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2 Near-IR kinetic spectroscopy (IR-KS) of the HO2 and 
C2H5O2 self and cross Reactions 

2.1 Introduction 

The chemistry of alkyl peroxy radicals (RO2), introduced in Chapter 1, is central 

to the oxidation of volatile organic compounds (VOCs) in the atmosphere. In the 

troposphere RO2 react primarily under two different regimes: high NOx and low NOx. 

Under the high NOx conditions of urban air RO2 chemistry contributes to regional air 

pollution problems by producing O3. In the unpolluted troposphere (NOx < ~20 pptv) the 

primary loss pathways for RO2 radicals are self reaction and cross reaction with HO2. 

These reactions lead to the production of organic hydroperoxides (ROOH), which are a 

temporary reservoir for HOx. The net effect is to slow down or eliminate the production 

of O3 from RO2 chemistry.1,2 

Ethane is one of the most abundant non methane hydrocarbons with a globally 

averaged annual concentration of ~ 1 ppb.3 The ethyl peroxy radical (C2H5O2) is formed 

in the atmosphere predominantly from the oxidation of ethane. 

 (2.1)  

In the remote troposphere the dominant loss process will be reaction with HO2, 

 (2.2) 

which leads to the formation of ethyl hydroperoxide (C2H5OOH). The concentrations of 

both C2H5O2 and HO2 also depend on their self reactions. 

 (2.3) 

  (2.3a) 
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      (2.3b) 

  (2.3c) 

 (2.4) 

 (2.5) 

Reaction (2.4) is a critical link because it leads to the generation of secondary HO2. This 

recycles radicals in the atmosphere, and complicates laboratory kinetics experiments. The 

competition between the self, (2.3) and (2.5), and cross (2.2) reactions means that a 

pseudo-first-order kinetics experiment is not possible when trying to measure the rate 

coefficient for reaction (2.2), k2, and that no analytic solution to the kinetics equations for 

the reaction exist.  

There have been a number of studies of the kinetics4-9 and products9-12 of reaction 

(2.2). All of the kinetics studies with the exception of Cattell et al.5 and Raventos-Duran 

et al.9 used UV absorption alone to monitor peroxy radicals. One problem with UV 

absorption is that all RO2 radicals have overlapping broad absorption features arising 

from a π→π* transition on the terminal oxygen atom. This overlap of the C2H5O2 and 

HO2 absorption bands increases the uncertainty of the derived rate coefficient(s). A 

second problem with UV absorption is that it is not a particularly sensitive method unless 

long path lengths are used (several meters). This limits the range of initial reaction ratios, 

[HO2]0 / [C2H5O2]0, that can be used to check for consistency in the kinetics model. A 

different complication that affected several of the previous temperature-dependent 

measurements is the use of CH3OH as a precursor for HO2.
6,7 It has been demonstrated in 

this lab and others that CH3OH acts as a chaperone, leading to larger apparent HO2 self 

reaction rate constants at low temperature.12,13  The large variation in the reported range 
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of AE

R
 (650-1250 K-1), is evidence of the difficulties encountered by previous 

temperature-dependent studies. The product studies on reaction (2.2) were done with 

FTIR and chemical ionization mass spectrometry (CIMS), and they showed that 

C2H5OOH is the major product. 

The self reaction kinetics of C2H5O2 were also measured by a number of 

groups,5,7,10,11,14-19 and separate product studies were completed to determine the 

branching ratios of the different channels.11,14,20-22 The difficulty with studying reaction 

(2.3) is that the alkoxy products in (2.3a) can go on to produce secondary HO2 by 

reaction (2.4). This secondary HO2 will enhance the apparent rate of reaction (2.3). It is 

possible to determine the actual rate constant for reaction (2.3) from the observed if the 

branching fraction to the alkoxy channel α is known.23 
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All of the previous kinetics experiments used UV absorption to measure k3obs and used α 

from end product studies to determine k3. The end product studies on reaction (2.3) are in 

fair agreement, but there has been no measurement of α below room temperature. There 

also has been no measurement of α by a direct observation of the nascent products. 

 This study aimed to overcome some of the difficulties in previous work by using 

two probes in different wavelength regions to characterize the above reactions. A near-

infrared (NIR) probe measured HO2 and an ultraviolet (UV) probe measured C2H5O2. 

Experiments were done either focusing on (2.2) or (2.3). The rate coefficient k2 was 
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measured during experiments on (2.2).  In the experiments focusing on reaction (2.3) UV 

detection of C2H5O2 allowed for the determination of k3obs similar to previous studies. In 

addition, the NIR measured the time profile of secondary HO2 from reactions (2.3)  and 

(2.4), allowing for real time determination of α and k3 for the first time. The 

measurements made of each reaction were then used together to develop a self consistent 

description of the self and cross reactions of C2H5O2 and HO2. 

2.2 Experimental 

2.2.1 Summary 

The experimental apparatus is discussed in Chapter 5, and has been given in full 

detail previously.24 Briefly, the IRKS apparatus consisted of a flash photolysis flow cell 

coupled with two optical probes for time-resolved HO2 and C2H5O2 detection. An 

excimer laser created a column of radicals down the length of the ~ 2 m flow cell. 

C2H5O2 was detected by UV absorption spectroscopy. The UV light from a deuterium 

lamp was coupled into the cell along the same path as the excimer but in a counter-

propagating direction. A monochromator was used to select the desired wavelength from 

the light exiting the cell.  HO2 was detected at the overtone of its OH stretching vibration 

using NIR wavelength modulation (WM) spectroscopy. The NIR light was also coupled 

lengthwise but was slightly off axis compared to the excimer and deuterium lamp. The 

NIR beam begins above and ends below the deuterium and excimer beams, but makes 30 

passes crossing through the photolysis region in a Herriott cell setup. Data acquisition 

was gated to the firing of the excimer, and data for both optical probes were recorded 

simultaneously. The data from both probes were then fit simultaneously to determine the 

desired kinetics parameters. 
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2.2.2 Apparatus and Detection Probes 

The radical chemistry took place in a 175 cm long, 5 cm diameter reaction cell.  

The intersection of the reactant gases with the excimer laser defined the photolysis 

volume, 2 cm x 1 cm x 138 (159) cm.  The gas flows were adjusted so that the residence 

time in the flow cell (typically 10–15 s) matched the interval between photolysis laser 

pulses. Photolysis of Cl2 by a XeCl excimer laser (308 nm, 110 ± 15 mJ/pulse)  led to the 

formation of HO2 and C2H5O2 by the reaction sequence, 

 (2.6) 

 (2.7) 

 (2.8) 

 (2.9) 

 (2.10) 

For the experiments on the C2H5O2 self reaction no CH3OH was used, but there is a small 

source of HO2 from the reaction that forms C2H5O2. 

 (2.11) 

The HO2 concentration resulting from reaction (2.11) is about 1% of the initial C2H5O2. 

This value is in good agreement with previous work by Kaiser et al., but is slightly higher 

than new measurements by Clifford et al.25-27 

The temperature in the cell was held to within ± 1 K of the stated temperatures. 

