
1.5 - 7.9
0.8 - 4.9
1.6 - 10.5
2.5 - 15.5

(19)
(26)
(25)
(7)
(116)
(24)
(31)
(11)
(79)
(21)
(40)
(7)
(48)

a
Uncertainties represent statistical two standard errors from the fit
(values in parentheses include estimated systematic uncertainties). The
reaction rate constants derived in this study at each temperature are
bold. The rate constants obtained from the experiments with photolysis
of N2O are italicized.

Figure 2. Arrhenius plot for the reaction of OH with H2. (Symbol
size exceeds the data uncertainties along both the ln k and 1/T axes.)
The solid line represents eqs 15 and 16 for temperatures above and
below 250 K, respectively. The dotted line is an extrapolation of eq 15
to lower temperatures. The dashed lines are NASA/JPL and IUPAC
recommendations (T < 300 K).

systematic errors. Some of the reported values were derived
from the fit to the experimental points obtained over a long
period of time, using independent calibrations. Therefore, even
the reported statistical error may actually incorporate some
systematic uncertainties.
The saturated water vapor pressure becomes too small at
lower temperatures and, therefore, the reaction rate constant at
T ) 200 K was obtained using N2O photolysis following the
reaction between O(1D) and H2 as the source of hydroxyl
radicals.

N2O + hν f O(1D) + N2
O(1D) + Ar, H2, N2O f O(3P) + Ar, H2, N2O
O(1D) + H2 f OH + H
The saturated vapor pressure of water is still large enough at T
) 250 K so that the test experiments with a wide range of
H2O concentrations (a factor of 30) could be performed at this
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temperature. The precise value obtained in this set of experiments was compared with that obtained using N2O as the
photoprecursor. In contrast with the immediate formation of OH
when H2O is being photolyzed, this second source of OH
involves the concurrence of chemical and quenching processes
of O(1D) and, therefore, depends on the composition of the gas
mixture in the reactor. It is thus more suitable at the lowest
temperatures where higher concentrations of molecular hydrogen
were used. Therefore, we consider our data obtained with H2O
as a precursor to be more accurate at T ) 250 K and above.
To check the overall consistency of our results obtained with
the different sources of OH, both of them were used for the
measurements at T ) 250 K. The experiments with the
photolysis of water vapor to produce OH resulted in the rate
constant of kH2(250 K) ) (1.98 ( 0.053) × 10-15 cm3
molecule-1 s-1. Test experiments with various concentrations
of H2O, flash energies and total pressures were done to be
confident in the thus-determined reaction rate constant.
In a second independent set of experiments N2O was
photolyzed to produce OH radicals in the reactor. Argon carrier
gas was passing through the dry-ice-cooled trap (T = 196 K)
to remove any traces of H2O. In this case, no hydroxyl radicals
could be detected in the absence of molecule hydrogen in the
reactor. The temporal profile of the fluorescence signal (hydroxyl concentration), obtained in the experiment with the lowest
concentration of molecular hydrogen, I[H2]min(t) was then used
as a background to treat the data obtained at higher concentrations of hydrogen, I[H2](t) using our usual procedure.31,34 Thus
we obtained “incremental” decays due to reaction with H2

∆τ-1 )

{ }

I[H2]min(t)
∂
) kH2(T) × {[H2] - [H2]min} (2)
ln
∂t
I[H2](t)

and the reaction rate constant, kH2(T) can be derived as a slope
of the best linear fit to these data points:

kH2(T) )

{ }

I[H2]min(t)
∂τ-1
∂ ∂
)
ln
∂[H2] ∂[H2] ∂t
I[H2](t)

(3)

