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Rate coefficients for the reaction HO2 + NO2 + N2 f HO2NO2 + N2 (reaction 1) were measured using
simultaneous near-IR and UV spectroscopy from 220 to 298 K and from 45 to 200 Torr. Using the data
acquired in the present experiment, the low-pressure and high-pressure limit rate constants for reaction 1
were determined to beko ) (2.1 ( 0.1)× 10-31 × (T/300)-(3.1(0.3) cm6 molecule-2 s-1 andk∞ ) (2.4 ( 0.1)
× 10-12 × (T/300))-(1.9(0.5) cm3 molecule-1 s-1, using the expressions for rate constants adopted by the NASA
data evaluation panel (Fc ) 0.6). The reaction rate was significantly enhanced in the presence of methanol
due to a chaperone effect involving an HO2‚CH3OH complex. Enhancement parameters for this process were
quantified as a function of temperature. During the course of our studies, we observed an unexpected time-
dependent UV absorption unaccounted for in previous examinations of reaction 1 that employed UV
spectroscopy to monitor HO2. We show that this absorption, which may have led to errors in those prior
studies, is due to the process NO2 + NO2 a N2O4 (reaction 3). Using UV-visible spectroscopy, we determine
k-3 to be (36( 10) s-1 at 231 K and 100 Torr using the NASA-recommended equilibrium constant for the
dimerization of NO2. This represents the first measurement ofk-3 at T < 250 K.

I. Introduction

The reaction between HO2 and NO2 has been the subject of
numerous laboratory studies1-10 and has been shown to be a
recombination reaction which forms peroxynitric acid, HO2NO2:

A bimolecular channel has also been suggested,11 but it appears
to be insignificant in comparison with reaction 1. Reaction 1
plays an important role in the atmosphere. The reaction couples
the NOx and HOx chemical families, and the subsequent reaction
of HO2NO2 with OH is an important sink of HOx in the upper
troposphere and lower stratosphere.12 Measurements of HO2-
NO2 from space13 and balloon-borne14 platforms have enabled
researchers to test our understanding of atmospheric processes
involving HO2NO2. Recently, it has been shown that photolysis
of HO2NO2 is an important source of HOx under high-latitude,
high solar zenith angle conditions.15 Accurate measurements of
k1(M,T), the effective bimolecular rate coefficient for the
termolecular reaction 1, are thus necessary to predict HO2NO2

concentrations and correctly describe the chemistry of this region
of the atmosphere.

Recent experiments in our laboratory have raised questions
about reported rate coefficients of reactions of HO2 at low
temperatures.16 Current recommendations17,18 for the rate coef-
ficient of reaction 1 have relied heavily on studies that utilized
methanol as a precursor for HO2. However, we have shown
that for the reaction

the typical methanol concentrations employed for kinetic studies
of reaction 2 (∼1015 molecules cm-3) cause a significant
enhancement of the observed rate for temperatures below 250
K.16 Although the enhancement of HO2 reaction rates in the
presence of hydrogen bonding species has been observed for
over two decades,19-23 most previous studies of HO2 reactions
using methanol as a precursor neglected this effect. If reaction
1 were similarly enhanced, then currently recommended rates
would be too high at temperatures below 250 K.

In addition, the studies of reaction 1 that have had the greatest
influence on current recommendations failed to account for the
effect of N2O4 formation/dissociation at temperatures below 250
K on measurements ofk1.8-10 These studies employed UV
spectroscopy of HO2 between 225 and 230 nm due to the strong
absorption of HO2 in this spectral region. However, NO2 and
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N2O4 also absorb significantly at these wavelengths. At low
temperatures, the formation of N2O4 via the equilibrium process

becomes significant. In typical laboratory studies of reaction 1,
the HO2 that is produced by flash photolysis quickly depletes a
small fraction of the NO2 and the equilibrium between NO2
and N2O4 is perturbed. As the system relaxes back to equilib-
rium, NO2 is formed and N2O4 is lost. Since both these species
absorb in the UV, the time dependence of the UV signal is
altered. It will be shown below that this has likely affected
previous kinetic studies of HO2 + NO2.

The problem of overlapping absorptions in the UV can be
overcome by monitoring HO2 in the near-IR. The first overtone
band of the OH stretch as well as bound-to-bound transitions
to the low-lying electronic state of HO2 are accessible to tunable
near-infrared diode lasers. These bands24-26 consist of isolated
rovibronic or rovibrational lines that allow for unambiguous
detection using high-resolution methods. The use of diode lasers
also permits the employment of heterodyne detection techniques.
Previous researchers have demonstrated the benefits of diode-
laser heterodyne detection in the near-infrared for the study of
HO2 kinetics27 and spectroscopy.25 Heterodyne detection using
diode lasers enables the measurement of fractional absorbances
on the order of 1× 10-6 in a 1 Hzbandwidth.28 This level of
detection far surpasses that obtainable by direct absorbance
measurements in the UV. In the present study, we employed
heterodyne techniques in the lower MHz range (wavelength-
modulation spectroscopy) to improve the signal-to-noise of the
near-IR channel.

In this work, we have reexamined the reaction between HO2

and NO2 using UV spectroscopy to monitor NO2, and near-IR
wavelength-modulation spectroscopy to monitor HO2. We found
a significant enhancement by methanol on the overall rate of
HO2 + NO2. The rate coefficient at zero methanol,k1, was
determined by measuring the overall rate at different methanol
concentrations and extrapolating to zero methanol. The rate
coefficientk1 was measured over the temperature range 220 K
to 298 K and pressure range 40 Torr to 200 Torr. We performed
additional experiments using the UV probe to monitor total

absorbance at several different wavelengths. These experiments
demonstrated that N2O4 association and dissociation could
interfere with kinetic measurements of reaction 1 in the UV
and may have adversely affected previous determinations ofk1.

II. Experimental Section

A. Apparatus. Figure 1 is a schematic diagram of the
experimental apparatus. The reaction was studied in a temper-
ature-controlled flow cell. A XeCl pulsed excimer laser (308
nm) photolyzed either F2 or Cl2, initiating reactions that formed
HO2 in excess NO2. The NO2 concentration was monitored with
UV-visible direct absorption spectroscopy. The concentration
of HO2 was monitored with heterodyne spectroscopy using a
near-IR diode laser. Near-IR and UV measurements were done
simultaneously.

The reaction cell was a 175 cm long, 5 cm diameter Pyrex
cylinder supported at each end by aluminum chambers. The cell
was surrounded by an insulated jacket through which flowed
methanol chilled by a liquid-nitrogen cooled heat exchanger.
Thermocouples located inside the reaction cell allowed the
temperature to be measured to within(1 K. Reagent gases were
cooled in a meter-long mixing tube prior to entering the main
reaction cell. They entered from the middle of the main reaction
cell and flowed toward the outlet ports.

N2 confinement gas flowing from both aluminum chambers
restricted the reactants to a region 137( 1 cm long between
the outlet ports. To test the extent of confinement, gas mixtures
containing known amounts of Cl2 and NO2 were flowed through
the reagent entrance port. The UV absorbances due to Cl2 and
NO2 were measured and the effective path length was calculated
using Beer’s Law analysis and tabulated absorption cross
sections.17 These tests were conducted over the range of
pressures and flow rates utilized in the experiment. They
confirmed that the reagent gases were contained between the
two exit ports with an effective path length matching the
separation between the centerlines of the two ports to within 1
cm.

