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Abstract 

Cavity ring-down spectroscopy has been used to study the kinetics of formation of IO radicals in 

the reaction of CH2I + O2 in a flow cell at 52±3 Torr total pressure of N2 diluent and a 

temperature of 295 K.  CH2I was produced by photolysis of CH2I2 at 355 nm and IO probed on 

the A2Π3/2–X2Π3/2 (3,0) and (3,1) bands at 435.70 and 448.86 nm, respectively.  The rates of 

formation of IO(v″=0) and IO(v″=1) have been measured as a function of O2 number density 

using either conventional transient absorption or the simultaneous kinetic and ring-down (SKaR) 

technique, respectively.  IO(v″=1) was found to be formed with a significantly larger rate 

constant, but reached far smaller peak concentrations than IO(v″=0).  Kinetic modeling supports 

the conclusion that IO(v″=0) is produced both directly and through secondary chemistry, most 

probably involving the initial formation of the Criegee intermediate CH2OO and subsequent 

reaction with I atoms, while IO(v″=1) is produced exclusively via a direct mechanism.  We 

propose that the reaction mechanism (direct or indirect) depends upon the degree of initial 

excitation of the photolytically-produced CH2I reagent. 
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Introduction 

Organoiodides, emitted primarily from oceanic sources, are well established precursors to 

radical-initiated catalytic ozone depletion and to new particle formation in the troposphere.1–3  

Iodine atoms are formed primarily by photolysis and react promptly with ozone to form IO, 

resulting in an average ozone loss rate of 1.67–3.38 ppb per day.4  Concentrations of IO on the 

order of 108 cm–3  (approximately 100 times greater than average OH radical concentration) near 

coastal areas may also significantly affect the oxidative potential of the atmosphere, as evidenced 

for example by a rate constant for the oxidation of DMS that is competitive with that by OH 

radicals.5  Subsequent self-reaction of IO leads to higher order iodine oxides (IxOy) which have 

been linked to particle formation and aerosol growth.3 

Diiodomethane (CH2I2) is the largest organoiodide contributor to I atom flux in the marine 

boundary layer.  CH2I2 dissociates promptly after absorption in the near UV; the absorption 

spectrum extends as far as ~360 nm, approximately 80 nm further into the actinic region than the 

most abundant organoiodide, iodomethane (CH3I).  Consequently, the atmospheric lifetime of 

CH2I2 is calculated to be only a few minutes,6,7  while that of CH3I is several days. 

 CH2I2 + hν → CH2I + I ΔH = 56.4 kcal mol–1 (1) 

CH2I radicals can subsequently produce reactive iodine species either by secondary photolysis, 

or more probably, by reaction with O2.   

 CH2I + O2 → products  (2) 

Both CH2I2 and CH3I produce iodomethyl radicals in the atmosphere – the former by direct 

photolysis and the latter by reactions with OH or Cl.  While the relatively slow photolysis is the 

dominant loss process for CH3I, the abstraction reactions with OH (and to some extent Cl atoms) 
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to form iodomethyl radicals is not insignificant, accounting for 10–20% of the total removal.8  

Reaction (2) has been a subject of some interest, as it can regenerate reactive iodine species in 

the atmosphere.  More recently, it has been widely used as a source of stabilized Criegee 

intermediates in laboratory studies, in preference to the highly exothermic ozonolysis of 

unsaturated hydrocarbon species.  Reaction (2) can proceed via three pathways, which can lead 

to either reactive iodine species or stabilized peroxyiodomethyl radicals:  

 CH2I + O2 → HCHO + IO ΔH = –48 kcal mol–1 (2a) 

 CH2I + O2 → CH2OO + I ΔH = –1 kcal mol–1 (2b) 

 CH2I + O2 + M → CH2IO2 + M ΔH = –29 kcal mol–1 (2c) 

While most kinetics studies of reaction (2) have been carried out at or close to room temperature, 

the experimental conditions have been otherwise highly dissimilar, using different means of 

producing CH2I radicals and spanning a range of pressure conditions.  The detailed mechanism 

remains somewhat uncertain.  Photoionization mass spectrometry (PIMS) studies of the loss rate 

of CH2I by Masaki et al.9 and Eskola et al.10 at low pressure (<15 Torr) produced rate constants 

reaction (2) of k2 = (1.6±0.2)×10–12 cm3 s–1(95% confidence limit), and (1.37±0.32)×10–12, 

respectively.  All errors reported here represent 1σ uncertainty unless otherwise indicated.  In 

contrast to the analogous reaction of CH2Br with O2, for which falloff behavior was observed,10 

reaction (2) was found to display no pressure dependence.  Eskola et al. estimated the yield of I 

atoms to be near unity, while the yield of HCHO was estimated to be less than 0.33.10  There 

have been several kinetic studies monitoring the formation of IO as a product of reaction (2), but 

significant discrepancies exist between the measured rate constants.  Enami et al. used cavity 

ring-down spectroscopy to study the kinetics of IO formation after generating CH2I radicals by 

photolysis of CH2I2 at 266 nm.11  Transient absorption measurements of IO formation resulted in 
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a bimolecular rate constant of k2a = (4.0±0.4)×10–13 cm3 s–1 and an assumed IO yield of unity.  