These expressions are similar to those we always used for the
data treatment except the background decay, I[H2]min(t), is the
measured decay of the fluorescence signal at the lowest
molecular hydrogen concentration, not in the absence of the
reactant. The fit to these data obtained at 4.00 kPa (30.0 Torr)
total pressure resulted in kHN22O(250 K) ) (1.97 ( 0.093) ×
10-15 cm3 molecule-1 s-1. These data were also treated using
the background decay obtained in experiments at the same total
pressure with the photolysis of H2O. Such treatment of N2O
photolysis experiments resulted in kHN22O/H2O(250 K) ) (2.00 (
0.054) × 10-15 cm3 molecule-1 s-1. This is indicative of the
absence of any additional background reactions of OH and
complications in the experiments with N2O photolysis. Thus,
both experimental approaches with photolysis of H2O and N2O
resulted in the same reaction rate constant at T ) 250 K.
The same comparative experiments performed during two
consecutive days at the lowest possible temperature, T ) 215
K resulted in kH2(215 K) ) (7.44 ( 0.50) × 10-16 cm3
molecule-1 s-1, kHN22O(215 K) ) (7.40 ( 0.34) × 10-16 cm3
molecule-1 s-1, and kHN22O/H2O(215 K) ) (7.43 ( 0.21) × 10-16
cm3 molecule-1 s-1. There was no possibility to run additional
test experiments at very different conditions at T ) 215 K
because the water partial pressure in the reactor was only about
a half of the saturated vapor pressure at this temperature. For

the same reason we are not as confident in the high accuracy
of results obtained in H2O photolysis experiments at 215 K as
we are at higher temperatures. Nevertheless, a number of experiments with H2O photolysis at 215 K were performed in the
attempt to provide additional support to the data derived from
N2O photolysis experiments at this lowest temperature where
both types of experiments are still possible. The fit to the combined data set from all experiments with photolysis of H2O gives
kH2(215 K) ) (7.85 ( 0.38) × 10-16 cm3 molecule-1 s-1. The
agreement between these results is quite satisfactory. Nevertheless, we decided to use the data obtained from N2O photolysis
experiments supported by the most recent experiments with H2O
photolysis to derive the recommendation for kH2(215 K).
On the basis of the above, we can conclude that both experimental approaches with photolysis of H2O and N2O result in
the same reaction rate constant within the statistical uncertainty
of the measurements. Therefore, we assume that our experiments
with N2O photolysis at the lowest temperature, T ) 200 K
should be consistent with the data obtained over entire temperature range of the present study even though we could not
employ tests using H2O photolysis at this low temperature. The
rate constant at T ) 200 K was measured in two independent
sets of experiments separated by two years and resulted in
kHN22O(200 K) ) (4.38 ( 0.24) × 10-16 cm3 molecule-1 s-1 and
kHN22O(200 K) ) (4.31 ( 0.30) × 10-16 cm3 molecule-1 s-1,
respectively.
Effect of OH Diffusion on the Measured Rate Constant.
Any experimental procedure employed to measure the reaction
rate constants using a pulse photolysis technique is based on
the assumption that the background decay rate of OH (decay
rate measured in the absence of the reactant under study) is
independent of the presence of the reactant. In our experiments
this background decay is assumed to be due to OH diffusion
out of the viewing zone of the detection system. Moreover, in
many cases the observed changes of decay rates due to reaction
with H2 are comparable with the background decay rates in our
experiments. Therefore, the stability of the background decay
rate is a necessary prerequisite for precise and accurate measurements of the rate constant. It becomes especially important in
this case of studying the reaction of OH with hydrogen because
diffusion of OH in the carrier gas, Ar, and in the reactant, H2,
is very different and high relative concentrations of H2 are used
in the experiments, especially at lower temperatures. Thus, the
dilution of the carrier gas with hydrogen under the same total
pressure will increase the “diffusional” decay in addition to the
induced reaction decay that we are attempting to measure. This
will result in systematic overestimation of the derived reaction
rate constant. This systematic error can be more pronounced at
lower total pressure and lower temperature experiments where
larger relative concentrations of hydrogen are used.
To analyze for possible systematic error due to this change
in OH diffusion rate, we can rewrite the main kinetic equation
being used for the data treatment31,34 more accurately to account
for the change in OH diffusion:

kH2obs(T) )

{ }

I0(t)
1 ∂
ln
)
[H2] ∂t
I[H2](t)

{

}
{ }

I 0diff(t)
1 ∂
)
ln [H ]
[H2] ∂t
I diff2 (t) × exp(-kH2[H2] × t)
kH2(T) +

I 0diff(t)
1 ∂
ln [H ]
[H2] ∂t
I diff2 (t)

