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This thesis is focused on exploring different variables that affect the kinetics of the reactions between 

CH2OO and several carbonyls. By using flash photolysis transient absorption spectroscopy and 

complementary ab-initio calculations, the bimolecular rate constants and thermochemical 

parameters such as activation energies and the enthalpic barriers for the reactions are discussed.  

We initially measured bimolecular rate constants for the reactions of CH2OO with acetone (Ac), the 

α-diketones biacetyl (BiAc) and acetylpropionyl (AcPr), and the β-diketones acetylacetone (AcAc) 

and 3,3,-dimethyl-2,4-pentanedione (dMAcAc) at 295 K. The bimolecular rate constant for the CH2OO 

+ acetone reaction was measured to be (4.1±0.4)×10–13 cm3 s–1, which is consistent with previous 

measurements from other groups. The reactions of CH2OO with AcAc was found to be almost twice 

as fast as the reaction with dMAcAc, with rate constants of (6.6±0.7)×10–13 cm3 s–1 and (3.5±0.8)×10–

13 cm3 s–1, respectively. The α-diketones, BiAc and AcPr, reacted significantly faster with rate 

constants of (1.45±0.18)×10–11 cm3 s–1 and (1.29±0.15)×10–11 cm3 s–1. The increased reactivity of the 

α-diketones was rationalized using concepts from frontier molecular orbital (FMO) theory, where an 
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inverse relationship between the log of the rate constant and the difference in energy between the 

interacting orbitals of the CI and carbonyl was found. 

With an improved experimental setup and a new glass-jacketed flow cell, we were able to measure 

the temperature dependence of the reactions between CH2OO and Ac, BiAc, and AcAc. In the range of 

275–335 K, the reactions of the ketones with CH2OO had different sensitivities to temperature in the 

following order with listed activation energies: AcAc < BiAc < Ac (Ea /R values of –1830±170 K, –

1260±170 K, and –460±180 K, respectively). The different functionalities of the enolone structure of 

AcAc was also investigated computationally to reveal the cycloaddition reaction at the carbonyl 

(C=O) and alkene (C=C) site were competitive with nearly identical free energies of activation. The 

negative temperature dependence for the reaction of Ac and BiAc with CH2OO suggests that the 

Criegee intermediate could be a viable atmospheric sink for some carbonyls at night under cold 

conditions. 

The temperature-dependent kinetics of the reactions between CH2OO and the hydroxyketones, 

hydroxyacetone (AcOH) and 4-hydroxy-2-butanone (4H2B). The temperature-dependent 

bimolecular rate constants were reported: kAcOH(T) = (4.3±1.7)×10–15exp[(1630±120)/T] and 

k4H2B(T) = (3.5±2.6)×10–15exp[(1700±200)/T]. The bifunctionality of the hydroxyketones were 

explored computationally, and the 1,2-addition reaction at the OH site was found to have a negligible 

contribution to the rate constants. The relative reactivity of the hydroxyketones was understood 

using the FMO theory approach, where the hydroxyalkyl substituents were found to be neither 

electron donating groups (EDG) or electron withdrawing groups (EWG). The CH2OO + hydroxyketone 

reactions are likely too slow to be of significance in the atmosphere, except at very low temperatures. 

The final chapter discusses ongoing work that is focused on developing structure activity 

relationships (SARs) based on calculated orbital energies that are involved in the cycloaddition 

reactions between CIs and their reacting partners. For the reaction between CH2OO and a test set of 
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carbonyls, a SAR was based on the carbonyl 𝜋𝜋* orbital energies which are involved in the dominant 

orbital interaction with the npc-po orbital on CH2OO. The following equation was developed from the 

SAR to predict the rate constants for the reaction of COCl2 and CO(CN)2 with CH2OO at room 

temperature, ln𝑘𝑘 = (−1.53 ± 0.14)𝐸𝐸π∗ − (29.91 ± 0.29). The effect of the substituents on the CI was 

then investigated by plotting experimental rate constants for the reaction between CIs and SO2 as a 

function of the npc-po orbital energies of the CIs. A second SAR was developed, and equation was used 

to predict the rate constants of the reactions of ClCHOO and CH3OCHOO with SO2 at room 

temperature: ln𝑘𝑘 = (1.66 ± 0.51)𝐸𝐸𝑛𝑛𝑝𝑝𝑝𝑝−𝑝𝑝𝑝𝑝 − (12.03 ± 3.39).
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1 Introduction 