Methanol cooled by liquid nitrogen circulated through a jacket around the cell to obtain 

temperatures below 298 K.   Calibrated flows of reagent gases were cooled and mixed in 

a 1 m long tube before flowing into the middle of the reaction cell. The temperature 
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inside the cell was measured with a type T thermocouple (Omega).  A purge flow was 

used to protect the NIR Herriott mirrors from corrosion and contain the main flow to the 

temperature-controlled region. The mixing of the purge flow and reactant gases occurred 

throughout 10 cm on either side of the cell leading to a path length of 148 ± 10 cm. A 

complete discussion of the purge and reactant gas mixing is given in Chapter 5. 

Typical reagent gas concentrations were, in units of molecules cm-3:  Cl2 = (0.3-

1.5) × 1016, He = (3-15) × 1016, CH3OH = (0−2.5) × 1015, C2H6 = (0.5−30) × 1015, O2 = 

(5-20) × 1017, N2 = (0-1) × 1018.  The CH3OH was carried into the cell by N2 after it 

passed through the liquid CH3OH (J.T. Baker, PHOTOREX Reagent) in a bubbler held 

at 273 K. The experiments on the cross reaction (2.2) were performed in O2. The C2H5O2 

self reaction (2.3) measurements were primarily in O2 as well, but used N2 as a buffer 

when investigating the effect of varying O2 concentrations on α. All gas flows were 

monitored with mass flow meters (Hastings HFM-200 series) and controlled with needle 

valves. Sufficient concentrations of C2H6 and/or CH3OH were always used to insure 

stochiometric conversion of Cl to C2H5O2, HO2 or both. In the experiments on (2.2) flows 

were adjusted to investigate the kinetics over a wide range of initial radical 

concentrations, i.e., different values of the initial radical ratio: [HO2]0 / [C2H5O2]0. This 

ratio typically ranged from 0.1–4 while the total concentration of radicals remained 

constant at ~ 1 x 1014 molecules cm-3. For experiments on (2.3) the total radical 

concentration was varied, typically from 3.0 x 1013– 1.5 x 1014 molecules cm-3. At least 

six measurements were made spaced throughout the range of the initial radical ratio, or 

total radical concentration, at every temperature and pressure for (2.2) and (2.3), 

respectively. The pressures in the cell and the CH3OH bubbler were monitored by 



2-7 
 

 
 

capacitance manometers (MKS-220CA 1000 Torr), and were constant within ± 2 Torr of 

the stated pressures. Flow meters were calibrated by measuring the time required to flow 

through a calibrated volume over a range of flows suitable to each meter. The capacitance 

manometers were calibrated in reference to other factory calibrated capacitance 

manometers. 

Two optical probes were used to monitor the radical chemistry. The UV light 

source was a 150 W deuterium lamp (Hamammatsu L1314). The beam made a single 

pass through the cell counter-propagating with the excimer photolysis beam.  Baffles on 

either end of the reaction cell ensured that only light that had sampled the photolysis 

region entered the monochromator slit. The monochromator was set to 250.0 nm for 

detection of C2H5O2. The minimum detectable absorbance for C2H5O2 was ~ 2 x 10-5 Hz -

1/2 (~ 6 x 1012 molecules cm-3). The monochromator was calibrated by looking at the 

atomic emission lines from a Hg pen lamp. The NIR probe source was a 3 mW 

distributed-feedback (DFB) continuous-wave tunable diode laser manufactured in the 

JPL Microdevices Laboratory. The laser was tuned for HO2 at the qQ2 band head (6638.2 

cm-1) of the first overtone of the OH stretch.28  The NIR beam made 30 passes through 

the reaction cell using a Herriott cell setup with an estimated effective path length of 

2700 cm.  The laser was frequency modulated at 6.8 MHz by varying the drive current 

with an external RF generator.  The signal from the InGaAs photodiode detector (New 

Focus 1811) was demodulated at 13.6 MHz (2f detection) and subsequently amplified by 

a factor of 100. The minimum detectable absorbance for HO2 was ~ 2 x 10-7 Hz -1/2 (~ 1 x 

1011 molecules cm-3). 
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The detector signals for both optical probes were recorded simultaneously. The 

data acquisition was controlled by a Visual BASIC program. For reaction (2.2) the decay 

measurements typically began 1 ms before the excimer fired to establish a baseline for 

the signal, and continued for 20 ms at a sampling rate of 200 kS/s.  For reaction (2.3) the 

baseline was recorded for 10 ms before the excimer pulse and continued for 200 ms at a 

sampling rate of 20 kS/s to capture the slower decay. Both signals were low pass filtered 

at 100 kHz and 10 kHz, respectively (SRS-SR560). The data was digitized using a two 

channel 16 bit per channel A/D card with a maximum sampling rate of 2.5 MS/s (Gage-

CompuScope 1602).   Decay traces for the UV and the IR probes were obtained by 

averaging the signals over 50 excimer shots.  

2.2.3 Calibration of the NIR Probe 

The NIR probe was calibrated daily to measure HO2 because WM spectroscopy 

measures relative not absolute changes in concentration. The NIR probe was calibrated 

with the UV absorption probe by measuring the kinetics of the HO2 self-reaction (2.5). 

The two probe beams measure the same physical processes, albeit with different 

geometrical overlap, but should yield the same bimolecular kinetics at short time scales 

(~ 20 ms). At the beginning of each day data for reaction (2.5) were taken while only 

HO2 radicals were present. The UV monochromator was set to 220.0 nm to monitor HO2 

at the same as it was monitored by the NIR. The time decays of both probes were fit 

simultaneously with the kinetics modeling program FACSIMILE.29 The fits checked for 

consistency between the probes, and determined that day’s calibration factor for the NIR. 

The rate coefficient of the HO2 self reaction k5 used in the kinetic modeling of (2.2) and 

(2.3) was taken from these daily measurements as it was determined along with the value 
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of the calibration factor for the NIR. This calibration factor was very sensitive to optical 

alignment, but in general was consistent from day to day within ± 15%. The UV 

detection wavelength was then optimized for C2H5O2 detection to allow for the 

simultaneous independent detection of both radicals. 

2.2.4 Diffusion 

Diffusion was taken into account when modeling the data and comparing the two 

probes.  For reactions that were complete in < 20 ms diffusion had a minimal effect, but 

all data was treated the same way. Different volumes of the reaction cell were sampled by 

the UV and NIR probes, and this led to different observed behavior from diffusion. UV 

modeling included an explicit loss term, but The NIR had offsetting effects that were not 

factored into the kinetics model. The UV was co-aligned with the excimer laser down the 

middle of the flow cell. The radicals created down the middle of the cell diffused radially 

out of the UV beam given sufficient time. This type of diffusion was approximated as a 

unimolecular loss term in the kinetic fits. By varying the initial concentration of total 

radicals and determining the observed bimolecular rate constant, the contribution of 

diffusion to the observed rate constant was determined in the manner of Thiebaud et al.30 

The NIR was complicated by the geometry of the Herriott cell. The NIR beam passed in 

and out of the photolysis region because of its off axis alignment with respect to the 

radicals. Diffusion allowed parts of the beam originally outside the photolysis region to 

interact with radicals and extend the path length. However the concentration profile along 

that path length was not uniform. The different concentrations underwent reaction at 

different rates. At longer times, as more and more of the beam passed through smaller 

concentrations of the radical, the bimolecular reaction rate appeared to have slowed 
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down. This led to a small systematic residual in the IR signal. This effect on the overall 

error analysis will be discussed in the results and analysis section.  