(4)
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2]
Here I 0diff(t) and I [H
diff (t) are the temporal profiles of the OH
diffusional decay in the absence of the reactant ([H2] ) 0) and
when H2 is present in the mixture replacing an equivalent
amount of carrier gas. In the case of experiments with high
2]
concentrations of hydrogen I 0diff(t) and I [H
diff (t) may become
different with the latter being a function of [H2] as mentioned
2]
above. One cannot obtain I [H
diff (t) experimentally simply because the reaction with H2 cannot be “switched off”. Also, as
discussed elsewhere,31,34 the correct description and analysis of
the diffusional decay of [OH] is actually impossible for a pulse
experiment; even the functional form of the temporal profile of
2]
the ratio of interest, I 0diff(t)/I [H
diff (t) is unknown. However, we
can measure the upper limits of this ratio directly in experiments
performed at various pressures of the carrier gas to estimate
the effect of the dilution with H2 on results of our measurements.
We recorded background decays at a number of slightly different
pressures of the carrier gas in the vicinity of the “standard” total
gas pressure used in the rate constant measurements. Such
experiments were done around 16.5 Torr (13.5-18.5 Torr) at
T ) 298 K and around 30 Torr (26-36 Torr) at T ) 230 K.
Then, the decay obtained at the highest pressure in each set of
experiments (which is supposed to be the slowest decay in each
set) was used as a background decay to treat the rest of the
data in the set. Our conventional point-by-point data treat-1
ment31,34 was used to derive a decay rate, ∆τ∆[Ar]
due to a
particular difference in the pressure (change of the carrier gas
concentration ∆[Ar]). Thus, we obtained the experimental
dependences of changes of diffusional decay due to “dilution
with vacuum”, that is, with a “compound” that has an infinite
coefficient of diffusion. The diffusion coefficient of OH in
hydrogen is large but has a finite value. Therefore, these
-1
give us reasonable
experimentally obtained values for ∆τ∆[Ar]
upper limits for the possible systematic overestimation of the
rate constant due to dilution of carrier gas with hydrogen for
any ∆[Ar] ) [H2]

-1
∆τ∆[Ar]
)

{ }

{ }

I 0diff(t)
I 0diff(t)
1 ∂
1 ∂
ln ∆[Ar]
ln [H ]
>
∆[Ar] ∂t
[H2] ∂t
I diff (t)
I diff2 (t)

(5)

These experiments indicate less than 0.7% possible error even
at the lowest pressure, 16.5 Torr (2.2 kPa) at T ) 298 K. The
experiments at lower temperature T ) 230 K and 30 Torr total
pressure indicated less than 0.4-1% (from different experiments) possible error. Assuming the same changes in OH
diffusion at T ) 200 K, the possible overestimation of the rate
constant will be less than 1-2%. Therefore, even at the highest
relative concentrations of hydrogen in the reactor our experimental conditions and data treatment are quite adequate and do
not cause any significant systematic error.
Reactive Impurity Check. The measured rate constant
kH2(T) is very small, particularly at lowest temperatures of this
study. Therefore, the presence of reactive impurities in the
sample of hydrogen could result in an overestimation of
measured reaction rate constants and cause curvature of the
Arrhenius plot. To avoid this possibility we used the highest
purity hydrogen in all of our experiments (Spectra Gases Inc.,
99.9999% stated purity with less than 0.1 ppm stated level total
halocarbons impurity). To further check for the possible presence
of reactive impurities from other occasional sources, we used
different glass bulbs and different vacuum systems for the
preparation and storage of the reactant mixtures to find no
noticeable variation of the measured rate constant. In addition,
two successive test experiments were done with this highest