1.1 Atmospheric Ozone 

Ozone (O3) is a highly reactive gas that is known to be produced naturally and anthropogenically.1 

There are two distinct mechanisms that ozone is generated, each of which correspond to the 

troposphere and stratosphere separately. The chemistry that is involved with each type is 

significantly different in the corresponding regions. The stratosphere is between ~10–50 km in 

altitude with temperatures ranging from ~210–270 K. The troposphere (≤ 10–15 km) is the lowest 

layer of the atmosphere, which contains most of the mass of the planetary atmosphere.2 With a larger 

temperature range (~215–300 K) and several different chemical and physical processes occurring 

on the Earth’s surface, tropospheric chemistry not only has an impact on biological life but also the 

chemistry that occurs in the other atmospheric strata. 

Stratospheric ozone is produced naturally when molecular oxygen (O2) is photolytically dissociated 

by UV radiation (200–240 nm).3 The excited oxygen atoms then react with O2 to produce ozone, 

which is an important source for OH in the atmosphere.1 More notably, ozone has a critical role in 

functioning as an effective screen for UV radiation. Ozone absorbs high frequency UV light in the 

stratosphere, preventing diseases such as skin cancer by keeping ~95% of UVB (280–315 nm) from 

reaching the surface.4 Ozone in the stratosphere is best known for its absence, when the stratospheric 

ozone hole was noticed to form over Antarctica. The use and emissions of chlorofluorocarbons 

(CFC’s), prior to the Montreal Protocol, were acknowledged to be the source of heterogeneous 

chemistry with polar stratospheric clouds. In what had taken countless millennia to form, human life 

caused the partial destruction of stratospheric ozone in less than a century.5 

Tropospheric ozone is known to be mainly produced from the photolysis of nitrogen dioxide (NO2). 

NO2 absorbs in the 300–600 nm range, which overlaps with the solar actinic spectral region. NO2 
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photolysis produces NO radicals, which can react with HO2 to produce tropospheric ozone. 

Tropospheric ozone reacts readily with unsaturated hydrocarbons in the atmosphere, which are a 

type of volatile organic compounds (VOCs). VOCs such as isoprene and α-pinene are emitted from 

plants, which make up ~90% of global VOC emissions.1 VOCs primarily react with OH radical or O3 to 

produce a variety of oxygenated organic molecules. More highly oxygenated organics are less volatile, 

which leads to secondary organic aerosol (SOA) formation.6 The formation of SOAs from chemical 

processes such as ozonolysis has a large impact on the oxidative capacity of the atmosphere, which 

significantly affects radiative forcing and air quality.7–9 SOAs are found in particulate matter (PM2.5) 

which is linked to adverse human health effects, such as cardiovascular and respiratory diseases.10,11  

1.2 Alkene Ozonolysis 

Ozonolysis is the overall reaction between ozone and alkenes, which ultimately leads to the breaking 

of the olefinic C=C bond. The Criegee mechanism for ozonolysis is outlined in Scheme 1.1, where the 

oxidation of isoprene is used as an example. A [3+2] cycloaddition reaction initially occurs when 

ozone adds across the alkene to form a 1,2,3-trioxolane intermediate species or a primary ozonide 

(POZ). The initial cycloaddition between ozone and isoprene is slow (~1×10–17 cm3s–1), and the 

reaction is highly exothermic.12 The chemically activated POZ is unstable, which leads to a very rapid 

decomposition.13 One of the peroxy O−O bonds is cleaved simultaneously with the C−C bond to 

produce a carbonyl compound and a carbonyl oxide, which is better known as a Criegee intermediate 

 

Scheme 1.1 Cycloaddition mechanism associated to the ozonolysis of alkenes, where a 

Criegee intermediate (CI) and carbonyl compound are produced before forming the 

secondary ozonide (SOZ). 
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(CI).14,15 The CI and carbonyl can further react to form a 1,2,4-trioxolane exothermically, which is also 

known as a secondary ozonide (SOZ). The mechanism was originally proposed by Rudolph Criegee 

in 1975, which was based on condensed phase chemistry.14 The formation of the SOZ was to proceed 

after the POZ decomposition because it was assumed the reactants would be in close proximity to 

each other due to solvent effects.16 In the gas phase the recombination of the POZ decomposition 

products is only one of several processes that is known to take place. A large amount of vibrational 

energy is initially stored in the CI, which enables further unimolecular decay. CIs can only undergo 

bimolecular reactions with trace atmospheric gases after collisional stabilization in ambient air.17 

The chemical fate of different CIs and the mechanisms associated will be discussed in later sections. 