The extent of confinement was further verified by comparing
rate measurements of reactions 1 and 2 acquired with and
without the use of confinement gas. In the latter scheme, reagent

Figure 1. Experimental apparatus. The UV and near-IR probes entered the reaction cell from the opposite direction as the excimer pulse. Not
depicted are the 30 passes of the near-IR beam between the Herriott mirrors.

NO2 + NO2 a N2O4 (3)
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gas was present throughout the reaction cell. The path length
for the UV analysis beam was then simply the distance between
the entrance and exit windows. Rate constant measurements for
these two schemes agreed to within 5%.

The excimer photolysis pulse entered the cell through a CaF2

window on one of the aluminum chambers. The 20 ns pulses
had a 2 cm× 1 cm rectangular cross section. The pulse energy
ranged from 60 mJ to 150 mJ. The pulses passed through the
middle of the cell, creating a 2 cm× 1 cm× 137 cm photolysis
region. The excimer laser was configured as an unstable optical
resonator to minimize the divergence of the photolysis beam.

The photolysis volume, defined as the overlap region between
the reagents and the photolysis pulse, was centrally located
within the reaction cell, thus minimizing the effect of wall
reactions on the HO2 disappearance rate. However, transport
of reactive species from the photolysis volume into the
surrounding gas by turbulent mixing was an important consid-
eration. To test this effect, the C2H5O2 and HO2 self-reactions
were studied at [C2H5O2]o < 1 × 1013 molecules cm-3 and
[HO2]o < 5 × 1011 molecules cm-3, respectively. C2H5O2 was
formed from the photolysis of Cl2 in the presence of ethane
and oxygen. At these low concentrations, the calculated chemical
loss rates for both species were less than 2 s-1; consequently,
other loss processes, such as turbulent mixing and diffusion,
became comparable. It was observed that as the residence time
was increased, observed rates of C2H5O2 and HO2 loss decreased
asymptotically toward the predicted chemical loss rates. This
indicated that turbulent mixing was more dominant than
diffusion as a loss process for species formed within the
photolysis volume. The measured first-order loss due to turbulent
mixing was 2-4 s-1 for a residence time of 15 s at 298 K for
both the near-IR and UV channels. Turbulent mixing effects
decreased with decreasing temperature. The residence time was
adjusted to ensure that turbulent mixing had less than a 5%
effect on measured rate coefficients.

Calibrated flows of reagent gases were mixed prior to entering
the cell. Flow conditions were adjusted so that the cell residence
time was 3-10 s, approximately equal to the interval between
photolysis laser pulses. HO2 was formed from the reaction
sequence

The concentrations (molecules cm-3) of the reagents were Cl2:
(2-6) × 1015; He: (2-5) × 1016; CH3OH: (1-3) × 1014

(measurements ofk1 at low [CH3OH]) or (5-80) × 1015 (for
parametrization of methanol effectssee below); O2: (2-7) ×
1017; NO2: (6-50) × 1014. The buffer gas was N2 for all
experiments. The range of [HO2]o was (5-8) × 1013 molecules
cm-3. The Cl2 and He came from a mixed cylinder of 10.0%
Cl2 (99.5% purity) in He (99.999%). N2 (99.9993%) was
bubbled through CH3OH (A.C.S. Reagent Grade) in a temper-
ature-controlled saturator to obtain the desired gas-phase
methanol concentration. NO2 was prepared by mixing NO (99%
purity) with a large excess of O2 (99.996%) and allowing the
mixture to stand for a day. All gases were acquired from Air
Products and Chemicals, Inc. except NO, which was acquired
from Matheson Tri-Gas, Inc.

Important Note: An attempt was made to study reaction 1
using the photolysis of F2-H2-O2 mixtures to produce HO2.

When NO2 was added to a mixture consisting of (molecules
cm-3) [F2] ) 5 × 1016, [H2] ) 5 × 1016, [O2] ) 5 × 1017, and
balance N2 (100 Torr) at 231 K, the mixture spontaneously
decomposed in the reaction cell, resulting in a small explosion.
No further experiments were carried out using F2-H2-O2-
NO2 mixtures. Other methods of producing HO2 were consid-
ered but not utilized: Cl2-H2-O2 would produce HO2 too
slowly and in amounts too small (H2 has to compete with NO2
for Cl atoms) and Cl2-CH2O-O2 photolysis might be com-
plicated by complexation between CH2O and HO2.

B. UV Detection.The source of UV light was a 150 W, D2

lamp (Hamamatsu). The UV probe beam was coaligned with
the photolysis beam, made one pass through the photolysis
volume, and was reflected by a dichroic mirror and focused
onto the entrance slit of a monochromator (Acton SpectraPro
300i). A photomultiplier tube (PMT) was mounted at the exit
slit. Baffles in both aluminum chambers ensured that only UV
light that had sampled the photolysis volume entered the
monochromator. The UV probe beam entered the apparatus
through a 30′ wedged CaF2 window on the aluminum chamber
opposite the input aluminum chamber for the photolysis beam.
Because the 308 nm excimer light could not be completely
rejected, the UV measurements typically began 400µs after
the photolysis pulse, to allow time for the PMT and electronics
to recover.

To monitor the concentration of NO2, the monochromator
was set to 369.500 nm for experiments conducted at tempera-
tures of 230 K and higher. At lower temperatures, the mono-
chromator was set to 381.875 nm to minimize interference from
N2O4. The cross-sections of NO2, N2O4, HO2, and HO2NO2 are
listed in Table 1. Contributions to the total absorbance at
368.500 and 381.875 nm from HO2, H2O2, HO2NO2, and Cl2
were less than 2% at all temperatures. At temperatures below
250 K, a significant fraction of NO2 dimerized to N2O4. At 219
K, [N2O4]/[NO2] reached values as high as 0.8. To maintain
the contribution of N2O4 to the total absorbance to less than
5%, NO2 was monitored at 381.875 nm for experiments below
230 K. The cross-sections at 308 nm for NO2 and N2O4 were
1.6 × 10-19 and 2.9× 10-19, respectively.39

C. Near-IR Detection. The near-IR source was a 3 mW
distributed-feedback (DFB), continuous-wave, tunable diode
laser manufactured by the JPL Microdevices Laboratory. The
diode laser frequency could be varied between 6620 cm-1 and
6645 cm-1 by adjusting the bias current and laser temperature.
The line width (fwhm) of the emission was approximately 20
MHz as determined by deconvolving spectra of H2O transitions
at pressures below 500 mTorr.