purity hydrogen sample and a sample from a different manufacturer with a very different stated purity (Matheson, 99.99%
with less than ca. 0.8 ppm of total halocarbons impurity). Both
experiments resulted in statistically indistinguishable reaction
rate constants measured at the lowest temperature of this
study: kHN22O(200 K) ) (4.31 ( 0.46) × 10-16 cm3 molecule-1
s-1 and kHN22O(200 K) ) (3.92 ( 0.44) × 10 - 16 cm3 molecule-1
s-1, respectively. Additional spectral analysis of the hydrogen
sample was performed to check the presence of possibly reactive
impurities missed in the manufacturer’s analysis. On the basis
of reactivity toward OH and saturated vapor pressure at liquid
nitrogen temperature, only ethylene, C2H4, could pose a real
problem as a missing hydrocarbon microimpurity in hydrogen.
Therefore, absorption of a hydrogen sample in the vacuum UV
was checked between 160 and 180 nm where C2H4 has very
strong and structured absorption spectrum.35 The concentration
of ethylene in the sample was estimated to be less than ca. 0.5
ppm. Although this upper limit well exceeds the manufacturer
stated level of impurity, it could result in less than 3%
overestimation of kH2(200 K). Given the purity of hydrogen used
in all of our experiments and results of test experiments we
can be confident that the obtained kinetic data are not affected
by the reactions of OH with reactive impurities even at the
lowest temperatures employed in this study.
Effect of “Secondary Chemistry”. Secondary chemistry is
a common source of a systematic error in the determination of
OH reaction rate constants. Similar to the presence of reactive
impurities, the appearance of “secondary chemistry” usually
results in overestimating the reaction rate constant to be
determined. To be confident in the precise and accurate value
of the reaction rate constant to be reported, numerous test
experiments were performed over the wide ranges of experimental parameters specified above. Generally speaking, the
purpose of such experiments was to check the effects of the
initial hydroxyl concentration (variation of water concentration
and flash energy totaling in ca. 3 orders of magnitude in the
expected range of [OH]0), product accumulation in the reactor
(variation of water concentration, flash energy, flash repetition
rate, and the flow rate totaling in up to a factor of ca. 3 × 103
for the variation of the photoproducts accumulation rate) and
the total pressure (a factor of 6). All of the results reported in
this paper were obtained under conditions where the determined
reaction rate constant depended on neither [OH]0 nor the total
pressure in the reactor. However, we could see such dependences
at higher concentrations of H2O in the mixture. At higher initial
photolysis rate the measured rate coefficient exhibited a
dependence on the flash energy, water concentration, and total
pressure. It also showed a dependence on both the flash
repetition rate and the total gas flow rate, that is, the residence
time of the reacting mixture in the cell. These effects were more
pronounced at lower temperatures and became less important
at higher temperatures (see below). Test experiments performed
at the total pressure 100 and 30 Torr at T ) 298 K revealed no
significant difference when helium was used as a carrier gas
instead of argon. This confirms that the observed effects depend
on the total pressure in the reactor and were not related to the
rate of diffusion out of irradiated zone.
In this study of the reaction between OH and H2, the
chemistry in the reactor is simple and well quantified. However,
a quantitative analysis of results of our test experiments is
limited by the spatial distribution of reactants and their diffusion
in the real time of the experiment. Nevertheless, we note that
the only observed effect on the measured rate constant associated
with these wide variations of experimental conditions was a
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TABLE 2
ki(298) × 10-12,
cm3molecule-1 s-1

reaction
OH + H2 f H2O + H
side products, HOx formation:
OH + OH (+M) f H2O2 (+M)
OH + H2O2 f H2O + HO2
HO2 + HO2 (+M) f
H2O2 + O2 (+M)
OH + OH f H2O + O
OH + O f H + O2
OH + HO2 f H2O + O2
hydroxyl regeneration:
H + HO2 f OH + OH
O + HO2 f OH + O2
a

E/R, K

(1)
(6)
(7)
(8)

2.2
1.7
1.9

“298/T”a
160
-600

(9)
(10)
(11)

1.9
33
110

240
-120
-250

(12)
(13)

81
59

0
-200

k6(T) ) k6(298 K) × (298/T).