Isoprene is the most abundant unsaturated hydrocarbon in the atmosphere,1 and ozonolysis 

consumes ~10% of isoprene globally.18 Isoprene-derived CIs are formaldehyde oxide (CH2OO), syn- 

and anti- methylvinylketone oxide (MVKO), and syn-methacrolein oxide (MACRO).19–21 CH2OO is the 

most abundant CI, having significantly higher yield in isoprene ozonolysis than the 4-carbon CIs 

(MVKO and MACRO). The overall branching of isoprene ozonolysis favors 58% of CH2OO, MACRO and 

MVKO are produced less at 19% and 23% respectively.19,22 Due to instability in the POZ, exothermic 

decomposition results in stored vibrational and rotational energy in CIs,23 which gives rise to 

unimolecular decomposition for larger CIs.13 CH2OO is known to have a longer lifetime, which allows 

it to react with atmospheric gases.  

CIs have not been detected in the atmosphere because of their short lifetimes, although Mauldin et 

al. claims to have detected them indirectly.24 Low steady-state concentrations result from slow 

formation and rapid loss due to reaction with gases and unimolecular decomposition. Low 

concentrations of ~2.0×106 cm–3 of CH2OO have been estimated from modelling studies, which would 

make detection in the troposphere not feasible.25,26 CIs were initially proposed to contribute to SO2 

oxidation or the removal of certain VOCs, but Vereecken et al. suggests that stabilized CIs exist in 
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concentrations that are too low in the troposphere to have an atmospheric impact (≤1×105 cm–3).27 

Such processes could only be affected in equatorial, urban, and biomass burning regions. Initially the 

types of studies that could infer the existence and behavior of CIs involved monitoring the products 

of alkene ozonolysis reactions with techniques such as infrared and microwave spectroscopy.16,28–31 

These types of studies are useful in exploring processes such as collisional stabilization and 

unimolecular decomposition of CIs. Reports help in understanding how CI yields are affected in 

ozonolysis.32 Understanding CIs through alkene ozonolysis can also be problematic, as there are 

several major obstacles that interfere with the interpretation and analysis of CIs. When alkene 

ozonolysis experiments are conducted in the presence of O2 the balance of reactants and conversion 

of alkenes is significantly larger than the amount of generated ozone. Furthermore, the amount of 

unidentified products and decomposition of intermediates that lead to numerous stable molecules 

and radicals can lead to ambiguous mechanistic evaluations.33,34 Horie and Moortgat considered 

ozonolysis experiments to be substantially difficult because CIs thermally decompose before 

stabilization can occur, they said it “was the source of all problems which studies on the gas-phase 

ozonolysis must suffer”.35 

1.3 Laboratory Production and Detection 

Sander reviewed the isolation and characterization of stable CIs in solution in 1990,36 but direct 

detection in the gas phase eluded researchers for a further 20 years. The first direct detection of 

CH2OO was motivated by Asatryan and Bozzelli who showed the chlorine assisted oxidation of 

dimethylsulfoxide (DMSO) could lead to the formation of CH2OO.37 Taatjes et al. quickly responded 

by using photoionization mass spectrometry (PIMS) with tunable vacuum ultraviolet synchrotron 

radiation to probe and identify CH2OO through DMSO oxidation, however concentrations were still 

too low for kinetics experiments.38 An alternative method was reported by Eskola et al., who studies 

of the temperature dependent kinetics of the reaction between halo methyl radicals and oxygen 
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(CH2X + O2), inadvertently supplied a much more efficient route to producing CH2OO 

photochemically.39 Subsequently Welz et al. were able to use this approach to generate CH2OO in 

sufficiently high concentrations to report the first bimolecular kinetics of CH2OO in the presence of 

nitric oxide (NO), nitrogen dioxide (NO2), and sulfur dioxide (SO2).40 As shown in Table 1.1, similar 

photochemical approaches involving the photolysis of gem-dihaloalkane precursors in the presence 

of excess O2 have been used to generate a large number of different types of CIs. While diiodoalkanes 

were the most common, more exotic CIs have been synthesized with an approach originally shown 

by Sander, which is based on matrix-assisted photolysis of substituted diazomethanes to produce a 

carbene in the presence of oxygen.41,42 This thesis will mainly focus on the kinetics of the simplest CI, 

CH2OO, larger CIs that are atmospherically relevant will be briefly discussed, such as acetaldehyde 

oxide (CH3CHOO), acetone oxide ((CH3)2COO), MVKO, and MACRO. 