The lack of pressure dependence of the IO yield and rate constant between 5–80 Torr led to the 

conclusion that IO was produced directly via reaction (2a).  A later cavity ring-down study by 

the same group used the hydrogen abstraction reaction between Cl + CH3I to produce CH2I 

radicals, with the aim of eliminating absorption of background I2 formed from the recombination 

reaction of photolytically generated I atoms.  These measurements resulted in a larger rate 

constant of k2 = (1.28±0.22)×10−12 cm3 s−1 (2σ uncertainty).  The yield of IO from reaction (2) 

was reported to be 0.17±0.12 at 760 Torr, but around a factor of three larger in the zero-pressure 

limit.12  Dillon et al. probed IO using laser-induced fluorescence and found an IO yield of < 0.12 

at a total pressure of ~15 Torr and found evidence that IO formation was a result of secondary 

chemistry.13 

Gravestock et al. used an array of techniques to examine reaction (2) over a range of 

experimental conditions and also concluded that IO was produced from secondary chemistry.14  

Their mechanism suggested that reaction between I atoms and the collisionally stabilized 

peroxyiodomethyl radical (CH2IO2) formed in reaction (2c) was the source of IO:  

 CH2IO2 + I → HCHO + IO + I ΔH = –19 kcal mol–1 (3) 

The rate of IO formation was found to depend linearly on both O2 and CH2I2 number density, 

despite pseudo-first order conditions in which the O2 number density was 17,000 times greater 

than that of CH2I.  This suggested an indirect formation mechanism involving the reaction of a 

“species X” with I atoms.  By directly monitoring IO absorption at 30 Torr total pressure under 

two different O2 number density regimes (<0.3% and 1–10% O2 in N2 balance), they found two 

different rates constants: (1.0±0.3)×10–13 and (2.2±1.8)×10–15 cm3 s–1, respectively.  Monitoring 

the rate of formation of IO as a function of CH2I2 number density at constant O2 produced a rate 
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constant of 3.8×10–11 cm3 s–1 which was attributed to reaction (3).  A rate constant of 2.6×10–14 

cm3 s–1 was estimated based on direct formation via reaction (2a) at atmospheric pressure, which 

was interpreted as evidence supporting the indirect mechanism due to the discrepancy with 

earlier measurements.  Further evidence supporting IO formation via secondary reactions was the 

identification of the absorption spectrum of “species X” at 275–425 nm to CH2IO2, following an 

earlier assignment by Sehested et al.15  In light of more recent work, however, it seems likely 

that the spectrum was in fact the B̃1A′–X̃1A′ transition of the carbonyl oxide biradical, or Criegee 

intermediate, CH2OO.16–18  No direct experimental evidence has been found for the CH2IO2 

radical in ionization studies.10,14 

Application of the CH2I + O2 reaction to the laboratory synthesis of CH2OO via reaction (2b) has 

prompted new interest in reaction (2).  In the atmosphere, ozonolysis of alkenes produce a stable 

carbonyl fragment and a highly internally excited Criegee intermediate fragment in a process that 

is exothermic by 48.8 kcal mol−1.  Criegee intermediates remained particularly elusive in the gas 

phase until Welz et al. demonstrated the use of VUV ionization mass spectrometry.19,20  In 

contrast to ozonolysis, reaction (2b) is only very mildly exothermic and results in stable and 

hence readily detectable Criegee intermediates.  This development has led to the direct 

spectroscopic detection of CIs in the ultraviolet, infrared, and microwave regions.17,18,21,22  

CH2OO is formed rapidly and branching for reaction (2b) appears to be significant, although 

reported yields vary.23–25  In light of the rapid formation of CH2OO, an alternative indirect 

reaction mechanism for the formation of IO is: 

 CH2OO + I → HCHO + IO ΔH = –47 kcal mol–1 (4) 

In a detailed study of the CH2I + O2 reaction, Ting et al. ascribed the formation of IO to reaction 

(4) at total pressures below 60 Torr and to reaction (3) at higher pressures where the collisional 
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stabilization of CH2IO2 is thought to be significant.25  An assumed pressure-independent rate 

constant of k4 = 9.0×10−12 cm3 s−1 was found to be necessary in the kinetic model to describe the 

IO formation rate, although this is almost 200 times larger than the rate predicted from ab initio 

calculations characterizing the transition state.26 

In this work, we report on the kinetics of IO formation in the reaction of photolytically-generated 

CH2I with O2 using cavity ring-down spectroscopy (CRDS).  IO radicals were probed on the 

A2Π3/2–X2Π3/2 transition and found to be formed in both v″=0 and v″=1.  IO(v″=1) appears to be 

formed via a direct mechanism, and the rate constant decreases with increasing total pressure.  

Interestingly, while the apparent rate constant for IO(v″=0) around five times smaller than that of 

IO(v″=1), the yields are approximately 0.10 and 0.01, respectively.  A kinetic model of the CH2I 

+ O2 reaction suggests that IO(v″=0) is formed via direct and sequential mechanisms involving 

secondary reactions.  The rate constant for vibrational relaxation of IO(v″=1) by N2 is also 

determined and found to be a negligible contributor to the formation of IO(v″=0).  The effect that 

the degree of internal excitation of the CH2I radicals produced in the photolysis of CH2I2 has on 

the detailed mechanism is discussed. 