2.3 Results and analysis 

2.3.1 Overview 

Reactions (2.2) and (2.3) were the primary focus of this work. In order to achieve 

the greatest sensitivity to k2 and k3 one type of experiment was performed in which both 

HO2 and C2H5O2 were created deliberately, and another type where only C2H5O2 was 

created deliberately. Both types of experiment were done using simultaneous NIR and 

UV probes of HO2 and C2H5O2, respectively. Perfect isolation of each reaction is not 

possible because they are connected by secondary chemistry, but one reaction or the other 

became the focus with the different experimental conditions. The rate coefficients k2 and 

k3 and the branching fraction α were measured in a self consistent manner. Correlation 

among the parameters was explored and accounted for throughout the data analysis. 

2.3.2 Methods and Error Analysis 

 All three of the major kinetics parameters determined in this study – k2, k3, and α 

– could not be well determined at the same time. Unphysical values for the parameters 

were returned when all three were varied at once. Therefore it was necessary to follow an 

iterative procedure for fitting the data. First the NIR was calibrated with data from (2.5) 

as described in the experimental section on NIR calibration. Data for (2.2) with [HO2]0 / 

[C2H5O2]0 > 1 (typically 3 different conditions) were then fit in order to approximate k2. 

Secondary chemistry from (2.3) does not interfere when HO2 is in excess because k2 is 

~50 times larger than k3, and almost all C2H5O2 will react with HO2.  The estimate for k2 

was then used in fits of the (2.3) data to give values for k3 and the branching fraction α. 
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The values for k3 and α were then used to fit the rest of the (2.2) data where [HO2]0 / 

[C2H5O2]0 < 1. Under these conditions the secondary chemistry of (2.3) has an effect on 

the values obtained for k2. A new value of k2 was obtained by averaging the values from 

all of the fits of (2.2) data. This value of k2 was then used in subsequent fits of data on 

reaction (2.3), and all of the values were refined iteratively. In practice two iterations 

were sufficient to achieve convergence. Table 2-1 presents the full chemical model used 

while fitting the reactions and what parameters were fit.  All fits were performed using 

the program FACSIMILE.29  

Data fitting started at 200 µs after the photolysis laser pulse for both reactions. 

The (2.2) data were typically fit to 5–10 ms. The data for the slower (2.3) were fit out to 

two half lives (50–200 ms) in order to account for the varying values of [C2H5O2]0. In all 

fits the radical source chemistry was neglected and the initial radical concentrations 

[HO2]0 and [C2H5O2]0, were fit as well. The initial radical concentrations from the fits 

were consistent with the ratios of [CH3OH] and [C2H6], the precursors of HO2 and 

C2H5O2, respectively. 
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Table 2-1. The chemical model used for fitting HO2 and C2H5O2 system of reactions 

Reaction k298
a  

2 2 5 2 2 5 2HO +C H O C H OOH+O→  5.5 x 10-12 k2
* 

2 5 2 2 5 2 2 5 2 2C H O +C H O 2C H O +O→  3.2 x 10-14 k3a
* 

2 5 3C H OH+CH CHO→  7.8 x 10-14 k3b
* 

2 5 2 2 2 3C H O +O HO +CH CHO→  1.0 x 10-14 k4
† 

M
2 2 2 2 2HO +HO H O +O→  1.7 x 10-12 k5

* 

2 5 2 2 5 2 5 3C H O +C H O C H OOH+CH CHO→  1.5 x 10-11 k12
* 

diffusion, UV
2 5 2C H O →  5 s-1 kD

* 

diffusion, UV
2HO →  5 s-1 kD 

‡ 

a units of cm3 molecules-1 s-1 except where explicitly written, * determined during this 
study, † ref 31, ‡ used C2H5O2 value 

Sample fits with residuals for both (2.2) and (2.3) are shown in Figure 2-1 A–D. 

In A and B are the data and fits for (2.2) at 273 K, 50 Torr, and [HO2]0 / [C2H5O2]0 =1.13 

in the NIR and UV, respectively. The high signal-to-noise ratio for the HO2 NIR signal 

reveals the subtle systematic residual attributed to diffusion and described in the 

calibration of the NIR probe portion of the experimental section. Panels C and D show 

the NIR and UV traces for reaction (2.3) taken at 273 K, 50 Torr, and 8.8 x1013 

molecules cm-3 total radicals. At the HO2 concentrations in C (~100 times lower than A) 

the diffusion effect is masked by the signal noise. For both (2.2) and (2.3) the fits agree 

well with the UV and NIR signals. 
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Figure 2-1. (A) Example fit of IR data for reaction (2.2).  (B) Example fit of UV data for 
reaction (2.2). The data were taken at 273 K, 50 Torr, [CH3OH] = 4 × 1015 molecules cm-3 and 
[C2H5O2]0 / [HO2]0 = 1.13. (C) Example fit of IR data for reaction (2.3). (D) Example fit of UV 
data for reaction (2.3). The data were taken at 273 K, 50 Torr, and [C2H5O2]0 = 8.8 x 1013 
molecules cm-3. 

By setting the monochromator to 250.0 nm, the ratio of C2H5O2 and HO2 cross 

sections was maximized at ~ 10:1 (C2H5O2: σ = 4.1 × 10-18 cm2; HO2: σ = 0.48 × 10-18 

cm2)31 within the operating range of the lamp. The peroxide products of (2.2) and (2.5), 

C2H5OOH and HOOH, respectively, also absorb at 250 nm. The absorption cross section 

for C2H5OOH has not been measured, but was assumed to be the same as that for 

CH3OOH. We make this assumption because the hydroperoxides all share a broad 

dissociative transition in the UV (210–365 nm) due to the breaking of the O-O bond.32 

While σ250 for HOOH and CH3OOH vary by a factor of 2, the values for CH3OOH and 

HOCH2OOH are virtually identical, suggesting that differences past the alpha atom will 



2-14 
 

 
 

not have a large influence on σ. The values used for HOOH and C2H5OOH at 250 nm are 

σ = 8.3 x 10-20 and σ  = 3.98 x 10-20 cm2, respectively.31 

The uncertainties stated in the following sections come from random error and 

systematic error. The random errors are accounted for in a straightforward way by 

determining the standard deviation from the mean. The mean was determined by 

averaging values of k2, k3, and α from runs at the same temperature and pressure but with 

different initial radical ratios or total radical concentrations, respectively. One potential 

source of systematic error was the uncertainty from the fitting procedure just described. 

In the initial fits to the data for (2.2) where [HO2]0/[C2H5O2]0 was high, the low signal-to-

noise ratio in the UV detection of C2H5O2 and the small systematic residual in the NIR 

detection of HO2, led to a range of acceptable fits and a range in the value for k2. The 

quality of the fits was determined by the overall residual sum of squares as well as by 

visual evidence of non-random residuals.  The high and low values for k2 were then 

propagated through the fitting routine in order to determine the effect of this uncertainty 

on the values of k3 and α. The values of k3 and α returned, but not the overall quality of 

the fits, relied on the value of k2 used to fit them. This meant a wide range of k2 values led 

to similarly high quality fits to the data from (2.3), but returned a proportionally wide 

variety in values for k3 and α. The uncertainty in the k2 fits and the correlating 

uncertainties in k3 and α were smaller than the random uncertainties but not negligible. 