For the present study, an HO2 transition at 6638.2 cm-1 was
probed. This line is assigned to theqQ2 transition (a band head)
of the first overtone of the O-H stretch.29 Another diode laser
that emitted near 7000 cm-1 (JPL Microdevices Laboratory)
was also employed in the experiment but only for a limited

Cl298
hV

2Cl (4)

Cl + CH3OH f HCl + CH2OH (5)

CH2OH + O2 f HO2 + CH2O (6)

TABLE 1: UV and Visible Cross Sections for Various
Species at 298 Ka

wavelengths

species 220 nm 369.50 nm 381.875 nm 400 nm ref

HO2 3.41 NASA17

NO2 0.40 0.523b 0.562c 0.60 Bass et al.39

N2O4 6.68 0.167 Bass et al.39

HO2NO2 1.18 NASA17

a In units of 10-18 cm2; blank spaces indicate that the cross-section
is less than 5% of the cross-section of NO2 at a particular wavelength.
b T dependence of-1.1× 10-22 cm2 K-1, from Davidson et al.34 c T
dependence of-8.7 × 10-23 cm2 K-1, from Davidson et al.34
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number of experiments at room temperature. This second diode
laser probed transitions to the low-lying electronic state of HO2

(2A′ r 2A′′). No significant differences in measured kinetic
parameters were observed between the two lasers. The cross-
section of theqQ2 line at 100 Torr, 298 K was estimated to be
(4 ( 2) × 10-20 cm2. This was determined by comparison to
other HO2 transitions near 6627 cm-1 in which cross sections
have been previously determined.25

Like the UV beam, the near-IR beam entered the apparatus
through the 30′ wedged CaF2 window on the aluminum chamber
opposite that of the excimer input. After passing through the
CaF2 window, the beam passed through a small opening in a
gold-coated mirror with a 2032 mm radius of curvature and
impinged on a similar mirror in the other aluminum chamber
positioned 1820 mm from the input mirror. These two mirrors
formed a Herriott cell30,31 that folded the beam, resulting in 30
passes through the photolysis volume. The beam was inside the
photolysis volume for approximately half the length of a single
pass between mirrors. The effective path length of the near-IR
beam was approximately 2700 cm by visual inspection. This
was maximized by placing the Herriott mirrors as close to the
path of the excimer pulse as possible.

The laser current was modulated at 6.80 MHz through an
external bias tee. The signal from the InGaAs photodiode
detector was demodulated at 13.6 MHz (2f detection) and low-
pass filtered, generally between 3 kHz and 10 kHz. These
bandwidths were more than a factor of 5 larger than the HO2

loss rate. Minor adjustments of the amplitude of modulation
were required to optimize the signal when the pressure and
temperature of the cell were varied. The measured HO2 detection
sensitivity was approximately 8× 10-10 cm-1 in a 1 Hz
bandwidth. At the highest concentration of HO2 employed in
the present experiment, 8× 1013 molecules cm-3, the absor-
bance was observed to be less than 0.01. Thus, the heterodyne
signal for [HO2] deviated from Beer’s law by less than 1% under
all conditions.

D. Calibration and Comparison of UV and Near-IR
Probes. The kinetics of reaction 1 were studied under first-
order conditions, which eliminated the need for absolute
calibration of the HO2 near-IR signal. However, calibration was
necessary to correctly model the reaction conditions and account
for secondary processes. Also, while the near-IR and UV beams
overlapped significantly, they had different geometric paths, and
did not probe identical regions of the photolysis volume. Both
issues were addressed by measuring the kinetics for the HO2

self-reaction with simultaneous detection of HO2 by the two
spectral channels. If the near-IR and UV probes gave identical
bimolecular kinetics, then we could show that the conditions
sampled by the two beams were the same. Once this cor-
respondence was established, a comparison of the rate coef-
ficients acquired by each channel allowed us to calibrate the
near-IR signal, since the cross-section and path length for the
UV absorption by HO2 is known.

Our tests of the HO2 self-reaction followed the procedures
of our previous experiments.16 To prevent complications from
HO2‚CH3OH complex formation in the Cl2-CH3OH-O2 sys-
tem, we generated HO2 by photolysis of F2 in H2-O2-N2 gas
mixtures. The HO2 self-reaction is second-order and for both
probe beams, the observed signal can be described by the
equation

whereSig(t) is the signal as a function of time,Sigo represents

the signal at time) 0, b represents a constant baseline offset,
andk represents the second-order rate constant in units ofSig-1

s-1. For UV measurements,Sig(t) was in units of absorbance
(dimensionless). For near-IR measurements,Sig(t) was in units
of volts. For the present experiment, the value ofk from the
UV measurements was corrected for the contribution of H2O2

by multiplying its value by 1- (σH2O2/2σHO2), following the
procedure outlined by Kircher and Sander.32

If the only differences between the two independent probes
are the units in which the signals are measured, the productk
× Sigo (in units of s-1) is the same for both channels regardless
of differences in path length or cross-section. This product is
equivalent to the instantaneous first-order loss rate extrapolated
back to time zero. In the present experiment, this was observed
to be true under all conditions. Thus, we concluded that the
two probe beams measured the same physical processes
identically.

Because the UV cross section and the path length were
known, the UV measurement allowed us to measure the absolute
concentration of HO2, and hence provided a second-order rate
constant in units of cm3 molecule-1 s-1. The near-IR probe
measured a second-order rate constant in units of V-1 s-1. The
ratio of the rate constants gave the scaling factor used to convert
the near-IR signal from units of volts to molecules cm-3. This
value ranged between (1-6) × 1016 molecules V-1 at the RF
port of the demodulation mixer.

E. Analysis of Secondary Reactions.To determine rate
constants for reaction 1, the effects of several secondary
reactions were considered. The most significant of these was
the HO2 self-reaction. As in previous studies of reaction 1,8-10

HO2 was generated in excess NO2 and the decay of HO2 was
analyzed using first-order rate analysis. The HO2 self-reaction
contributed an additional second-order loss process. As shown
in previous studies,9 the effect of the HO2 self-reaction on the
determination of the pseudo-first-order rate coefficient,k′, varies
little with the concentration of NO2. Therefore,k1 can be
determined from dk′/d[NO2]. To verify this, three tests were
done. First, kinetic modeling using FACSIMILE33 was used to
determine the effect of the HO2 self-reaction on the overall rate
measurement ofk1. The reactions considered in the model are
listed in Table 2. The HO2 self-reaction affected the determi-
nation ofk1 by less than 3% under most conditions. The largest
correction tok1 was a 6% decrease in the value observed at 50
Torr and 298 K. At 100 Torr, the correction was less than 3%
for all temperatures. Second, we observed that measuredk1

values did not differ by more than 5% when [HO2]o was varied
over an order of magnitude. Third, no significant difference in
the value ofk1 was observed when fits were conducted over

Sig(t) ) -b + ( 1
Sigo + b

+ 2kt)-1
(7)

TABLE 2: Reactions Used for Kinetic Modelinga

# in text reaction rate

5 Cl + CH3OH f HCl + CH2OH ref 17
6 CH2OH + O2 f HO2 + CH2O ref 17
2 HO2 + HO2 f H2O2 + O2 ref 16
8 NO + HO2 f NO2 + OH ref 17
not listed OH+ NO2 + M f HNO3 + M ref 17
not listed OH+ HO2 f H2O + O2 ref 17
not listed Cl+ HO2 f HCl + O2 ref 17
1 HO2 + NO2 + M f HO2NO2 + M ref 17
not listed Cl+ NO2 + M f ClONO + M ref 17
not listed Cl+ NO2 + M f ClNO2 + M ref 17
not listed Cl+ ClONO f Cl2 + NO2 ref 17
not listed Cl+ ClNO2 f Cl2 + NO2 ref 17
3,-3 NO2 + NO2 T N2O4 ref 17
-3 N2O4 + M f NO2 + NO2 + M 36 s-1 b

a Used only for qualitative analysis.b At 231 K, 100 Torr.

Rate Constant of HO2 + NO2 + N2 f HO2NO2 + N2 J. Phys. Chem. A, Vol. 108, No. 1, 200483



different time intervals. The influence of the HO2 self-reaction
should be the largest at earlier times.