Experimental 

The reaction between CH2I and O2 was studied in a small stainless steel flow cell.  CH2I radicals 

were generated by the photolysis of CH2I2 precursor and the resulting IO products were detected 

by cavity ring-down spectroscopy.  N2 (Praxair, THC free, 99.998%) is bubbled through the 

precursor CH2I2 (Sigma-Aldrich, 99%) and O2 (Praxair, THC free, 99.99%) is added to the flow 

before entering the reaction flow cell.  All gas flows were regulated by calibrated mass flow 

controllers (Alicat) to give a total volumetric flow rate of ~1.7 slpm.  The total pressure was 

monitored with a Baratron pressure transducer (MKS) and controlled by throttling the valve 
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connected to a rotary vane pump (Leybold Oerlikon D16B).  The ring-down mirrors that form 

the optical cavity along the long axis of the flow cell are purged with a small flow of N2 to 

prevent damage to the mirror coatings 

CH2I radicals were generated by the photolysis of CH2I2 using the third harmonic of an Nd:YAG 

laser (Continuum Surelite II) at 355 nm.  The unfocused photolysis laser beam was steered into 

the flow cell through a quartz window orthogonal to the probe axis, resulting in an interaction 

length of approximately 6 mm, the diameter of the photolysis beam.  The photolysis pulse energy 

is attenuated to achieve a fluence of approximately 57 mJ cm−2.  Using an absorption cross 

section for CH2I2 at 355 nm of 2.05×10–19 cm2, we estimate that ~2% of the CH2I2 molecules are 

dissociated giving an initial CH2I number density of  4±1×1014 cm–3.27  The IO products of the 

CH2I + O2 reaction are probed using cavity ring-down spectroscopy.  First introduced by 

O’Keefe and Deacon in 1988,28 CRDS has become a workhorse for trace-level gas phase linear 

absorption studies in recent years due to the high sensitivity and versatility of the technique.29  A 

5 ns pulse of light generated by Nd:YAG (Continuum Surelite III) pumped dye laser (Continuum 

ND6000, 0.08 cm−1 bandwidth) is coupled into the optical cavity comprising two highly 

reflective mirrors (CRD Optics, center λ = 440 nm, nominal R = 0.9996) separated by 37.5 cm.  

The dye laser was operated with Coumarin 440 dye and the pulse energy was attenuated to <20 

µJ pulse−1.  With each pass, a small fraction of each pulse is lost by transmission through the 

ring-down mirrors resulting in an exponential decay with a lifetime of ~3 µs.  The light 

transmitted through the rear mirror is collected with a PMT and is digitized by a high-resolution 

12-bit, 500 MHz digital oscilloscope.  Waveforms were transferred to a PC running LabView 

and fit to single exponential decays in real time.  A digital delay generator (Quantum 

Composers) is used to synchronize the photolysis and probe laser pulses. 
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Results 

Spectroscopic Detection of IO 

Absorption spectra of IO radicals were obtained by stepping the dye laser wavelength over 

known vibronic bands of the A2Π3/2–X2Π3/2 transition while simultaneously measuring the ring-

down time, τ.  The ring-down time is related to the absorption coefficient α by 

 𝛼 =
1

c
(
1

𝜏
−

1

𝜏0
) = 𝜎(𝜆)𝑛IO (E1) 

where c is the speed of light, 𝜏0 is the empty cavity ring-down-time, 𝜎(𝜆) is the wavelength-

dependent absorption cross section and 𝑛IO is the number density of IO.  A polynomial fit was 

used to model the empirical wavelength-dependence of 𝜏0 arising from variation in the mirror 

reflectivity.   

The spectroscopy of IO has been relatively well characterized.  The absorption spectrum of IO in 

the range 400–470 nm comprises a vibronic progression that converges beyond v′=6 into a broad, 

unstructured band.  Resolvable rotational structure is observable only in some A–X bands, as 

rapid predissociation of the A2Π3/2 state leads to significant line broadening that is strongly 

dependent on the vibrational level.30  In preliminary measurements, IO was detected on various 

A–X bands that fell within the range of wavelengths covered by near-optimum mirror 

reflectivity.  Figure 1 shows normalized cavity-ring down absorption spectra of the IO A–X(3,0) 

and (3,1) bands, which have origins at 435.70 nm and 448.86 nm, respectively.  Spectra were 

recorded by averaging 20−30 laser shots at each probe laser wavelength.  To confirm the identity 

of the absorber, the IO A–X(3,0) and (3,1) bands were simulated in PGOPHER31 using published 

spectroscopic constants.30,32  The spectral linewidth in the simulations was determined by 

homogeneous lifetime broadening resulting from the 6.6 ps lifetime of the v′=3 level of the 
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electronically excited state.  The A–X(3,1) band simulation contains a small contribution from 

high-J lines of the adjacent (2,0) band.   

The experimental spectra clearly demonstrate the formation of vibrationally excited IO radicals 

in the CH2I + O2 reaction under the conditions of these experiments.  We were unable to 

conclusively identify any transitions originating in higher vibrational levels of the ground state 

within the ~415−465 nm useful range of our ring-down mirrors.  The (3,2) band located at 

462.65 nm was not observed, likely due to its small Franck-Condon factor (3.88×10−3).  

Transitions to higher vibrational levels such as the (5,2) band at 444.19 nm lack resolvable 

rotational structure and would be difficult to discern, particularly if the population in v″=2 were 

small.  The peak absorption coefficient observed for the (3,0) band was larger than that for the 

(3,1) band, suggesting greater population in v″=0 than v″=1, although this depends upon the 

relative transition strengths and will be discussed later.  The time delays between the photolysis 

and probe laser pulses required to optimize the absorption coefficients on the (3,0) and (3,1) 

bands were very different, however.  Peak absorption was observed using delays of around 50 μs 

with the probe laser tuned to the (3,0) band head while around 6 μs was optimum for detection of 

the (3,1) band.  IO radicals in v″=0 and v″=1 appear therefore to be formed with very different 

rates. 