Both sources of error were combined in quadrature. An example of these 1 σ error bars at 

two temperatures for k2 are shown in Figure 2-2, and show how the overall uncertainties 

get larger at [HO2]0/[C2H5O2]0 > 1 due to increased uncertainty in the fits. 
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Figure 2-2. Plot of k2 vs. [C2H5O2]0: [HO2] for T 221-296 K. Error bars are examples of data 
precision. 

The major source of systematic error was the uncertainty in the path length due to 

the mixing of the purge and reactant gas flows. The data was analyzed at the maximum 

and minimum lengths, i.e., 138 and 159 cm, to determine the error associated with this 

uncertainty. Upper and lower error bounds were determined by applying the random and 

fitting uncertainties just discussed to the analysis done at the long and short path length. 

The total error determined in this way was considered a 2σ error bar. The final errors are 

reported as half this at their 1σ limits. These are the error bars displayed with data 

presented in Figure 2-4, 2-5, and 2-6, and in Table 2-3 and  2-4. The uncertainties do not 

take into account the error associated with σ for HO2 and C2H5O2 in the UV. 
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Another potential contributor to the error from reaction (2.3) is the correlation 

between parameters k3 and α. Unlike the correlation between k2, k3, and α just described, 

k3 and α are impossible to determine independently in this experiment. Fortunately the 

quality of the fit to the data degrades rapidly if k3 or α is fixed away from their 

simultaneously fit values. This meant that the contribution to the overall error was much 

smaller than the random error and was not included. Figure 2-3 A–B compares fits that 

use the JPL-06 (α = 0.6), the data fit (α = 0.28), and an arbitrary lower value (α = 0.10) 

for α, and provides an example of how fits to the data do not capture the behavior 

observed when k3 and α are not fit simultaneously. The NIR HO2 data in A shows clearly 

that the JPL-06 value for α predicts larger concentrations of HO2 than are observed, and 

that the lower value predicts much lower concentrations. In B the fit to the UV data that 

largely determines k3 shows a much slower rate constant for the JPL-06 and a faster one 

for the lower α value. Figure 2-3 demonstrates that although k3 and α are correlated, 

pulling one away from its best fit value also pulls the other away from its best fit. 

 
Figure 2-3. (A) Example of NIR data for reaction (2.3) while holding α at three different 
values, and the effect it produces on the fit. (B) The corresponding UV data. 
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2.3.3 HO2 + C2H5O2 rate constant 

 Measurements of the rate coefficient k2 were performed over the temperature 

range 221–296 K and the pressure range 50–200 Torr. For each combination of 

temperature and pressure, the initial radical ratio ([HO2]0 / [C2H5O2]0) was varied over the 

range 0.1–3. The range of initial radical concentrations were as follows, in units of 

molecules cm-3: [HO2]0 = (0.1-1) × 1014 and [C2H5O2]0 = (0.3-1) × 1014.  Figure 2-2 

shows the values obtained for k2 vs. [HO2]0 / [C2H5O2]0 at each temperature at a pressure 

of 50 Torr. For clarity error bars have only been included for 295 K and 231 K. Figure 

2-4 shows a comparison of the current work to previous studies at temperatures < 298 K.  

 
Figure 2-4. Comparison of k2 with previous work. Error bars are 1σ. 

Table 2-2 lists the values of k2 measured in this study. The values of k2(298K) and  the 

Arrhenius parameters for all of the studies are given in Table 2-3. 
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Table 2-2. Measured rate constant values for HO2 + C2H5O2 

T (K) k2 / 10-12 (a) 

295 5.57 ± 0.36 

284 5.41 ± 0.36 

273 6.20 ± 0.59 

263 6.29 ± 0.54 

254 7.25 ± 0.52 

241 8.59 ± 0.74 

231 9.87 ± 1.06 

221 11.0 ± 1.08 

 (a) Units cm3 molecules-1 s-1 

 
 

Table 2-3. Summary of results for the HO2 + C2H5O2 reaction rate constant 

Ref. A/ 10-13 (a) Ea/R (K-1) k2(298K)/10-12 (a) 
5 NA NA 6.3 
6 5.6 ± 2.4 650 ± 125 5.2 
7 1.6 ± 0.4 1260 ± 130 10.4 
8 6.9 (+2.1, -1.6) 702 ± 69 8.3 
4 NA NA 8.14 
9 2.08 (+0.87, -0.62) 864 ± 79 3.97 

(b) 6.01 (+1.95, -1.47) 638 ± 73 5.6 

(a) Units molecules-1 cm3 (b) Current study 

An Arrhenius fit to our data gives, ( ) ( )+1.95 -13
2 -1.47

638 ± 73
= 6.01 x10 expk T

T
 
 
 

. The pressure 

dependence of k2 was studied over the range 50–200 Torr of N2 at 296 K and 231 K. No 

dependence on pressure was observed at either of these temperatures in agreement with 

previous measurements.5,6,8,9  
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2.3.4 C2H5O2 + C2H5O2 kinetics and branching fraction 

Three kinetics parameters were determined from the studies of (2.3): k3obs, k3, and 

α. Reaction (2.3) was investigated over the same temperature range as (2.2), 221–296 K.  

The total initial radical concentration was varied over the range 3.0 x 1013–1.5 x 1014
 

molecules cm-3. At the largest total radical concentrations O2 was varied to check for 

secondary chemistry other than the production of HO2. Using the UV data alone it is 

possible to determine k3obs which is related to k3 by equation (i). The value of k3obs 

measures the total loss of C2H5O2. It incorporates loss from both the self reaction and 

from reaction with secondary HO2. Combining the UV and NIR data allows for 

determination of k3 and α. Values for k3obs were measured over the pressure range 50–200 

Torr. Values for k3 and α could only be measured at 50 Torr because of decreased 

sensitivity due to pressure broadening in the WM detection of HO2. 

 It is difficult to directly compare the different values of k3obs from different studies 

because the value actually measured, k3obs/σλ is dependent on the wavelength used to 

make the determination and the spectrometer instrument lineshape function. In the 

present study to determine k3obs,  λ = 250 nm was used and σ250 was taken from the JPL-

06 recommendation.31 In order to compare with the present work, previous data sets were 

normalized to the value of σ recommended in the JPL-06 evaluation for the λ used in that 

experiment. Figure 2-5 compares the previous and present work on k3obs.  
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Figure 2-5. Comparison of k3obs with previous work. Error bars are 1 σ. 

 An Arrhenius fit to our data leads to the expression 

( ) ( )+0.23 -13
3 -0.19

58 ± 45
1.18 x10 exp( )obsk T

T
= . Table 2-4 presents our data for k3obs at all 

temperatures and pressures . We do not see a pressure dependence for k3obs in agreement 

with previous results, however there is a slightly anomalous decrease in k3obs at 200 Torr. 