Another potential complication in the analysis is the effect
of NO2 photolysis by the excimer laser. NO produced from NO2

photolysis can affect the measured HO2 decay rate because of
the reaction

To assess the magnitude of the kinetic interference from reaction
8, it was necessary to determine the fractional NO2 decomposi-
tion by the photolysis laser at 308 nm. This was obtained by
photolyzing NO2 in the presence of O2 and measuring the O3
formed using UV absorption at 255 nm. In this way, the
fractional NO2 photodecomposition at a laser pulse energy of
100 mJ was found to be (2.8( 0.2) × 10-3. Davidson et al.34

have shown that at 219 K, the NO2 cross-section at 308 nm is
only 2% higher than at room temperature, indicating that the
fraction of NO2 dissociated by photolysis was approximately
the same at all temperatures. Kinetic modeling indicated that
at 50 Torr and 295 K, the effect of NO formation would be to
increasek1 by 6%. At higher pressures and lower temperatures,
the effect of NO diminishes. The observed rate was influenced
by less than 3% at all other temperatures and pressures examined
in the present experiment. Measurements in the present study
have taken this correction into account.

Possible complications arising from the formation of ClONO
and ClNO2 via the reaction of Cl with NO2 were considered.
ClONO and ClNO2 are produced via the reaction Cl+ NO2 +
M. At [CH3OH] ) 4 × 1015 molecules cm-3 and [NO2] ) 2.9
× 1015 molecules cm-3, the fraction of Cl that reacts with NO2
as opposed to CH3OH is approximately 0.2 at 231 K and 100
Torr, according to the NASA recommended rate coefficients
for these reactions. Determinations of the time dependence of
HO2 would be affected if ClONO or ClNO2 were to react
appreciably with HO2. To address this issue,k1 was measured
in the near-IR as a function of [Cl]o at constant [CH3OH]. The
value ofk1 was found to be independent of [Cl]o over an order
of magnitude change in [Cl]o which strongly indicated that
ClONO and ClNO2 did not react noticeably with HO2. Poor
signal-to-noise prevented similar measurements in the UV.

F. Experimental Uncertainties.The uncertainty (1σ) in the
measurement ofk′ from random noise in the near-IR and UV
signals was approximately 2% and 5%, respectively. The
uncertainty in the determination of [NO2] arises from the
uncertainty in the accuracy of the NO2 cross-section34 and
variations in the flow rate of NO2 into the reaction cell which
ranged from 7% at room temperature to 13% at 220 K. The
uncertainty in the measured pressure of the reaction cell was
approximately 1% and the uncertainty in the temperature was
(1 K. The uncertainty in methanol concentration was due to
uncertainties in the measured flow of carrier gas, pressure above
the liquid methanol, temperature of the liquid methanol, and
accuracy of the tabulated methanol vapor pressure. The average
quadrature sum of these uncertainties was approximately 8%.

III. Results and Discussion

Measurements of the observed rate constants for reaction 1
were obtained using the near-IR probe to monitor HO2 and the
UV probe to measure [NO2] inside the reaction cell. Experiments
were carried out over the temperature range 220-298 K and
pressure range 40-200 Torr of N2 diluent using pseudo first-
order conditions ([NO2]o/[HO2]o > 30). All of the kinetics

studies used the Cl2-CH3OH-O2 mechanism as the source of
HO2 radicals.

As discussed below, we found that methanol enhanced the
observed rate of the HO2 + NO2 reaction due to a chaperone
effect involving an HO2-methanol complex. This effect was
particularly evident at low temperatures and high methanol
concentrations. A procedure was developed to correct the
observed rate constants for methanol at each temperature and
pressure. This procedure exploited the fact that the enhancement
of k1 was linearly dependent on [CH3OH] in the range of
methanol concentrations used in this study.

In addition, we ran experiments directly comparing the
kinetics derived using UV absorption at 220 nm versus near-
IR diode laser spectroscopy to detect HO2. We found large
discrepancies in the time-dependent UV absorption signal atT
< 250 K. We concluded that measurements of HO2 by 220 nm
absorption were strongly affected by the reestablishment of the
NO2/N2O4 equilibrium after initial depletion of NO2 by reaction
1 and photolysis of NO2 and N2O4.

The following sections describe the results of three sets of
experiments. In the first set, we measured the pseudo-first-order
rate as a function of methanol concentration and extrapolated
the rate to zero methanol. By determining they-intercept and
slope of these linear extrapolations as functions of NO2

concentration, we were able to determinek1 and parametrize
the methanol enhancement of reaction 1. In the second set of
measurements, we measured the pseudo-first-order rate of HO2

+ NO2 as a function of [NO2] at relatively low methanol
concentration, as in previous studies of reaction 1.8-10 We then
subtracted out the effect of methanol enhancement using the
parametrization determined from the first set of measurements.
In the third set of experiments, we examined an unexpected
time dependence of the UV signal at 231 K and showed that it
is due to the reestablishment of equilibrium between NO2 and
N2O4. Using UV-visible spectroscopy, we determined the rate
of N2O4 + M f NO2 + NO2 at 231 K and 100 Torr.

A. Parametrization of the Methanol Enhancement of HO2

+ NO2 and Extrapolations of k1. For the first set of
measurements, the effect of methanol on the overall rate of HO2

+ NO2 was examined at 100 Torr at six different temperatures
ranging from 231 to 298 K. At 231 K, additional studies were
also conducted at 200 Torr. The decay of HO2 in the presence
of excess NO2 was measured at 16 to 25 different combinations
of [NO2] and [CH3OH] at each temperature and pressure using
first-order rate analysis.

Plots of the near-IR measurement of [HO2] versus time at
100 Torr, 231 K, and [NO2] ) 2.8× 1015 molecules cm-3 are
shown in Figure 2 for back-to-back experiments in which only
the methanol concentration was changed. The figure illustrates
that the HO2 loss rate increased with increasing methanol
concentration. The inset in the figure demonstrates that the
kinetic decays obeyed first-order kinetics. The maximum signals
at each methanol concentration are roughly equal. The first-
order rate constant,k′, acquired from fitting such decays as in
Figure 2 was determined as a function of methanol concentra-
tion. The trend ofk′ with methanol concentration is shown in
Figure 3 for experiments conducted at 100 Torr and 231 K.
The dependence was observed to be linear and well described
by the equation

The value ofk′o representsk′ at zero methanol. The value ofk′′
represents the dependence of the measured first-order rate
constant on methanol concentration.

HO2 + NO f OH + NO2 (8)

k′ ) k′o + k′′[CH3OH] (9)
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Because the HO2 self-reaction affectsk′ and because it is
enhanced by methanol, bothk′o and k′′ had to be correlated
with [NO2] to remove contributions from the HO2 self-reaction.
The relationship betweenk′o and [NO2] is shown in Figure 4
for experiments conducted at 100 Torr and several temperatures.
As depicted in the figure, the relationship was linear at all
temperatures and thus could be described using the equation

The slope is the rate coefficient for reaction 1. They-intercept,
k′H, is due to the effect of the HO2 self-reaction on measurements
of k′.

The effect of methanol on the overall rate of HO2 + NO2

was determined by correlating the value ofk′′ with [NO2]. As
illustrated in Figure 5, the trend was linear and thus could be
described by the equation

The value ofk′′′ represents the enhancement of the overall rate
of HO2 + NO2 by methanol. The value ofk′′H represents the
methanol enhancement of the effect due to the HO2 self-reaction
on measurements ofk′.