decrease in its value. Apparently, any “secondary chemistry”
due to higher photolytic impact on the reaction mixture always
resulted in regeneration of OH and, therefore, in an underestimation of the rate constant. Thus, “secondary chemistry” could
not be responsible for the observed curvature of the Arrhenius
plot at lower temperatures. Nevertheless, all reported rate
constants were obtained under conditions where no secondary
regeneration of OH could be discerned.
We can speculate on the chemical mechanism responsible
for the apparent regeneration of hydroxyl radicals in this reaction
mixture. In Table 2 we summarized fast reactions that could
take place in our reactor along with the target reaction (100
Torr total pressure is assumed for reactions 6 and 8).
One can see that the increasing [OH]0 (increasing H2O
concentration and/or flash energy), lowering temperature, and
increasing the total pressure should promote the production of
hydrogen peroxide. Increasing the flash repetition rate and
decreasing the gas flow rate through the reactor should also
promote accumulation of the stable product, H2O2, in any
multiflash experiment. The presence of traces of H2O2 in the
reactor can result in regeneration of OH primarily via reaction
12.
Discussion
On the basis of the precision of the results reported above
and the established absence of any complications due to
experimental artifacts, we believe that the accuracy of the rate
constant for reaction 1 has been improved significantly in the
present study as illustrated in Figure 1. Our results are in perfect
agreement (within reported statistical uncertainties) with the
latest published data8 for this reaction at T ) 298 K. Thus, we
believe that the uncertainty of the recommended value for
kH2(T) can be decreased at room temperature.
Second, our study of reaction 1 has extended precise and
accurate measurements of this rate constant to T ) 200 K and
revealed a noticeable curvature of the Arrhenius plot, which is
indicative for some underestimation of the rate constant at lower
temperatures by the current recommendations. At the extreme,
these recommendations underestimate the rate constant at T )
200 K by a factor of 1.7 (NASA9) and 2.0 (IUPAC10),
respectively. The deviation from a linear Arrhenius plot was
probably present in the earlier studies by Smith and Zellner,6
the only measurements performed at sufficiently low temperatures. Unfortunately, the lack of precision did not allow these
authors to assign this curvature to anything other than secondary
chemistry. The latest results reported by Talukdar et al.8 are in
excellent agreement with our data over the entire common
temperature range between 238 and 400 K with the differences

Figure 3. The measured rate constants normalized to the appropriate
fit: eq 14, open circles; eq 15, filled circles; and eq 16, filled squares.
Data points normalized to eqs 15 and 16 are shown with their
normalized 2σ error bars.

not exceeding 5%. At their lowest temperature point (T ) 238
K) the measured rate constant is already ca. 15% above that
derived from the NASA-recommended Arrhenius dependence
and could be indicative of curvature, although their measurements did not extend to sufficiently low temperature to confirm
this behavior.
Data Presentation. A weighted fit of a modified Arrhenius
expression to the bold highlighted data from Table 1 weighted
by (1/kH2(T))2 yields

kH2(T) ) 7.483 × 10-14 × (T/298)3.861 ×
exp{-723.4/T} cm3 molecule-1 s-1 (14)
which gives the rate constants that are within 6% of every data
point. Although such differences might, at first glance, seem
acceptable, this expression exhibits minor inconsistencies when
residuals of the fit are analyzed. First, the residuals exhibit
slightly nonuniform distribution. (These residuals are shown in
Figure 3 as open circles.) Second, the formal application of the
Chi Square test to the data with their corresponding statistical
uncertainties results in a significantly large χ2 value, which is
indicative of possible inconsistency of the data with the chosen
functional form. The analysis shows that the flattening of the
Arrhenius plot at lower temperatures is the main reason for such
inconsistency. However, limiting such a fit to data obtained
between T ) 250 K and T ) 479 K yields

kH2(250-479 K) ) 4.27 × 10-13 × (T/298)2.406 ×
exp{-1240/T} cm3 molecule-1 s-1 (15)
which fits the data considerably better and does not exhibit these
inconsistencies. This dependence is drawn in Figure 2, and
residuals of the fit are shown in Figure 3 as filled circles. The
extrapolation of this dependence (eq 15) to the lower temperatures (shown as a dotted line in Figure 2) results in an
increasing underestimation of the rate constant (up to ca. 30%
at T ) 200 K).
The data between 200 and 250 K can be separately fit to a
simple Arrhenius expression yielding
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kH2(200-250 K) ) 9.01 × 10-13 ×
exp{-(1526 ( 70)/T} cm molecule
3

-1 -1

s

(16)