Values for kd, the rate constant for the unimolecular disappearance due to diffusion were 

determined along with the values for k3obs. For C2H5O2, kd = 5 ± 1 s-1 and was invariant 

over the pressure range 50–200 Torr. Diffusion constants should be inversely 

proportional to pressure, so if rather than using the measured value we assume a linear 

dependence on pressure (i.e., if kd = 5 s-1 at 50 Torr then at 200 Torr kd = 1.25 s-1) and use 

that to fit the 200 Torr data we get values for k3obs that agree much better. These values 

are shown in parenthesis for the 200 Torr data in Table 2-4. While it can not be ruled out 
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that the lower pressure data are under-representing the diffusion effect, this seems 

unlikely because the fits to the 200 Torr data improve based on total residual sum of 

squares when using the lower kd values. Trying the opposite route, increasing kd for the 

50 Torr data linearly (i.e., 50 Torr kd = 20 s-1) from the fitted 200 Torr values, leads to 

unacceptable fits. 

Table 2-4. Results of C2H5O2 self reaction at all temperatures and pressures 

T (K) P (Torr)   k3obs / 10-13 (a)   k3 / 10-13 (a)   α 
295 50  1.42 ± 0.07  1.10 ± 0.09  0.32 ± 0.05 

284 50  1.46 ± 0.08  1.17 ± 0.07  0.27 ± 0.03 

273 50  1.49 ± 0.07  1.22 ± 0.05  0.23 ± 0.03 

263 50  1.44 ± 0.07  1.18 ± 0.06  0.23 ± 0.03 

254 50  1.45 ± 0.08  1.13 ± 0.06  0.30 ± 0.03 

241 50  1.55 ± 0.08  1.24 ± 0.07  0.28 ± 0.03 

231 50  1.66 ± 0.09  1.36 ± 0.11  0.25 ± 0.05 

221 50  1.44 ± 0.07  1.02 ± 0.07  0.43 ± 0.05 

        

295 200  1.20 ± 0.09 (1.55)     

231 200  1.23 ± 0.09 (1.62)     

        

298(b) all P   1.1   6.8   0.6 

 (a) Units cm3 molecule-1 s-1. (b) Values from 1 

The values for α are shown in Figure 2-6 along with the previous results from the 

end product studies. To our knowledge this is the first published investigation of the 

temperature dependence of α below room temperature. A weighted average of the 

measurements leads to the expression α = 0.28 ± 0.06. The larger error bars and scatter of 

the measured value reflect the sensitivity of α to correlation with the other parameters, 

but were not interpreted as any temperature dependence. 
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Figure 2-6. Comparison of α with previous work. Error bars are 1σ. 

For reaction (2.3) varying the [O2] provided a check on whether (2.4) was the 

only subsequent reaction of C2H5O. In our experiments where [O2] was varied no 

difference in k3obs was measured similar to the experiments of Cattell et al.5 However 

values for α did not remain consistent as [O2] varied, and the temporal profile of HO2 

from the IR data could not be fit as accurately. Inclusion of the chemistry suggested by 

Cattell et al., 

 (2.12) 

allowed for agreement across all [O2] values. Values for k12 were generally determined at 

the lowest [O2] values where (2.4) would be slowed. The rate coefficient k12 = (1.54 ± 

0.7) x 10-11 cm3 molecules-1 s-1 independent of temperature.  
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 Lastly it was possible to measure k3 directly. The Arrhenius expression derived 

from the data is, ( ) ( )+0.34 -13
3 -0.27

-23 ± 61
= 1.29 x10 expk T

T
 
 
 

. Table 2-4 shows the values 

measured for k3obs, k3, and α along with current recommendations for them. 

2.3.5 CH3OH Chaperone effect 

The methanol chaperone effect on (2.5) has previously been investigated in this 

laboratory and others.12,13 This effect enhances the observed rate of reaction at low 

temperatures through the following mechanism. 

 (2.13) 

 (2.14) 

 (2.15) 

Under the conditions of low [CH3OH] used in this experiment, the dependence of k5obs on 

[CH3OH] is that derived in the Christensen et al. paper,33 

 ( ) [ ]5 5 14 5 13 3- 2 CH OHobsk k k k K= +  (iii) 

In this experiment it was investigated whether the HO2•CH3OH complex might change 

the observed kinetics of (2.2). At 241 K, a set of experiments at [CH3OH] of 1 × 1015, 2.5 

× 1015 and 5 × 1015 molecules cm-3 were performed. No evidence for a methanol 

chaperone effect was observed on (2.2) at the conditions studied. We were unable to 

investigate this effect further at lower temperatures and/or higher [CH3OH] due to the 

large amount of complex that is formed under those conditions. When > ~10% of the 

HO2 exists in a complexed state the UV and NIR spectroscopy in this experiment are no 

longer observing the same simple bimolecular reaction.  This makes it difficult to 
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accurately calibrate the NIR probe signal. A comprehensive study including other 

temperatures below 298 K as well as looking at the effect of H2O would be valuable, but 

was outside the scope of the present work. 

2.4 Discussion 

The major strength of this experiment was the ability to monitor HO2 and C2H5O2 

using simultaneous but distinct optical probes in the NIR and UV, respectively.  A self 

consistent method was used for measuring the interrelated parameters k2, k3, and α. For 

the first time α was determined by measurement of the nascent radical product on the 

time scale of the reaction. 

There are a number of experimental concerns that need to be addressed when 

looking at the self and cross reactions of HO2 and C2H5O2, or any RO2 for that matter. In 

the cross reaction (2.2) it is important to investigate a wide range of initial radical ratios 

([HO2]0/[C2H5O2]0)  to test for consistency in the results. The simplest conditions to 

investigate (2.2) are where (2.3) is suppressed, i.e., at [HO2]0/[C2H5O2]0 > 1. This 

prevents interference due to secondary production of HO2 from (2.4), and leaves (2.5) as 

the only competing pathway to (2.2). Experiments done under the conditions of the more 

complicated case where [HO2]0/[C2H5O2]0 < 1, must carefully consider the secondary 

chemistry of (2.3) and (2.4). Under these conditions measurements of k2 also implicitly 

check the parameters used for (2.3) due to their influence on the observed rate coefficient.  

Figure 2-2 shows the wide range of initial radical ratios examined in the current study of 

(2.2), and the good agreement across these conditions. The initial radical ratio varied 

from ~ 0.1–4 at all temperatures. This range is considerably wider than employed in 

previous studies. As initial conditions shift to more C2H5O2 and the secondary chemistry 
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plays a larger role, the value of α used influences what value of k2 is determined by the 

model.   

 
Figure 2-7. Comparison of the fitted values for k2 using either the previous 
recommendation for α or the value measured in this study 

Figure 2-7 shows the dependence of k2 on [HO2]0/[C2H5O2]0 and α. The data 

shown are the same except that the value for α used in the model fits was fixed at either 

the literature value of 0.60, or the value measured by this experiment of 0.24. Prior to 

performing the current measurement of α we could not explain the trend observed of 

increasing k2 with decreasing [HO2]0/[C2H5O2]0. Our lower values for α led to a 

consistent value for k2. This made it clear that previously the model was trying to 

compensate for too much secondary HO2 by increasing the rate of loss of HO2 by (2.2). 