Equations 9, 10, and 11, the result of direct observations,
combine to give

Following the typical procedure for analysis of pseudo-first-
order rate measurements, the overall rate coefficient of HO2 +
NO2, ktot, is

Previous studies of the HO2 + NO2 reaction8-10 determined
ktot rather thank1 because the effect of methanol was not taken
into account.

The temperature dependence ofk1 is tabulated in Table 3
and plotted in Figure 6. As the figure shows, the measured

Figure 2. Typical near-IR HO2 signals at methanol concentrations of
7 × 1014 molecules cm-3 (filled circles) and 4× 1015 molecules cm-3

(open circles) at 231 K, 100 Torr, and [NO2] ) 2.9 × 1015 molecules
cm-3. The plots shown above are back-to-back experiments in which
only the methanol concentration was changed. Time zero is when the
excimer laser was fired. The inset is a natural log transform over 3 e-1

lifetimes.

Figure 3. k′ versus methanol concentration at 231 K, 100 Torr. The
data were acquired at (molecules cm-3) [NO2] ) 3.7 × 1015 (open
circles), 1.7× 1015 (filled circles), and 5.8× 1014 (open triangles).
The y-intercept (k′o) representsk′ at zero methanol and the slope (k′′)
represents the dependence of the measured first-order rate constant on
methanol concentration.

Figure 4. k′o versus [NO2] at 100 Torr. The data were acquired at
different temperatures: 298 K (open circles), 250 K (filled circles),
and 231 K (open squares). The slope of the line isk1. They-intercept,
k′H, is due to the effect of the HO2 self-reaction, also at zero methanol,
on measurements ofk′, the observed first-order decay of the IR signal.

k′o ) k′H + k1[NO2] (10)

Figure 5. k′′ versus [NO2] at 100 Torr. The data were acquired at
different temperatures: 298 K (open circles), 250 K (filled circles),
and 231 K (open squares).k′′ represents the enhancement in the
observed first-order rate due to methanol. The slope,k′′′, of the fit
represents the enhancement of the HO2 + NO2 + M reaction due to
methanol. The intercept,k′′H, represents the enhancement by methanol
of the effect of the HO2 self-reaction on determinations ofk′.

TABLE 3: Measured Rate Coefficients from Studies of
Methanol Effect in Which the Methanol Concentration Was
VariedsSection III.A

T (K) P (Torr) k1
a k′′′ b kH′′ c

298 100 4.0( 0.1 0.24( 0.06 not measured
288 100 4.4( 0.1 0.58( 0.09 0.9( 2.0
273 100 5.1( 0.1 1.5( 0.2 4.5( 3.2
250 100 6.7( 0.1 6.3( 0.2 41( 2
240 100 6.9( 0.1 13.8( 0.4 80( 5
231 100 8.5( 0.3 20.7( 1.4 160( 10
231 200 9.4( 0.4 23.0( 1.9 200( 60

a In units of 10-13 cm3 molecule-1 s-1. b In units of 10-29 cm6

molecule-2 s-1. c In units of 10-15 cm3 molecule-1 s-1.

k′′ ) k′′H + k′′′[NO2] (11)

k′ ) k′H + k′′H[CH3OH] + k1[NO2] + k′′′[NO2][CH3OH]
(12)

dk′′
d[NO2]

) ktot ) k1 + k′′′[CH3OH] (13)
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values ofk1 from this work were within 3% of the NASA
recommended values at 298 K and were approximately 15%
lower than the recommended values at 231 K. The difference
at 298 K is statistically insignificant while the difference at 231
K is within the estimated error limits given in the NASA
evaluation.17

The temperature dependence ofk′′′ was analyzed using the
Arrhenius expressionk(T) ) Ao exp[-Ea/(RT)]. The value of
k′′′, as a function of temperature, is tabulated in Table 3 and an
Arrhenius plot of ln(k′′′) versusT -1 is shown in Figure 7. The
values ofA′′′o andE′′′a were found to be (1.6( 0.9) × 10-36

cm6 molecule-2 s-1 and (-36.3( 1.2) kJ mol-1, respectively.
Our measurements at 100 and 200 Torr, as given in Table 3,
indicated thatk′′′ was largely pressure independent.

B. Mechanism of Methanol Enhancement.It is likely that
enhancement occurs via a chaperone mechanism.19-23 According
to this mechanism, methanol and HO2 form the hydrogen-
bonded adduct HO2‚CH3OH. For association reactions, this
adduct is more reactive than uncomplexed HO2 because
methanol acts as a third body, removing collisional energy. The
observed enhancement of HO2 + NO2 by methanol can be
explained by the following reaction sequence:

Let Keq ) k14/k-14, the equilibrium constant for the formation
of the HO2‚CH3OH complex from HO2 and methanol. If it is
assumed that equilibrium occurs instantaneously compared with
reactions 1 and 15, the observed rate coefficient can be described
as

For the present experiment, it was observed thatktot was nearly
linear with [CH3OH], indicating that{1 + Keq[CH3OH]} ≈ 1
under the conditions of our experiment. Equation 16 can then
be simplified to

This assumption is supported by previous studies of the
methanol enhancement of the HO2 self-reaction,16,20and should

be valid given the relatively high methanol concentration and
the relatively short lifetime of the hydrogen-bonded adduct.

Additional work by our group35 on the enhancement of the
HO2 self-reaction strongly supports the mechanism outlined
above. In that work, we observe the time-dependent decay of
the monomer HO2 concentration (detected by the near-IR laser)
as the HO2 forms the complex and the system approaches
equilibrium. Both the forward complexation rate and depletion
of free HO2 are consistent with the chaperone model. We find
that the equilibrium between HO2, CH3OH, and HO2‚CH3OH
is established on the time scale of microseconds. Since the
kinetic measurements in the present work are on the order of
hundreds of microseconds to milliseconds, the above ap-
proximations given in eqs 16 and 17, in which we assume
equilibrium between HO2, CH3OH, and HO2‚CH3OH, are valid.

From eqs 13 and 17,k′′′ ) k15Keq; that is, the methanol
enhancement rate coefficient is the product of the equilibrium
constant and the rate coefficient for the reaction of HO2 with
the complex. If we assume that reaction 15 is temperature
independent, a reasonable assumption given that HO2 + NO2

is exothermic and essentially barrier-less, then the temperature
dependence ofk′′′ can be related to the binding energy between
methanol and HO2. Similar assumptions were made in the case
of the methanol enhancement of the HO2 self-reaction.16,20 In
the present case,∆H ) (-36.3 ( 0.3) kJ mol-1, which is
consistent with a strongly hydrogen-bonded complex.

Though indirect, the temperature dependence ofk′′H is a
useful proxy for the temperature dependence of the methanol
effect on the HO2 self-reaction. The temperature dependence
of k′′H was analyzed using the Arrhenius expressionk(T) ) Ao

× exp[-Ea/(RT)]. An Arrhenius plot of ln(k′′H) versusT -1 is
shown in Figure 7. The valuesA′′H,o andE′′H,a were found to
be (1.9( 3.0)× 10-22 cm3 molecule-1 s-1 and (-39.6( 3.1)
kJ mol-1, respectively. The activation enthalpies for the
enhancements of the HO2 + NO2 reaction and HO2 self-reaction
should be the same, because the negative temperature depen-
dence for both reactions arises from the rate-limiting formation
of the HO2‚CH3OH complex.