Kinetics of IO(v″=0) formation 

The time dependence of the number density of IO in its ground vibrational state was monitored 

with the probe laser tuned to the (3,0) band head, as indicated in Figure 1, while stepping the 

delay between the photolysis and probe lasers.  Kinetic profiles, recorded with total pressure 

maintained at 52±3 Torr, and fraction of O2 varied from 0.05−0.16, are shown in Figure 2.  The 

absorption coefficient, which is directly proportional to the IO(v″=0) number density, reaches a 
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maximum approximately 40–60 µs after the photolysis pulse.  The growth period is ~20 times 

longer than the ring-down time, hence time profiles were measured by stepping the time delay 

between the photolysis and probe laser pulses.  While this is likely to introduce some error at 

short delays, when the IO population is varying significantly over the ring-down time, the 

waveforms showed no significant non-exponential behavior.  The loss of IO is significantly 

slower under these experimental conditions but the ring-down time does return to τ0 on a 

timescale shorter than the 100 ms laser repetition period.  IO removal is likely dominated by the 

self-reaction: 

 IO + IO → products  (5) 

for which k5  = 9.9×10−11 cm3 s−1.33,34  The diffusion coefficient for IO in an N2 bath at 50 Torr 

and 295 K is 0.31 cm2 s–1 which corresponds to a diffusion distance of only 0.066 mm in 70 μs 

(or 2.5 mm in 100 ms as an upper limit), considerably smaller than the probe beam diameter of 

~6 mm.  It is unlikely that either diffusion out of the probe region or wall losses would 

significantly affect the kinetic measurements.  

Since the IO formation rate is ~30 times greater than the loss rate, reliable formation rates can be 

obtained by fitting only the rising edge of the time profile to a monotonic exponential rise to 

obtain a pseudo-first order rate constant, 𝑘′ = 𝑘2𝑎,0𝑛O2
:  

 𝑛IO(𝑡) = 𝑛IO,max{1 − exp(−𝑘′𝑡)} (E2) 

Each data point is associated with a standard error of 4–6% resulting from the average of 30 

ring-downs per time step.  The average values of k′ determined from five independent 

experiments are shown as a function of 𝑛O2
 in Figure 3 with vertical error bars representing the 

standard deviation between the repeat measurements, and horizontal error bars representing the 



 

12 

uncertainty in O2 number density arising from fluctuations in the total pressure. All uncertainties 

reported here represent 1σ. 

The IO(v″=0) formation rate, k′, increases only modestly with O2 number density, as shown in 

Figure 3.  A linear fit yields a bimolecular rate constant for production of IO(v″=0) via reaction 

(2a) of k2a,0 = (1.5±0.1)×10–13 cm3 s–1 (see Table 1) but does not pass through the origin, 

implying a measurable rate of IO formation even in the absence of O2.  This observation is 

interpreted as evidence that IO(v″=0) is not (or at least not exclusively) produced by a direct 

reaction mechanism and that the appearance of first order kinetics is misleading.  Gravestock et 

al. observed a similar trend in their pseudo-first order rate constants in the “high O2” regime, 

which would also lead to a non-zero intercept if extrapolated to 𝑛O2
= 0.14 

Kinetics of IO(v″=1) formation 

The formation of vibrationally excited IO is rapid in comparison to that of the ground state, 

typically reaching a maximum in ~6 µs.  The number density of IO(v″=1) consequently changes 

significantly within the duration of a ring-down event, which induces non-exponential behavior.  

Under these conditions, stepping the time-delay between the photolysis and probe laser is no 

longer a reliable means of measuring the reaction kinetics and the simultaneous kinetics and 

ring-down (SKaR) technique developed by Brown et al. has been implemented.35,36  The SKaR 

method enables one to separate the kinetics of the absorbing species from the temporal 

characteristics of the empty cavity for processes occurring on timescales shorter than or 

comparable to the ring-down time. The ring-down waveform for a case where the concentration 

of the absorber is not constant over the ring-down time is given by: 

 𝐼(𝑡) = 𝐼0exp(−
𝑡

𝜏0
− 𝑐𝜎∫ 𝑛IO(𝑡)𝑑𝑡

𝑡

0

) (E3) 
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All reactions have been carried out under pseudo-first order conditions (large excess of O2), and 

a monotonic exponential rise was assumed to model the time profile of 𝑛IO.  The kinetics of the 

absorber are represented by the ratio, 𝑅(𝑡), of the ring-down waveforms with and without 

absorbers present, 𝐼(𝑡)/𝐼0(𝑡).  The natural logarithm of the ratio is the SKaR profile that is fit to 

the experimental data and floating both k′ and α∞, where α∞ represents the maximum absorption 

by IO after the reaction has been completed: 

 ln 𝑅(𝑡) = −
𝑐𝛼∞
𝑘′

{𝑘′𝑡 − [1 − exp(−𝑘′𝑡)]} (E4) 

In order to improve the robustness of the fit, α∞ can be determined independently if need be and 

constrained in the two-parameter SKaR fit.  In the long-time limit, ln 𝑅(𝑡) reduces to the 

following expression, in which case α∞ can be extracted from the slope of a linear fit:  

 ln 𝑅(𝑡) = −
𝑐𝛼∞
𝑘′

(𝑘′𝑡 − 1) (E5) 

Experimentally, ring-down waveforms are recorded in the presence or absence of absorbers by 

alternating the relative time delay between the photolysis and probe laser pulse.  Firing the 

photolysis pulse 100 ns after the probe pulse (“photolysis on”) results in a ring-down waveform 

that contains the time-dependent absorption of IO(v″=1).  As such, the entire IO(v″=1) formation 

process could be captured within the 10 µs observation window provided by a ring-down time of 

~3 µs.  Delaying the photolysis pulse to fire 8 ms after the probe pulse (“photolysis off”) 

provides the empty-cavity ring-down profile.  Typically, 300 ring-down waveforms (150 

photolysis on and 150 photolysis off) were accumulated in order to generate each SKaR profile.   