Table 2-5 (given at the end of the chapter) lists the initial radical ratios explored by the 

previous temperature-dependent studies of (2.2). Figure 2-7 shows that examining a wide 

range of initial radical ratios provided a useful check on the consistency of the results. 
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Another issue that is important to look at is the use of CH3OH as a precursor for 

HO2 in (2.2). CH3OH is a common precursor for HO2, but, as discussed in the results and 

analysis section, it is now known that CH3OH and HO2 form a hydrogen bonded complex 

at low temperatures that enhances the observed rate of the HO2 self reaction (2.5). 

Previous studies that used CH3OH as a precursor may have underestimated k5 because the 

chaperone effect was not accounted for. This may have led to an overestimate of k2 in 

order to fit the observed time decay of the HO2 signal, thus attributing the increased 

decay to reaction with C2H5O2 instead of the effect of CH3OH•HO2 on (2.5). In the 

section on comparison with previous work it will be noted when this could be a 

contributing factor. This experiment does not see a direct enhancement in the observed 

rate coefficient k2 due to the CH3OH•HO2 complex reacting with C2H5O2. Therefore it is 

only the chaperone effect on k5 that could cause problems. 

The last experimental issue pertains to the measurement of α. This experiment is 

able to make the first direct measurement on the time scale of the reaction. The other 

studies have all relied on ratios of stable end products minutes after the reaction, which 

are susceptible to unknown production mechanisms. 

2.4.1 Previous work: HO2 + C2H5O2 

Figure 2-4 displays the all of the previous work on reaction (2.2) at temperatures 

< 298 K. The present work is in closest agreement with Dagaut et al.6 As with all of the 

UV absorption studies, Dagaut et al. was not able to independently monitor both radicals, 

but had to rely on spectral deconvolution. The study also only looked at two 

temperautures below 298 K. Three other factors that may influence the agreement 

between the studies are: the initial radical ratio range explored, the use of CH3OH as an 
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HO2 precursor, and the UV cross section used. Dagaut et al. did explore a wide range of 

initial radical ratios, but they were using the larger value for α recommended by the end 

product studies. This may have biased their results to larger values although they did not 

report any discrepancy in k2 when changing initial radical ratio. They also used large 

values of CH3OH (1.1–5.5 x 1016 molecules/cm3) as an HO2 precursor without 

accounting for the CH3OH chaperone effect, leading to a potential overestimate of k2 at 

lower temperatures. Lastly, the UV cross sections used by Dagaut et al. were lower than 

those currently recommended and it is estimated that using the current recommendation 

would add ~20–30% to the values reported.2,8 It is possible that the competing errors may 

somewhat offset each other, leading to the agreement seen. 

Maricq et al.8 is another UV absorption study in reasonable agreement with our 

work. The study used fluorine chemistry as a precursor for its radicals so no correction 

for CH3OH is needed. There is good agreement for the value of AE

R
 across Dagaut et al., 

Maricq et al., and the current work. Some of the difference between the actual values in 

Maricq et al. and the present work can probably be attributed to larger k2 from larger α 

values used because the bulk of their experiment were carried out at [HO2]0/[C2H5O2]0 = 

0.67. However, the small excess of C2H5O2 under their conditions would account for at 

most 5–10% of the ~50% discrepancy. There are no other obvious reasons for the 

discrepancy between the experiments, but especially at low temperatures the agreement 

becomes better as the data sets agree within the stated uncertainties. 

Fenter et al.7 is the temperature dependent study that deviates from the rest. It was 

a UV absorption study similar to the Maricq et al. and Dagaut et al. work. The low 
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temperature data were limited to two points below 298 K, and the study also used large 

CH3OH concentrations (1.5–6 x 1016 molecules/cm3) without knowing about the 

chaperone effect. This effect would not be large enough to account for the discrepancy 

seen here.  As has been stated previously, there is no clear reason for the discrepancy 

between the Fenter et al. results and the rest.8 The Arrhenius parameters and k2(298K) of 

Fenter et al. stand out in Table 2-3. The results from the present study and Raventos-

Duran et al. suggest that there may have been systematic errors in the low temperature 

data of Fenter et al. 

The most recent investigation is the Raventos-Duran et al.9 work, which used the 

CIMS technique. This experiment was the only one not using UV absorption for radical 

detection, and was the first temperature-dependent study to independently monitor the 

HO2 and C2H5O2 concentrations. The agreement between the Raventos-Duran et al. work 

and the current study appears acceptable especially at low temperatures. Their AE

R
 value 

of 864 K-1 is slightly larger than the currently recommended value of 700 K-1. 

There have also been two room temperature studies by Cattell et al. and Boyd et 

al.4,5 The Cattell et al. study was the first to use diode laser IR spectroscopy to 

independently monitor HO2. They could not simultaneously measure HO2 and C2H5O2, as 

in the current study, but there is good agreement between our values. The Boyd et al. 

study used only UV absorption and is in better agreement with the Maricq et al. value at 

298K. 

Overall the present work is part of a convergence in the measurements of k2. The 

largest uncertainties remain in its 298 K value, but there is agreement in its temperature 

dependence and overlap among lower temperature data points within their uncertainties. 
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2.4.2 Previous work: C2H5O2 + C2H5O2: k3obs 

 All previous investigations of reaction (2.3) have either studied the kinetics or the 

branching fraction of the reaction, but unlike this experiment, never both simultaneously. 

Previous kinetics measurements obtained values for k3obs and then determined k3 using α 

determined from end product studies and the relationship in equation (i). Figure 2-5 is a 

comparison of results for k3obs. The results from this study are the largest reported values 

and are ~25% larger than the JPL-06 recommended value at 298 K. We report an AE

R
 = -

58 K by fitting an Arrhenius expression to the data. Of the previous studies, The Fenter et 

al.7 work ( AE

R
 = -60 K) and the Cattell et al.5 data ( AE

R
 ~ 0) are in the closest agreement 

with the present study. The Fauvet et al.17 ( AE

R
 = 128 K) and Wallington et al.19 ( AE

R
 = 

110 K) agree very well with each other and both observe the opposite trend of a steady 

decrease in rate constant with temperature. Anastasi et al.11 also observed a decreasing 

rate constant but with a much steeper decline than was observed in any other study.  

None of the other previous studies went quite as low in temperature as Bauer et al. so it is 

possible that they would not have observed the change in temperature dependence 

observed by Bauer et al., and there is some evidence for the beginning of a change at the 

lowest temperature of Wallington et al. and Fauvet et al. There are no clear experimental 

reasons for the discrepancies between the different studies. All the studies were done 

using UV absorption, and the data have been normalized as best possible for differences 

in σ as discussed in the results section. Table 2-6 (given at the end of the chapter) 

summarizes the experimental conditions of each study and the measured AE

R
. Agreement 



2-30 
 

 
 

between studies is not split down obvious lines of different experimental techniques, 

source chemistry, or pressure range. None of the previous studies saw any effect due to 

pressure. The overall spread in the data from the different studies would ideally be less, 

but is not unreasonable. However the temperature dependence of the reaction is still very 

uncertain and more work to determine it is needed.  