The present results are consistent with our previous study of
the HO2 self-reaction.16 In that study, the rate enhancement was
parametrized in the same manner as in this work. From the
temperature dependence of the enhancement,∆H for the
formation of the HO2‚CH3OH complex was determined to be
(-38.1 ( 2.1) kJ mol-1. The Arrhenius parameters for the
methanol enhancement reactions for the HO2 + NO2 and HO2

self-reactions are compared in Table 5.

Figure 6. The temperature dependence ofk1 obtained in the present
experiment (solid circles) compared with the NASA-recommended
values (solid line) at 100 Torr. The dashed lines are the recommended
error limits given in the NASA data evaluation. The open circles are
calculated overall rate coefficients,ktot, from this study at [CH3OH] )
3 × 1015 molecules cm-3.

HO2 + NO2 98
M

HO2NO2 (1)

HO2 + CH3OH a HO2‚CH3OH (14)

HO2‚CH3OH + NO2 f products (15)

ktot )
k1 + k15Keq[CH3OH]

1 + Keq[CH3OH]
(16)

ktot ) k1 + k15Keq[CH3OH] (17)

Figure 7. k′′′ (filled circles) andk′′H (open circles) versusT-1. The
value of k′′′ represents the temperature dependence of the methanol
enhancement for the observed rate of HO2 + NO2. The value ofk′′H is
a proxy for the effect of methanol on the HO2 self-reaction (see text).
Both y-axes range 4 orders of magnitude in order to demonstrate the
similarity between their respective temperature dependences.
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Prior investigators have determined that the equilibrium
constant for HO2 + H2O a HO2‚H2O may be large enough
that at [H2O] ) 5 × 1015 molecules cm-3 at 231 K, the ratio of
complex to free HO2 is as large as 0.85.22 If methanol acts
similarly, one might expect that the maximum near-IR signal
would decrease with increasing methanol concentration, as more
monomer HO2 becomes bound in the complex due to the
equilibrium (reaction 14). In our forthcoming paper,35 we indeed
observe a decrease in the initial HO2 concentration measured
in the near-IR with increasing methanol concentration at low

temperatures. In that paper, we determineKeq. Using our
estimates of the equilibrium constant, we predict that the ratio
of complex to free HO2 is approximately 0.2 at 231 K and [CH3-
OH] ) 4 × 1015 molecules cm-3. However, in the present
experiment, we find that the initial near-IR HO2 signal varies
little with methanol concentration over the range of methanol
concentrations employed in the present experiment. One ex-
planation for this is that the secondary reaction of Cl+ NO2

competes with Cl+ CH3OH to suppresses HO2 formation. This
leads to offsetting effects: increasing methanol concentration
will increase total HO2 as more Cl atoms react with CH3OH,
but will decrease free HO2 due to complexation. As stated above
in the Experimental Section, the fraction of Cl atoms reacting
with NO2 as opposed to CH3OH is 0.2 under the conditions of
Figure 3. Due to uncertainties in both the rate of Cl+ NO2 and
the uncertainty in our measurement of the magnitude of complex
formation, it is difficult to predict whether the signal will
decrease or increase with CH3OH.

C. Measurements ofk1 at Low Methanol Concentrations.
A more detailed study of reaction 1 was carried out over the
temperature range (219-295) K and pressure range (40-200)
Torr. In these experiments, a relatively low methanol concentra-
tion, ∼2.0 × 1014 molecules cm-3, was used in order to
minimize the methanol enhancement effect on the overall
reaction. At this concentration of methanol, the ratio of complex
to free HO2 is expected to be around 0.01.35

Using the measured methanol enhancement parameters,ktot

was reduced byk′′′[CH3OH] (eq 13). At 100 Torr, this amounted
to a reduction inktot of less than 1% forT g 273 K and
reductions of 4% and 15% at 231 and 219 K, respectively. The
measurements ofk1, corrected for the presence of CH3OH, are
shown in Figure 8 for selected temperatures. All measured
values ofk1 from the present work are tabulated in Table 4.
This includes measurements in whichk1 was obtained by linear
extrapolation (section A). There was good agreement between
both sets of measurements.

It was assumed thatk′′′ is pressure independent. As described
in this work,k′′′ is the product of pressure independent terms
Keq andk15 (eq 17). Measurements ofk′′′ at 231 K and different
pressures indicate thatk′′′ varies little with pressure over the
range of pressures examined in this work, as shown in Table 3.
More involved kinetic analysis of the rate enhancement of the
HO2 self-reaction by Mozurkewich and Benson36 suggests that
k′′′ may display pressure dependence under certain conditions
(e.g., very high [CH3OH] to [M] ratios).

D. Effect of NO2 + NO2 a N2O4 on Studies of Reaction
1. Previous flash photolysis studies of reaction 1 have used time-

TABLE 4: Measured Rate Coefficients from All
Measurements from This Work

T (K) [M] a k1
b σb T (K) [M] a k1

b σb

298c 3.24 4.0 0.1 258 1.33 2.9 0.1
295 1.45 2.2 0.1 258 1.67 3.6 0.1
295 1.69 2.5 0.2 258 2.26 4.3 0.1
295 1.97 2.8 0.1 258 2.41 4.5 0.1
295 1.97 2.8 0.1 258 2.99 5.6 0.1
295 2.32 3.2 0.1 258 3.06 5.4 0.1
295 2.66 3.4 0.1 258 3.38 5.7 0.1
295 2.96 3.9 0.2 258 3.66 6.0 0.4
295 3.21 4.1 0.3 258 3.84 6.4 0.1
295 3.54 4.3 0.2 258 4.23 6.4 0.6
295 3.56 4.2 0.2 250c 3.86 6.7 0.1
295 3.60 4.2 0.1 243 1.68 4.3 0.3
295 3.62 4.4 0.1 243 2.12 4.9 0.2
295 4.11 4.5 0.1 243 2.97 5.9 0.3
295 4.66 5.0 0.4 243 3.38 6.4 0.2
295 5.01 5.7 0.3 243 3.77 7.6 0.2
295 5.04 5.2 0.2 243 4.05 7.7 0.2
295 5.39 6.1 0.3 243 4.54 8.1 0.3
295 6.36 5.8 0.8 243 4.84 8.5 0.2
288c 3.35 4.4 0.1 243 5.41 9.1 0.5
284 1.24 2.1 0.1 243 6.00 9.6 0.3
284 1.75 2.8 0.1 240c 4.02 6.9 0.1
284 2.18 3.1 0.1 231c 4.17 8.5 0.3
284 2.65 3.6 0.1 231c 8.35 9.4 0.4
284 2.89 3.8 0.1 231 1.47 3.7 0.6
284 3.22 4.1 0.1 231 1.68 4.3 0.6
284 3.59 4.4 0.1 231 2.20 5.3 0.6
284 4.09 4.5 0.1 231 2.59 5.5 0.8
284 4.57 5.0 0.2 231 2.73 5.9 0.6
284 4.84 5.0 0.1 231 3.15 6.4 0.6
284 5.21 5.4 0.2 231 3.70 7.4 0.7
273c 3.53 5.1 0.1 231 3.84 8.5 0.8
272 1.48 2.6 0.1 231 4.33 8.2 0.8
272 1.98 3.3 0.1 231 4.77 9.5 0.7
272 2.36 3.9 0.1 219 1.57 4.1 0.8
272 2.85 4.3 0.1 219 1.78 4.8 0.9
272 3.21 4.6 0.1 219 2.02 5.3 0.8
272 3.55 5.1 0.1 219 2.44 6.1 0.8
272 3.90 5.4 0.1 219 2.82 6.9 0.9
272 4.31 5.5 0.2 219 3.12 8.2 0.9
272 5.09 5.8 0.1 219 3.28 7.1 0.9
272 5.46 6.5 0.3 219 3.74 8.3 1.0

219 4.12 8.5 0.9
219 4.96 9.7 1.0

a In units of 1018 molecules cm-3. b In units of 10-13 cm3 molecule-1

s-1. c Denotes values from section A.