Figure 4 shows SKaR profiles obtained after 355 nm photolysis of CH2I2 at a total pressure of 

52±3 Torr.  O2 fractions ranged from 0.02−0.15 with N2 balance.  The probe laser was tuned near 

to the IO A–X(3,1) band head, selected specifically to avoid nearby (2,0) absorption lines.  
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Absence of ground state absorption in the signal at this wavelength was qualitatively verified by 

monitoring the absorption while stepping the time delay between photolysis and probe pulses 

using the method discussed in the previous section. 

Fitting the SKaR profiles yields pseudo-first order rate constants for the formation of IO(v″=1) as 

a function of 𝑛O2
, and the average reaction rates determined from at least five repeated 

experiments are shown in Figure 3 alongside the IO(v″=0) data.  The rate of formation of 

vibrationally excited IO radicals also increases linearly with O2 number density.  In the case of 

IO(v″=1), however, the bimolecular rate constant was determined to be k2a,1 = (9±1)×10−13 cm3 

s−1, a factor of six larger than k2a,0 (see Table 1)  We tested that these results are not simply an 

artifact of the SKaR method by making conventional transient absorption measurements and 

found rate constants that agreed within their mutual uncertainties.   

As an aside, we also used the SKaR method to measure the first 10μs of transient absorption by 

IO(v″=0).  Equation E5, which includes only first order formation, was unable to fit the data and 

we were unable to extract any meaningful rates.  This is likely due to the two distinct 

mechanisms involved in the formation of IO(v″=0), that are discussed more fully below. 

Although not a major aim of this work, the IO(v″=1) loss rate has been measured as a function of 

total pressure from 50–150 Torr using conventional transient absorption and stepping the time 

delay between the photolysis and probe laser pulses.  The total pressure was varied by increasing 

𝑛N2
, while holding the number densities of all other reactants constant.  We assume that 

IO(v″=1) is lost by the bimolecular self-reaction and vibrational relaxation.  The vibrational 

relaxation rate constant, 𝑘v,1→0, was determined by fitting IO(v″=1) transient absorption traces, 

omitting the rapid rising edge, to the following expression: 
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 𝑛IO(𝑡) =
𝑘v,1→0
′ 𝑛IO,0

𝑘v,1→0
′ exp(𝑘v,1→0

′ 𝑡) − 2𝑘5𝑛IO,0 + 2𝑘5𝑛IO,0 exp(𝑘v,1→0
′ 𝑡)

+ 𝑦 (E6) 

where k5 is fixed at 9.9×10–11 cm3 s–1, 𝑘v,1→0
′  is the pseudo-first order loss rate due to vibrational 

relaxation, and y accounts for any baseline offset.34  IO(v″=1) was typically removed within 800 

μs.  A rate constant for IO(v″=1) vibrational relaxation of kv,1→0 = (1.6±0.4)×10–15 cm3 s–1 was 

obtained from the slope a linear plot of kv,1→0′ as a function of 𝑛N2
.  This rate constant is in 

agreement with the rate constant of kv,1→0 = (1.9±0.4)×10–15 cm3 s–1 estimated by Gómez-Martin 

et al.37  A zero-𝑛N2
-limited rate of (3.9±0.9)×103 s–1 was determined from the y-intercept of the 

linear fit, which is interpreted as the rate of vibrational relaxation by O2 and residual CH2I2.  The 

overall rate of vibrational relaxation is an order of magnitude slower than the apparent rate of 

IO(v″=0) formation, indicating that the vibrational ground state products are not a result of 

population cascading down from higher vibrational levels. 

Pressure-dependence of IO formation rates 

The results of a limited study of the dependence of the rates of formation of IO(v″=0) and 

IO(v″=1) on total pressure are shown in Figure 5.  Measurements of the IO(v″=0) and IO(v″=1) 

formation rates were made using conventional transient absorption and SKaR methods as 

described previously. The total pressure was changed by varying 𝑛N2
 and holding all other 

reactant number densities constant.  The data shown in Figure 5 were determined from 

experiments that used 𝑛O2
 = 5.4×1016 cm–3 and 3.4×1017 cm–3, when probing v″=0 and 1, 

respectively.  While k2a,0 is independent of total pressure over this range, k2a,1 is strongly pressure 

dependent and decreases as the pressure is increased. 
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IO(v″=1) and IO(v″=0) yields 

The maximum observed absorption coefficients for the (3,0) and (3,1) bands following 355 nm 

photolysis at 52±3 Torr and 20% O2 are 2.16×10–5 cm–1 and 2.66×10–6 cm–1 at ~60 μs and ~6 μs 

after photolysis, respectively.  Since loss rates of both vibrational levels are significantly slower 

than the formation rate, the peak absorption coefficients should be good approximations of the 

total populations formed in each vibrational level.  However, the relative transition strengths of 

the A–X(3,0) and (3,1) bands are not well known.  Previous measurements of the IO A–X 

absorption spectra that include hot bands have used the I + O3 or O(3P) + I2 reactions to form 

IO.37–39  The IO vibrational population distribution resulting from these reactions is not clearly 

defined, leading to large variability in the experimental absorption cross sections for the (3,1) 

band.  Most recent estimates of absorption cross sections for the (3,1) band have assumed that it 

is diffuse, which is in disagreement with the high resolution studies in this work.37  The 

experimentally determined absorption coefficients are weighted by their Franck-Condon factors 

in lieu of using absorption cross sections from the literature to compare the relative populations 

in v″=0 and 1.   