2.4.3 Previous work: C2H5O2 + C2H5O2: k3 and α 

This experiment is the first to measure k3 directly, and not rely on equation (i) in 

order to calculate it. Table 2-4 lists the values measured and compares then with the 

current recommendation.31 The measured values are nearly twice the currently 

recommended value. This increase is predominantly due to the difference in α as the 

relationship in equation (i) is a valid approximation for most conditions. The rest of the 

discrepancy is explained by the slightly larger values of k3obs discussed above. The 

current recommendation lists (2.3) as having no T dependence which is in agreement 

with the value from this work, AE

R
 = 23 ± 61.   

The current study is also the first “direct” study of α. Monitoring the HO2 from 

reaction (2.4) is not technically a direct measurement as it is one step removed from the 

actual C2H5O2 self reaction. However under most experimental conditions sufficient O2 

insured essentially complete conversion by reaction (2.4) and the possibility of (2.12) was 

accounted for. Every previous measurement of α was a continuous photolysis end 

product study which made measurements of the stable products on a timescale of 

minutes. Of the five previous studies on α we will focus on three.11,21,22 The other works 

by Kaiser et al.20 and Anastasi et al.14 were superseded by a new study from the same 
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group and never published in the peer reviewed literature, respectively, and so will not be 

mentioned further here. Figure 2-6 shows the wide gap between the current and previous 

measurements, this discrepancy is discussed below.  

The study by Anastasi et al.11 was a continuous photolysis experiment using 

azoethane ((C2H5)2N2/O2) initiation chemistry and irradiation by UV lamps. They used 

GC/MS detection of the products over the course of minutes and explored temperatures 

in the range 303–372 K. Total pressure was varied, but typically was ~500 Torr. Product 

ratios were related to the reaction rates by the expressions:21 

 [ ] [ ] ( )2 5 3C H OH / CH CHO 3b 3a 3bk / 2k + k=  (iv) 

 [ ] [ ]2 5 2 5 3 3C H OOH / C H OH 2 /a bk k=  (v) 

They also explored the effect different O2 concentrations had on the product ratios, and 

noticed an increase in C2H5OOH yield and decrease in C2H5OH yield as O2 is raised. 

This indicates that the products in reaction (2.12) may not only be the stable ones 

suggested, but instead may also have a channel producing C2H5OH and a diradical (e.g., 

CH3CHOO). Overall they did not observe steady product ratios over time and tried to 

rely on the initial rates of formation at high O2 to determine α. In the modeling of their 

data they also used quite different values for key rate coefficients which could have 

influenced their determination of the initial rates. The combination of these effects makes 

it difficult to compare their results to the current study, but does suggest that it’s possible 

that the different timescales of the end product study and the current study could display 

very different results. 

The first measurement of α was made by Niki et al.21 using a continuous 

photolysis FTIR experiment at room temperature and 700 Torr. Data were typically 
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recorded after 5,10, or 20 min periods of irradiation by UV lamps. Both azoethane and 

chlorine (Cl2/C2H6/O2) chemistries were used to generate the radicals. Similar product 

ratios for [C2H5OH]/[CH3CHO] were found for both chemistries and there was no change 

over time. A different ratio than those previously mentioned, the ratio of 

[C2H5OOH]/[CH3CHO] did appear to decrease with time, and this decrease was more 

evident when using the azoethane chemistry that required longer irradiation times. They 

interpreted the changing ratio as a heterogeneous loss of C2H5OOH. One possibility of 

chemistry that was overlooked in this study is the reaction of Cl with C2H5OH.34 

 (2.16) 

   (2.16a) 

   (2.16b) 

 (2.17) 

If this chemistry were occurring in the chlorine system then it could provide an 

explanation for how, over time, the yield of C2H5OH could be artificially reduced and 

that of CH3CHO increased to yield an apparently higher branching fraction in k3a. 

Simultaneous Cl reaction with CH3CHO at comparable rates as (2.16) would keep the 

ratio in equation (iv) stable,35,36 as observed in their data. However this chemistry would 

not explain the agreement seen between the two different initiation chemistries because 

this chemistry would not occur in azoethane mixture where no Cl is present.  

 The last study by Wallington et al.22 is very similar to the Niki et al. study, and is 

also a continuous photolysis FTIR study. It was a room temperature study at 700 Torr 

total pressure. Chlorine initiation chemistry was used and no change in the product ratios 

with time was observed. They note that they had the smallest surface/volume ratio of any 
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of the previous experiments, minimizing the effect of any surface reactions. The reactions 

of Cl with the products C2H5OH, CH3CHO, and C2H5OOH were modeled and corrections 

were made to the observed product ratios, but it does not appear that the full sequence of 

reactions (2.16) – (2.17) are included, allowing another route of production for CH3CHO. 

For both the Niki et al. and Wallington et al. studies there are no clear reasons for the 

discrepancy between the current results and theirs. 

 One hypothesis for the discrepancy between the end product studies and the 

current one is the pathway (2.3c) and then photolysis of the diethylperoxide C2H5O2C2H5. 

 (2.18) 

Of the three studies only Niki et al. saw any evidence for its formation. If the 

diethylperoxide formed and photolyzed on the timescale of seconds it would generate 

ethoxy radicals.  The ethoxy radicals would not be distinguishable from the fraction of 

the reaction that proceeded through pathway (2.3a) and would be lumped together during 

the end product studies. 

The lower value of α measured in this study is closer in value to α for the CH3O2 

self reaction, which ranges from 0.28–0.43.2 Agreement would not necessarily be 

expected because k3obs for CH3O2 is 3–4 times larger than for C2H5O2 indicating that 

different pathways may be preferred in each case.2 It is also interesting that a temperature 

dependence is not observed for α in this study. An experiment by Horie et al.37 on CH3O2 

suggest that there is a steep decrease in the k3a/k3b branching ratio with temperature down 

to 223 K. The overall temperature dependence of (2.3) is fairly flat in the studied 

temperature range, unlike the behavior seen in the CH3O2 self reaction rate coefficients, 

which may explain some of the observed difference between the two systems. Still α 
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could easily have a temperature dependence due to the different barriers for different 

product channels, while the overall rate coefficient temperature dependence would only 

be determined by the initial intermediate formation. Given the large deviation between α 

measured with our experiment and the value from the end product studies in the 

literature, validation of these results will be necessary. 

2.4.4 Mechanism 

The complete picture of reaction (2.2) has been developed by work done on both 

the mechanism and products of the reaction. A number of product studies using FTIR 

have determined that the product channel shown for reaction (2.2) is the only one 

available at room temperature.38-40 The Raventos-Duran et al.9 temperature-dependent 

CIMS study confirmed that C2H5OOH is the major product channel all the way down to 

195 K.9 Work by Elrod et al. on CH3O2 + HO2
41 detected a minor channel leading to the 

products HCHO + H2O + O2 that grew larger at lower temperature. The Raventos-Duran 

et al. work could not check for the analogous minor channel leading to CH3CHO + H2O + 

O2, and so this would be worth investigating. Recent theoretical works agree with the 

product studies about the dominant product channel,9,42,43 and are coming to a consensus 

on the likely mechanism for RO2 + HO2 reactions in general. The general mechanism 

involves the formation of both a hydrogen bonded intermediate on the triplet surface and 

a tetroxide intermediate on the singlet surface. Barriers to the transition state are too high 

on the singlet surface (when R is a straight chain alkyl group) despite the more stable 

nature of the tetroxide. The bulk of the reaction then proceeds through the hydrogen 

bonded structure on the triplet surface. The intermediate formation is indicative of the 

negative activation energy observed in the reaction’s Arrhenius dependence. The lack of 
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an observed pressured dependence on the reaction indicates that the intermediate 

formation is the rate limiting step and that it proceeds to products prior to a collision. The 

fact that collisional stabilization is not needed prior to reaction may explain the lack of an 

observed enhancement in the rate of reaction (2.2) in the presence of the HO2•CH3OH 

complex, as there is no benefit to having the CH3OH as a collision partner.  