TABLE 5: Arrhenius Values for k′′′ and k′′H Compared
with the Values from a Previous Study of the HO2
Self-Reaction

coefficient Ao Ea (kJ mo1-1)

k′′′ (1.6( 0.9)× 10-36 cm6 molecule-2 s-1 -36.3( 1.2
k′′H not applicable -39.6( 3.1
k′′′HO2+HO2

a (2.5( 2.4)× 10-36 cm6 molecule-2 s-1 -37.9( 1.0

a From ref 16. The parametrization used for the HO2 self-reaction
was identical to that used in this work, i.e., the overall rate was a linear
function of methanol concentration.

Figure 8. All measured values ofk1 from the present work compared
with the NASA-recommended values. Displayed are data acquired at
295 K (open circles), 258 K (solid squares), 243 K (open triangles),
and 219 K (horizontal dashes). Also shown are the current NASA
recommended values at 295 K (solid line), 258 K (long dashed line),
243 K (medium dashed line), and 219 K (small dashed line).
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resolved UV absorption spectroscopy as the probe for HO2.8-10

In contrast, the present study mainly used the near-IR band. To
compare our results with those of previous studies, a number
of runs were carried out using simultaneous UV and near-IR
detection of HO2. In these experiments, the monochromator was
set to 220 nm. After each run, the monochromator was set to
either 369.50 or 381.875 nm to determine [NO2]. To verify our
observations and conclusions, subsequent experiments were
conducted with the monochromator set to 400 nm to measure
the time dependence of [NO2].

Comparisons of simultaneously acquired near-IR and UV
signals at 100 Torr with the monochromator set at 220 nm are
shown in Figures 9a and 9b for 298 and 231 K, respectively.
At 298 K, the near-IR and UV signals behaved as predicted.
The measured decay rates for both channels were similar. In
addition, the residual UV absorption due to the NO2 absorption
background and stable products such as HO2NO2 was consistent
with the FACSIMILE model. However, at 231 K, there were
significant differences between the two channels. The near-IR
signal decayed to zero on the order of several milliseconds due
to reaction 1, as expected; however, the UV signal showed a
time-dependent variation that persisted after the HO2 was
depleted. This variation was not reproduced in the standard
model simulations and precluded the determination ofk1 from
the UV data when simple first-order rate analysis was employed.

The most likely cause of the unusual behavior in UV signal
at low temperatures was transient variations in total absorbance
due to changes in [NO2] and [N2O4], both of which have
appreciable cross sections at 220 nm and are present in
detectable concentrations. The removal of NO2 by reaction with
HO2 perturbs the equilibrium between NO2 and N2O4. Ad-
ditionally, photolysis by the excimer beam perturbs the system
less significantly. Together, both have the cumulative effect of
producing a system in which [NO2] must increase to reach
equilibrium. The time constant for the reestablishment of
equilibrium is on the order of milliseconds to tens of mil-
liseconds. This has the effect of decreasing the measured value
of k1.

To support this hypothesis, the time-dependent absorbance
was measured at 400 nm. At this wavelength, almost all the
absorption is due to NO2. We detected a transient negative
absorbance change∆A(400 nm) which returned to a negative
baseline in the post-HO2 signal, as shown in Figure 10.

The transient signals at 220 and 400 nm had similar time
constants. To model the reestablishment of equilibrium between
NO2 and N2O4, first-order analysis of the time dependence of
the UV signal at 400 nm was modeled using the reactions listed
in Table 2. This wavelength was used because NO2 can be
detected with a high signal-to-noise ratio, and essentially all
the observed absorption is due to NO2. The time interval for
the analysis was 5-50 ms after the photolysis pulse. The lower
limit was determined by the time required for the HO2 to decay
to background levels, and the upper limit was determined by
diffusion and other loss processes. BecauseKeq for reaction 3
has been measured previously,17 k3 was equated toKeq‚k-3. Thus,
the only unknown in the fit wask-3. These fits were done only
at 100 Torr and 231 K.

The value ofk-3 was determined to be (36( 10) s-1 using
the known equilibrium constant. This compares favorably with
previous measurements37 of k-3 made at higher temperatures
that predict values ofk-3 between 20 s-1 and 180 s-1 when
extrapolated to 231 K and 100 Torr.

The total absorbance at 220 nm was modeled using FAC-
SIMILE under the conditions of 231 K and 100 Torr. This

modeling is shown in Figure 9c. As the figure indicates, the
time dependence of the total absorbance replicates that of the
experiment shown in Figure 9b. We performed a first-order
analysis of the UV rate of decay for experiments conducted at
298 and 231 K in order to ascertain the magnitude of error

Figure 9. (Top) Comparison of UV and near-IR signals at 298 K.
The UV signal was acquired at 220 nm. Note that there is no time
dependence in the UV signal after 5 ms. (Middle) Comparison of UV
and near-IR signals at 231 K. The UV signal was acquired at 220 nm.
Note that there is a time dependence in the UV signal after 5 ms and
that the near-IR channel indicates no HO2 is present. (Bottom) Simulated
contributions, at 231 K and 100 Torr, to total UV absorbance at 220
nm using FACSIMILE. Note the time dependence in the total signal
after 5 ms, due to combined NO2 and N2O4 absorbance.

Figure 10. Comparison of simultaneously acquired near-IR and 400
nm signals at 231 K, 100 Torr. Most of the UV absorbance is due to
NO2. Negative absorbance arises from a decrease in [NO2] which
permits more light to arrive at the detector. After the near-IR signal
has decreased to zero, at around 5 ms, the UV signal still displays a
positive time dependence. This implies that [NO2] is increasing, most
likely from dissociation of N2O4.
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arising from neglecting the reestablishment of equilibrium
between NO2 and N2O4. UV absorbance at 220 nm was
employed simultaneously with near-IR detection. Decays were
fit over the time period 0-4 ms. Plots ofk′ versus [NO2] for
both the near-IR and UV data are shown in Figure 11 for 298
and 231 K. At 298 K, the IR and UV measurements agree. At
231 K, they disagree significantlysthe slope of the near-IR data
is nearly twice that of the UV data at [CH3OH] ) 3 × 1015

molecules cm-3.
We also examined whether the time dependence of the UV

signal could be partly attributed to unimolecular decay and/or
isomerization of ClONO and ClNO2 since both species absorb
appreciably in the UV.17 We found that the magnitude of this
time-dependent signal did not correlate with the wavelength-
dependent cross-sections of ClONO and ClNO2 when we
scanned our monochromator through the UV at 295 and 231
K. Overall, there was little or no indication of any time
dependence in the UV signal that could be attributed to either
ClONO and ClNO2.

E. Comparison with Previous Measurements.Our experi-
ments have uncovered two phenomena that affect the apparent
rate of reaction 1 at low temperaturessthe rate enhancement
by methanol, which influences experiments using CH3OH as a
precursor, and the reestablishment of equilibrium between NO2

and N2O4, which leads to artifacts in the UV detection of HO2.
Previous determinations of the rate coefficients for HO2 + NO2

using the flash photolysis technique neglected both effects. We
have found that, independently, these effects lead to significant
(>50%) error in the derived rate coefficientk1. However, as
seen in Figure 6, the rate coefficient at 100 Torr obtained in
the current work, after correcting for methanol enhancement,
is in fair agreement with the recommended values by the NASA
Data Evaluation Panel over the temperature range 231 K to 300
K.