Calculations to predict Franck-Condon factors for the IO A–X transition were carried out in 

LEVEL8 using potential curves derived using the Rydberg-Klein-Rees (RKR) method.40,41  

Dunham coefficients for IO in the A2Π3/2 and X
2Π3/2 states were taken from Miller et al. and 

Newman et al.30,42  Transition probabilities are directly proportional to the squares of the Franck-

Condon factors, |⟨𝜓𝑣′,𝐽′|𝜓𝑣″,𝐽″⟩|
2
, assuming the electronic transition dipole moment is constant.  

The calculated Franck-Condon factors (shown in Figure 6) are in fairly good agreement with 

those calculated previously by Rao et al.43 using potentials defined by older spectroscopic 

constants; the calculated transition frequencies are generally within 1 cm−1 of those measured 



 

17 

experimentally.30  The FCFs for the (3,0) and (3,1) bands are calculated to be 0.0958 and 0.1087, 

respectively, indicating that the transition probability is ~29% larger for the (3,1) band.  Using a 

value of 3.24×10–17 cm2 for the absorption cross section of the (3,0) band head at 435.72 nm 

from Spietz et al. (0.07 nm resolution),38 we estimate a peak IO(v″=0) number density of 

approximately 4.2×1013 cm–3, and consequently a yield of 0.10.  After correcting for the slightly 

higher sensitivity for IO(v″=1), we estimate a peak number density of 4.0×1012 cm–3 and yield of 

only 0.01.  The factor of ten greater yield of the vibrational ground state is surprising given that 

the apparent rate constant for formation of the IO(v″=0) is a factor of six smaller than that for 

IO(v″=1) and implies that an additional mechanism rapidly damps the buildup of IO(v″=1).  The 

pressure dependence of s2a,1 indicates that this is a collisional process.  The small overall yield of 

IO in the reaction of CH2I + O2 observed in this work is consistent with previous measurements 

of large yields of I atoms from reaction (2b).10,24  Measurements that probed IO directly have 

also found a relatively small overall yield.12,13  

Discussion 

The kinetics and mechanism of the reaction between CH2I and O2 has been the subject of some 

debate in the literature.  Direct measurements of the total loss of CH2I result in consistent 

measurements of k2 in the range 1.4–1.6×10–12 cm3 s–1 and provide good upper limits for the 

individual rate constants associated with the various product pathways of reaction (2).9,10  

Measurements of the IO(v″=0) formation rate constant, however, have resulted in a broad range 

of rate constants for reaction (2a).  Indeed, whether this mechanism proceeds via a direct11,12 or 

indirect14,25 mechanism is obscured by conflicting evidence. 

Existing rate constants for the formation of IO(v″=0) from the reaction of CH2I + O2, including 

both direct and indirect formation models, range from 3.8×10–11 to 2.6×10–14 cm3 s–1.  The 
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apparent rate constant reported here, k2a,0 = 1.5±0.1×10−13 cm3 s−1, falls within the scope of 

values previously reported in the literature.  However, the non-zero intercept observed in the 

linear fit of the IO(v″=0) formation rate as a function of 𝑛O2
 shown in Figure 3 indicates that 

IO(v″=0) is not, or at least not exclusively, formed directly via reaction (2a); it reflects the 

phenomenological dependence of the rate on 𝑛O2
 rather than a real bimolecular rate constant.   

The temporal behavior of IO(v″=0) has been modeled numerically using a kinetic scheme that is 

similar to that proposed by Ting et al.25  In the interests of simplicity, we choose to omit the 

CH2IO2 radical [formed in reaction (2c)] from the model.  If CH2IOO is formed at all under our 

experimental conditions, the yield is likely to be small and the subsequent chemistry relies 

heavily on estimated rate constants.25  From an operational perspective, inclusion of CH2IOO in 

the model was found to have a negligible effect on the IO temporal profiles.  The reactions 

included in the simplest possible kinetic model are outlined below.   

 CH2I2 + hν → CH2I + I  (1) 

 CH2I + O2 → HCHO + IO(v″=0) k2a,0 = β0k2
 (2a) 

 CH2I + O2 → CH2OO + I k2b = (1 – β0)k2
 (2b) 

 CH2OO + I → HCHO + IO(v″=0) k4 (4) 

 IO + IO → products k5
 (5) 

 I + I + M→ I2 + M k6
 (6) 

 CH2OO + CH2OO → HCHO + HCHO + O2 k7
 (7) 

CH2I radicals are initially formed by photolysis and can react with O2 either via reaction (2a) to 

form IO(v″=0) directly, controlled by the branching fraction β0, or via reaction (2b) to form the 
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Criegee intermediate.  We assume k2 = 1.4×10-12 cm3 s–1 following the experimental 

measurements of Eskola et al.10  In addition to reaction (2a), IO(v″=0) radicals are formed by the 

secondary reaction between CH2OO and I atoms, reaction (3).  The rate constant for reaction (4) 

has not been measured directly, although Ting et al.25 assumed a value of k4 = 9×10–12 cm3 s–1, 

significantly larger than the predicted value of k4 = 5.5×10–13 cm3 s–1, which was based on ab 

initio calculations.26  Self-reactions (5), (6) and (7) act as irreversible sinks for IO, I and CH2OO 

respectively and are modelled using rate constants of 9.9×10–11 cm3 s–1,33,34 1×10–32 cm6 s–2,44 

and 8×10–11 cm3 s–1.25  All rate constants used in the model are summarized in Table 2. 