Other HO2 hydrogen bonded complexes have shown a similar lack of rate 

enhancement when reacting with RO2. The HO2•H2O complex has been observed and its 

effect of increasing the observed rate of reaction (2.5) is well known.44-47 The large 

amounts of H2O vapor in the atmosphere make the reactions of HO2•H2O potentially very 

important. Recent work from English et al. showed that H2O did not enhance the 

observed rate of reaction between CH3O2 + HO2.
48 This work, along with the current 

study provides further confirmation of the likely mechanism for the RO2 + HO2 reactions. 

The mechanism of reaction (2.3) and the self reaction of RO2 in general needs 

more work. A recent paper by Dibble et al. nicely summarizes the current theory and its 

problems.49 The Russell mechanism for the production of the stable products through a 

cyclic tetroxide intermediate has been the accepted mechanism for all simple RO2 self 

reactions.50 However, the most rigorous theoretical study on the smallest system, the 

CH3O2 self reaction, did not find a transition state resembling the Russell mechanism 

pathway.51 This raises serious questions that need to be resolved given the long standing 

acceptance of the Russell mechanism. For reaction (2.3) specifically there has been only 

one computational attempt to determine the reaction pathway.52 This study shows a 

transition state below the energy of the reactants for all three reaction paths (R3a–c), but 

in light of the analysis in the Dibble paper may need a higher level of theory to capture 
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the behavior observed in experiments. Furthermore, given the uncertainty now in the 

measured value of α, understanding the actual reaction path to the various product 

channels will allow a prediction of α to compare with the experiments. Lastly, from the 

variation in rate constants between the CH3O2 and C2H5O2 self reactions (~4.5 x 10-13  

and ~1.5 x 10-13), it is clear that work on different examples of RO2 are needed to 

understand the mechanism of the self reaction and shed light on the variety of kinetics 

measured. 

2.5 Conclusion 

The kinetics of the C2H5O2 reaction system, including k2, k3obs, k3, and α, were 

measured using simultaneous independent detection of the C2H5O2 and HO2 radicals. 

WM NIR spectroscopy allowed for sensitive and specific detection of HO2 while UV 

absorption was used to predominantly monitor C2H5O2. The first direct measurements of 

k3 and α were made and their sensitivity to k2 was established. Self consistency 

established between all the measured parameters provided confidence in the 

measurements and helped determine the overall uncertainty in each. The experiments on 

the atmospherically important k2 added to the growing consensus on the mechanism and 

overall rate constant for this reaction with an Arrhenius expression 

( ) ( )+1.95 -13
2 -1.47

638 ± 73
= 6.01 x10 expk T

T
 
 
 

. Meanwhile the measurements of k3 and α 

provided strikingly different results than those obtained previously, 

( ) ( )+0.34 -13
3 -0.27

-23 ± 61
= 1.29 x10 expk T

T
 
 
 

 and α = 0.28 ± 0.06 independent of 

temperature. The difference in α is especially glaring given that its literature value is 
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frequently used as the branching fraction value for all RO2 self reactions with R ≠ CH3. It 

was also the first low temperature study of α. Both experimental and theoretical 

verification of k3 and α  are needed in order to better understand the self reactions of 

C2H5O2 and the self reactions of RO2 in general. 
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Table 2-5. Summary of experimental conditions for the determination of the HO2 + C2H5O2 reaction rate constant 

Ref Method(a)  Source Gases [CH3OH](b) Bath T(c) P(e) [EtO2]0:[HO2]0 λUV
(f) 

6 FP/UV Cl2/O2/C2H6/CH3OH 1.1–5.5 N2 248–380 
298 

100 
25–400  

0.22–6 250 

7 FP/UV Cl2/O2/C2H6/CH3OH 1.5–6 N2 248–460 760 0.5–2.0 220 
260 

8 LFP/UV F2/O2/C2H6/H2 -- N2 210–363 200 1.3 (0.6–2 at 243 
and 338 K) 

 

5 FP/UV/IR Cl2/O2/C2H6/CH3OH 0.06 N2 295 2.4 2 210 
260 

   4 LFP/UV H2O2/C2H6 -- air 298 760 0.1–0.25 210 
270 

   9 CIMS F2/O2/C2H6/H2/He(i) -- N2 195–298 75–200 <1  

(h) LFP/UV/IR Cl2/O2/C2H6/CH3OH 0.001–0.1 O2 221–296 100 0.3–10 250 

(a) FP: Flash photolysis, LFP: Laser flash photolysis, CIMS: Chemical ionization mass spectrometry, UV: UV absorption spectroscopy, IR:  near-
IR diode laser spectroscopy. (b) Units: × 1016 molecules cm-3. (c) Units: K. (e) Units: Torr. (f) Units: nm (h) Current study (i) microwave discharge 
creates radicals. 
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Table 2-6. Summary of previous experiments on C2H5O2 + C2H5O2 

ref technique source gas T (K)  P (Torr) λ(nm) 

σa/10-18 

usedb/recc
 Ea/R (K) 

10 FP/UV (CH3CH2)2N2/O2 298 625 230–250 (236) 3.9/4.4 - 

11 MM/UV (CH3CH2)2N2/O2 303–457 495 240 6.23/4.52 ? 

18 PR/UV H2/C2H4/O2 298 760 240 5.19/4.52 - 

5 MM/UV (CH3CH2)2N2/O2 266–347.5 27–760 260 3.4/3.24 0 

19 FP/UV Cl2/C2H6/O2 228–380 25–400 250 3.89/4.12 110±40 

16 MM/UV Cl2/C2H6/O2 218–333 760 250 4/4.12 147±30e 

7 FP/UV Cl2/C2H6/O2 248–260 760 220–260 (240) 4.89/4.52 -60±40 

17 MM/UV Cl2/C2H6/O2 253–363 200 240–250 (250) 4.04/4.12 128 

15 LFP/CRDS Cl2/C2H6/O2 295 5.5 270 2.14/2.14 - 

(d)  LFP/UV Cl2/C2H6/O2 221–295 50–200 250 4.12/4.12 -58±45 

FP: Flash photolysis, MM: Molecular modulation, PR: Pulse Radiolysis, LFP: Laser flash photolysis, UV: UV absorption, CRDS: Cavity ringdown 
spectroscopy, (a) units of cm-2, (b) value of σ used in the ref. to determine k3obs, (c) value of σ from JPL-0631 that was used to normalize k3obs, (d) 
Current study, (e) Over the T range 250–330, below 250 curvature is observed. 
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