This agreement results from a fortuitous cancellation of errors.
While studies that used UV to monitor HO2 appreciably
underestimated the rate coefficient of reaction 1 at low tem-
peratures, this error was more than offset by neglect of the
enhancement of the HO2 + NO2 rate by methanol. Overall, the
rates at low temperatures recommended by the NASA Data
Evaluation Panel based on previous studies appear to be slightly
higher than expected had both the reestablishment of NO2-
N2O4 equilibrium and methanol enhancement been taken into
account.

F. Quantifying the Rate Coefficient k1([M], T). Follow-
ing the procedure adopted by the NASA data evaluation panel

to describe termolecular reactions, a simplified expression for
the effective bimolecular rate constant developed by Troe,38

which here assumesFc ) 0.6, was used to quantifyk1 as a
function of temperature and pressure:

The parametersko(T) andk∞(T) are the low-pressure limit and
high-pressure limit rate constants, respectively, withT depend-
ences given by

Fitting of data was done over the entire data set of the present
work, including values ofk1 that were extrapolated from studies
of the methanol enhancement (Section III.A) and those in which
the effect of methanol was subtracted out (Section III.C). Values
of k1 at all temperatures and pressures were weighted by the
inverse of their uncertainties and fit globally. The results are
given in Table 6.

A second, expanded data set was created using the data
acquired by Sander and Peterson8 and Kurylo and Ouellette9,10

in addition to the present work. Only data for temperatures
greater than 276 K were included from the previous studies.
We chose this lower temperature limit to prevent inclusion of
data in which the effect of methanol enhancement may have
affected previous studies. The inclusion of previous work
expanded the range of measured values ofk1 to 362 K and 700
Torr. The expanded data set was fit in the same manner as
described above and the results are also in Table 6.

As the table illustrates, between the data sets, the values of
ko(300 K) andn were found to agree within 5% and 10%,
respectively. Further, the values of these parameters for both
data sets were within the stated uncertainties given in the NASA
data evaluation. However, there was significant disagreement
between both data sets in regards to the high-pressure rate
parametersk∞(300) andm. In addition, the values ofk∞(300)
for both data sets were more than 40% lower than the NASA
recommended value. Also included in Table 6 are the values
measured by Howard5 using LMR detection of HO2 between
0.5 and 3 Torr of N2 at 300 K. The values ofko(300 K)
determined in the present work, the expanded data set, the
NASA recommendation and Howard agree within the stated
uncertainties.

Using the NASA recommended values, the pressure at which
k1 ) k∞(300)/2 is greater than 3 atm at 300 K. Thus, the fitted
values ofk∞(300) andm reflect the behavior of the data at these
relatively low pressures rather thank1 at the high-pressure limit.
The behavior of the present data that accounts for the lower
value ofk∞(300) is evidenced in Figure 8: the measured values
are increasingly smaller than the NASA-recommended values
as pressure increases.

The significance of our rate measurements was gauged by
examining calculated rates under two different conditions: 200
K, 5 Torr and 230 K, 100 Torr. These conditions are representa-
tive of the atmosphere at 40 km and 15 km, respectively. The
results are shown in Table 6. There was less than 5% difference
between the data set of this work and the expanded data set
under both conditions. However, at 200 K, 5 Torr, both data
sets predicted values ofk1 that were on average 8% higher than

Figure 11. Comparisons of near-IR and UV measurements of the
observed rate of HO2 + NO2 at 231 and 298 K, at 100 Torr and [CH3-
OH] ) 3 × 1015 molecules cm-3. No correction for the effect of
methanol nor the effect of the NO2-N2O4 equilibrium has been done.
The UV signals were acquired at 220 nm. The near-IR data at 231 and
298 K are solid squares and circles, respectively. The UV data at 231
and 298 K are open squares and circles, respectively.

k1([M],T) )
ko(T)[M]

1 +
ko(T)[M]

k∞(T)

0.6{1+[log(ko(T)[M]/ k∞(T))]2}-1
(18)

ko(T) ) ko(300 K)‚(T/300)-n (19)

k∞(T) ) k∞(300 K)‚(T/300)-m (20)
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the NASA-recommended values and at 230 K, 100 Torr,
predicted values 15% lower, on average. The latter result is
consistent with the observations of this work discussed in
Section III.A and shown in Figure 6. It is interesting to note
that both data sets predicted values ofk1 which were lower at
230 K, 100 Torr but higher at 200 K, 5 Torr than the NASA
recommendation. This is not unexpected given that the latter
environmental condition is well removed from any experimental
condition investigated and thus greatly extrapolated using eq
18.

The values ofk1 become important for atmospheric chemistry
at pressures below 200 Torr and temperatures below 250 K.
However, many measurements ofk1 have been acquired at
higher pressures and temperatures.8-10 The question of whether
to include data outside the range used for atmospheric modeling
then arises. Extrapolations using just the data (T > 276 K)
acquired by previous researchers to 200 K, 5 Torr and 230 K,
100 Torr are more than 15% and 20% higher than values
calculated using just the data from this work, respectively.
However, there is little difference in the fitted parameters of eq
18 between the data from this work and the expanded data set,
mainly because there are many more data points from the present
work. Comparisons with the NASA-recommended values are
complicated by the fact that the NASA values have been
influenced by measurements in which the contributions of
methanol and the NO2-N2O4 equilibrium were not taken into
account.

IV. Summary and Conclusions

In this study, the temperature and pressure dependences of
the rate constant for the HO2 + NO2 reaction were measured
using pulsed laser photolysis with long-path near-IR laser
heterodyne detection of HO2 and in situ detection of NO2 by
long-path visible absorption spectroscopy. The use of the near-
IR heterodyne technique for HO2 detection has a number of
advantages over UV detection including improved sensitivity
(by at least an order of magnitude) and freedom from spectral
interferences since HO2 is probed via a single rovibronic
transition. This eliminated complications encountered in previ-
ous studies arising from spectral interferences from the HO2‚CH3-
OH complex, NO2 and N2O4.

Methanol, which was used as a precursor for HO2, was found
to enhance the reaction rate through a chaperone mechanism
involving a HO2‚CH3OH complex. The [CH3OH] dependence
of the rate constant was measured and used to infer the rate
constant of HO2 + NO2 in the limit of zero methanol. IR
spectroscopy was employed, minimizing the influence of the
equilibrium between NO2 and N2O4 in determining the rate.
Below 250 K, measuredk1 values from the present study were
lower than the current NASA recommended values. At 231 K,
100 Torr,k1 was nearly 15% lower. Parametrizations of the rate
of k1 using a simplified Troe termolecular equation were carried
out using the data from this study and previous studies.

The enhancement of reaction 1 by methanol was studied and
found to be very similar to that for the methanol enhancement

of the HO2 self-reaction. This validates the chaperone mecha-
nism as the cause of the rate enhancement for reactions involving
HO2.

Measurements of the forward and reverse rates of NO2 +
NO2 a N2O4 were done at 231 K, 100 Torr. The possible effect
of the equilibrium between NO2 and N2O4 on previous
determinations ofk1 was analyzed.
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