Early-time IO profiles derived from this kinetic model are shown in Figure 7 alongside typical 

experimental data measured with O2 fractions of 0.05, 0.10, and 0.15 of the total pressure.  In 

Scheme I, the direct formation pathway is turned off by setting β0 = 0, making sequential 

formation via reactions (2b) and (3) the sole source of IO(v″=0).  This significantly 

underestimates the rate of IO(v″=0) formation and results in a profile shape that is qualitatively 

different from the experiment.  Adjusting the estimated value of k3 failed to improve the 

agreement with the experimental results.  The direct formation pathway was turned on in Scheme 

II by adjusting the value of β0; a value of β0 = 0.08 was found to be optimal and qualitatively 

describes the very early time behavior, although obvious discrepancies still exist.  The best 

agreement with the experimental data was found for Scheme II′ for which β0 = 0.12 was assumed 

and the rate constant for reaction (4) was increased to k4= 1.8×10-11 cm3 s–1, a factor of two 

greater than the estimate of Ting et al.25  The larger branching fraction required in this kinetic 

model implies that the bimolecular rate constant for direct production of IO(v″=0) is k2a,0 = 

(1.7±0.2)×10–13 cm3 s–1, which agrees with the phenomenological rate constant obtained from the 

data shown in Figure 2.  The residual k2b = (1.23±0.15)×10–12 cm3 s–1 is also consistent with 
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previous direct measurements of the CH2OO formation rate constant.20,25 

In marked contrast to IO(v″=0), the kinetic data for formation of IO(v″=1), are consistent with 

direct formation by a bimolecular process involving O2.  The rate constant k2a,1 = (9±1)×10–13 

cm3 s–1 is 5.3 times greater than the value of k2a,0 inferred from modeling the reaction kinetics.  

The IO(v″=1) time profiles also peak at earlier times, consistent with the absence of the 

sequential formation mechanism involving reaction (4) that is important for formation of 

IO(v″=0).  

The mechanism of formation for IO(v″=1) via reaction (2) has not been included in the kinetic 

model for several reasons.  If production of IO(v″=1) is included as an additional pathway of 

reaction (2), the measured rate constant k2a,1 would imply a branching fraction of β1 = 0.64.  The 

rate constant for CH2OO production via reaction (2b) would be given by  

𝑘2b = (1 − 𝛽0 − 𝛽1)𝑘2 

A branching fraction of β=0.76 for production of IO in both v″=0 and 1 results in a value of k2b 

that is significantly smaller than that determined by previous direct measurements of the Criegee 

intermediate formation rate (approximately 1.4–1.8×10–12 cm3 s–1).9,10,17,25  Furthermore, this 

model would suggest that the reaction should produce significantly more IO radicals in v″=1 than 

in v″=0, in marked contrast to the experimentally observed peak absorption coefficients.  

Even after allowing for the sequential mechanism, which accounts for around 65% of the total 

IO(v″=0) population (shown in Figure 7), there remains a strong propensity for production of 

IO(v′′=0).  The possibility that the rapid formation of IO(v″=1) is damped by an even faster loss 

process can also be discounted as under typical experimental conditions the loss rates for IO in 

v″=0 and v″=1 are broadly similar, and largely determined by the self-reaction.  We are forced to 
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conclude that the reaction mechanisms that form IO(v″=0) and IO(v″=1) are decoupled, aside 

from vibrational relaxation induced by collisions with the bath gases which is sufficiently slow to 

have a negligible influence on the IO(v″=0) formation rate. 

The apparent contradiction of small IO(v″=1) yield coupled to a much larger formation rate 

constant k2a,1 can be qualitatively resolved by consideration of the internal energy distribution of 

the reactant CH2I.  Photolysis of CH2I2 produces highly internally excited CH2I* radicals; at a 

photolysis wavelength of 355 nm, the average internal energy of the CH2I fragment is 〈𝐸int〉 = 

21.7±3.0 kcal mol−1.45  One possible explanation for our experimental observation is that the 

highly internally excited CH2I* radicals produced by photolysis react with O2 to produce 

vibrationally excited IO radicals directly.  If this is the case, the small yield of IO(v″=1) is 

controlled by the reaction being effectively quenched by collisional relaxation of CH2I* reagent, 

consistent with the pressure-dependence of k2a,1  Loss of the CH2I* radical population, through 

reaction or collisional relaxation, effectively switches off the production of IO(v″=1), preventing 

the population increasing beyond that in v″=0.  Once the CH2I radicals are collisionally relaxed 

the reaction may proceed to form only IO(v″=0), either directly via reaction (2a) or sequentially 

via reactions (2b) and (4).  There is, however, no a priori reason to expect the reaction of CH2I* 

with O2 to produce exclusively IO(v″=1).  An alternative explanation, and one that is preferred, is 

that CH2I* radicals are largely responsible for the direct reaction (2a), forming IO(v″=0,1) and 

HCHO; once relaxed, reaction (2b) dominates and forms exclusively IO(v″=0) via the sequential 

mechanism involving reaction (4).  The very different time delays at which the maximum 

absorption coefficients are observed are consistent with the sequential mechanism producing no 

IO(v″=1).  A CH2I* reactant pool, that is collisionally relaxed to CH2I, has not been included in 

the kinetic model described earlier, because there are no reported measurements for relaxation of 
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CH2I* by N2 or O2, which are the major components of the gas mixture.  Rates of collisional 

relaxation of CH2I* by CH2I2 have been found to be rapid,46 while Ar is a significantly less 

efficient quencher.47  Nonetheless, a rate constant within the observed range predicts a lifetime 

for CH2I* on the order of a few μs, which is consistent with the rise time observed for IO(v″=1) 

products.  Most likely, the addition of this product channel to the kinetic model would require a 

modest reduction in the value of β0 to restore agreement with the experimental data.  The current 

model, however, already requires several estimated rate constants and it seems unlikely that 

much new insight would be gained by inclusion of additional estimated parameters to allow for 

collisional relaxation of CH2I*.  More fundamentally, the rate constants and branching between 

various pathways may depend more subtly on the internal energy distribution of the CH2I 

reactant. 