This dependence is also shown in Figure 2 and residuals of the
fit are shown in Figure 3 as filled squares. Thus, the combination
of eqs 15 and 16 is the best presentation of our data over the
entire temperature range. The data reported by Talukdar et al.8
are within 4% of those given by these equations.
Both the NASA9 and IUPAC10 Data Evaluation groups use
a common two-parameter Arrhenius expression in their evaluation of ki(298 K) and E/R. However, because of noticeable
curvature of the derived Arrhenius dependence for kH2(T), such
approximation will introduce small but statistically significant
biases to the predicted rate constant.
The rate constant at T ) 298 K was derived from the most
intensive set of measurements and test experiments to be

kH2(298 K) ) (6.67 ( 0.08) ×
10-15 cm3 molecule-1 s-1 with fH2(298 K) ) 1.038 (17)
where the uncertainty factor fH2(298 K) represents the 95%
confidence limit derived from the sum of the (2σ) statistical
standard error reported in Table 1 and estimated systematic
uncertainty of 3%. This factor allows kH2(298 K) to span the
interval of (6.42-6.92) × 10-15 cm3 molecule-1 s-1, which
overlaps all of the previously reported results within their
reported statistical uncertainties. This uncertainty factor increases
to fH2(200 K) ) 1.13. Thus, following the formulation of the
NASA Panel for Data Evaluation9 the uncertainty factor for
room temperature and below can be presented as

{

|

|}

1
1
fH2(T) ) 1.04 × exp 50 × T 298

(18)

One should note however, that the fi(T) factors appearing in
the NASA Evaluation must be squared to yield similar 95%
confidence limits.
A simple Arrhenius fit of our data below T ) 300 K results
in

kH2(T < 300 K) ) 1.48 × 10-12 ×
exp{-(1635 ( 83)/T}, cm3 molecule-1 s-1 (19)
which gives kH2(298 K) ) (6.14 ( 0.52) × 10-15 cm3
molecule-1 s-1, 9% below our reported value. Fixing kH2(298
K) to the measured value a revised simple Arrhenius fit yields

kH2(T < 300 K) ) 2.05 × 10-12 ×
exp{-(1707 ( 53)/T}, cm3 molecule-1 s-1 (20)
However, because of curvature in the Arrhenius plot this
expression overestimates the rate constant by ca. 7% at the
atmospherically important temperature T ) 272 K while it
underestimates kH2(200 K) by ca. 8%. Although these errors
are small, a better representation of the data at atmospherically
relevant temperatures is given by the combination of eqs 15
and 16.
Atmospheric Implications. The atmospheric lifetime of H2
and its global atmospheric removal rate due to the reaction with
hydroxyl radicals can be estimated by using the well-known
approach of Prather and Spivakovsky36 as the following

τHOH2 )

kMCF(272 K)
kH2(272 K)

τOH
MCF ) 10.0 years

(21)

OH
) 5.99 years34 are the lifetimes of H2 and
where τHOH2 and τMCF
methyl chloroform, respectively, due to reactions with hydroxyl
radicals in the troposphere only, and kH2(272 K) ) 3.59 × 10-15
cm3 molecule-1 s-1 (eq 15) and kMCF(272 K) ) 6.0 × 10-15
cm3 molecule-1 s-1 (ref 9) are the rate constants for the reaction
of OH with hydrogen and methyl chloroform at T ) 272 K.33
Strictly speaking, eq 21 gives the lifetime due to reaction with
OH in the troposphere only.36 The additional stratospheric
burden of the compound should be considered along with the
additional sink due to its reaction with OH in the stratosphere.
To a first approximation, these two corrections offset and eq
21 yields a good approximation of the global atmospheric
lifetime.31,34 Assuming the uniform distribution of H2 over the
entire atmosphere and accepting its average concentration of
0.53 ppmv,1 we can also estimate the total amount of H2 in the
entire atmosphere as ca. 187 MT and the rate of H2 removal
from the entire atmosphere by the reaction with OH to be ca.
19 MT/year. Note that soil uptake is considered to be the
dominant sink of H2 from the troposphere with the estimated
removal rate of ca. 56 MT/year.
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