The effect of “hot” molecules reacting prior to collisional thermalization on product branching 

has been suggested previously in studies of the OH + acetylene reaction.48  While this is unlikely 

to have a profound effect on reaction (2) under atmospheric conditions, the mechanism of CH2I 

radical production could have significant impact on laboratory studies of the CH2I + O2 reaction.  

Photolysis wavelengths of 266 nm (Nd:YAG 4th harmonic) or 248 nm (KrF excimer laser) have 

been used by other groups to photodissociate the CH2I2 precursor.  At these wavelengths, the 

nascent CH2I internal energy distributions are bimodal, resulting from the formation of both 

ground and spin-orbit excited iodine atoms, and centered around energies of 46.5 and 26.1 kcal 

mol–1 (266 nm) and 53.9 and 33.7 kcal mol–1 (248 nm).  The details of the initial CH2I* internal 

energy distribution could have a particularly important consequence for studies performed under 

conditions where reaction rates are competitive with relaxation rates; it may not be safe to 

assume that reactant species are completely thermalized prior to reacting.   
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Experiments are currently underway to characterize the photolysis energy dependence of the 

formation kinetics of IO in v″=0 and 1, and to treat the relaxation of CH2I* using detailed master 

equation modeling. 

Conclusion 

The kinetics of the production of IO in the reaction of CH2I with O2 has been studied using time-

resolved cavity ring-down spectroscopy following 355 nm photolysis of CH2I2.  We conclude 

that IO(v″=0) is produced primarily from secondary chemistry but also through a minor direct 

channel that contributes at early times.  IO(v″=1) is formed exclusively directly with a rate 

constant that is over five times larger than that for IO(v″=0), yet the maximum vibrationally 

excited population is significantly smaller than that of the ground state.  It is proposed that the 

direct production of IO radicals requires the reaction to involve CH2I with some degree of 

internal excitation; as collisions and reactions remove the internally excited CH2I* population, 

the direct reaction is quenched and the slower sequential mechanism continues to result in 

predominantly IO(v″=0).   
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Figures 

 

Figure 1.  CRD spectra of the A–X (3,0) [left] and (3,1) [right] bands of IO.  Experimental 

spectra are shown in black and the accompanying simulations are shown in red and offset for 

clarity. 
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Figure 2.  Kinetic profiles for IO(v″=0) monitored with the probe laser wavelength tuned to the 

A2Π3/2–X2Π3/2 (3,0) band head at a total pressure of 52 Torr and a range of O2 fractions. 
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Figure 3.  Pseudo-first order kinetic plots of rates measured from transient absorption 

experiments for IO (v′′=0) and SKaR experiments for IO (v″=1) as a function of O2 number 

density.  Error bars represent 1σ uncertainties. 
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Figure 4.  Sample SKaR profiles for IO(v″=1) monitored at the A2Π3/2–X2Π3/2 (3,1) band head at 

a total pressure of 52 Torr and a range of O2 fractions. 
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Figure 5.  Pressure dependence of the bimolecular rate constants k2a for formation of IO(v″=1) 

and IO(v″=0) determined from SKaR and conventional transient absorption spectroscopy, 

respectively. 
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Figure 6.  Franck-Condon factors for A−X(v′,v″) bands. 
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Figure 7.  Experimental (circles) and modelled IO time profiles (lines) at a) 0.06 O2 fraction,  b) 

0.10 O2 fraction, and c) 0.15 O2  fraction.  Scheme I (green) includes only sequential, indirect 

formation of IO i.e. the branching fraction β0 =0.  Scheme II (blue) includes a direct pathway 

with β0 = 0.08.  Scheme II′ (black) uses β0 = 0.12 and k4 = 1.8×10–11 cm3 s–1. Contributions to the 

total IO signal from indirect formation (dashed gray) and a direct channel (solid gray) under 

Scheme II′ are also shown.  
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Tables 

Table 1.  IO formation and vibrational relaxation rate constants determined in this work. 

Reaction Rate constant k / 10–13 cm3 s–1 

CH2I + O2 → HCHO + IO(v″=0)† k2a,0 1.5±0.1 

CH2I + O2 → HCHO + IO(v″=0) k2a,0 = β0k2 1.7±0.2 

CH2I + O2 → HCHO + IO(v″=1) k2a,1 9±1 

IO(v″=1) + N2 → IO(v″=0) + N2 kv,1→0 (1.6±0.4)×10–2 

 

Table 2: Summary of rate constants used in the kinetic model. 

Reaction k / cm3 s–1 Reference 

2 1.4×10-12 Eskola et al.10 

4 9×10–12‡ Ting et al.25 

5 9.9×10–11 Harwood et al.,34 Bloss et al.33 

6 1.9×10–14§ Russell and Simons44 

7 8×10–11 Ting et al.25 

 

                                                 
† Value determined from linear dependence of apparent first order rate on 𝑛O2

. 
‡ This value is doubled to 1.8×10–11 cm3 s–1 in Scheme II′. 
§ Assuming 𝑛M = 1.7×1018 cm–3; third order rate constant is 1×1032 cm6 s–1. 