1.3.1 Electronic Structure 

  The electronic structure of CH2OO is shown in Scheme 1.1: a zwitterionic carbonyl oxide that is 

isoelectronic with ozone. Although Rudolph Criegee originally postulated CIs as zwitterionic species 

in liquid phase synthesis, he mentioned CIs could be biradical in the gas phase.14,43 There was an 

initial debate in the literature on the structure and electronic properties of CIs. With ab initio results 

combined with thermochemical data, Wadt and Goddard initially suggested that CIs are singlet 

biradicals because the zwitterionic state is too energetic to be populated (3.5 eV above the ground 

state).44 Cremer et al. discussed CIs as a superposition of both zwitterionic and biradical character in 

the gas phase, whereas solvent and substituent effects could stabilize the zwitterionic state in the 

condensed phase. Sander reviewed early theoretical and experimental methods that disputed the 

electronic structure of CIs, agreeing with Cremer that substituents such as methyl groups can 

stabilize the zwitterionic state of CIs as 𝜋𝜋-donors.36 Higher levels of theory such as CASSCF and 

CASPT2 allowed Aplincourt et al. to computationally explore the lowest singlet electronic states 
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above the X(1A′) ground state of CH2OO and the B(1A′) [π*←π] transition was predicted to have the 

strongest oscillator strength. The ground state was seen to have substantial 𝜋𝜋-character and a planar 

geometry.45 With similar approaches, multiple groups calculated the geometries, electronic 

configurations, as well as the vertical and adiabatic excitation energies for low lying electronic states 

of CH2OO.46,47 Along with confirming that the ground state is a planar zwitterionic structure, they 

concluded that the first triplet excited state is purely biradical, associated with a shorter angle of the 

COO component and an elongated O−O bond.  

 

 

Common Name Formula Precursor 

formaldehyde oxide CH2OO CH2I2  

  CH2SOCH3 

acetaldehyde oxide (CH3)CHOO CH3CHI2 

acetone oxide a (CH3)2COO (CH3)2CI2  

propionaldehyde oxide CH3CH2CHOO CH3CH2CHI2 

methylvinylketone oxide CH2=CHC(CH3)OO ICH2CHCICH3 

methacrolein oxide CH2=C(CH3)CHOO ICH2C(CH3)CHI  

choroformaldehyde oxide ClCHOO ClCHI2 

dibenzophenone oxide Ph2COO Ph2C=N2 

trifluoroacetaldehyde oxide CF3CHOO CF3CH=N2  

a.) For some CIs like acetone oxide, the precursors in subsequent studies have 

different halogens attached, such as chlorine.52,63 

Table 1.1 Several different CIs produced in the presence of oxygen, with their corresponding 

photolytic precursors.  
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1.3.2 Electronic spectroscopy (UV-Vis) 

  The first spectroscopic detection of CH2OO involved the B(1A′) [π*←π] electronic transition 

mentioned previously. Shown in Figure 1.1 are the absolute absorption cross sections of CH2OO. The 

strong UV-Vis absorption band of CH2OO was first experimentally identified by Beames et al. using 

an action spectroscopy approach.48 An accurate quantification of the absorption spectrum is difficult 

with this method, so it does not reflect an accurate spectrum. Various other groups have used 

different types of absorption spectroscopy to measure the spectra shown in Figure 1.1. The cross 

sections from Sheps and Beames are significantly larger than the other absorption measurements. 

The structure on the red side of the spectrum was attributed to the vibrational progression of the 

B(1A′) state, which is associated to the [π*←π] transition.49 Ting et al. used transient absorption 

spectroscopy (TAS) to measure the absolute absorption cross-section that peaks at ~340 nm (~1 

×10―17 cm2), which is the recommended cross section in the Jet Propulsion Laboratory (JPL) 

Figure 1.1 UV-Vis absorption spectra of CH2OO. Sheps (red) and Beames (black) were scaled 

to the spectrum of Ting et al. (blue). The more recently measured spectra by Foreman and 

Mir are shown in grey and green respectively. 
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evaluation. The reported cross section values shown in Figure 1.1 are in good agreement on the 

longer wavelength side of the spectrum, but there are discrepancies at lower wavelengths.50,51  

The same vibronic structure on the red side of the spectrum was observed but there was some 

discrepancy on the short wavelength side.52 With modest levels of theory, the absorption cross 

section of CH2OO was reproduced by Sršeň et al. with a newly formulated composite approach, which 

had an excellent match to the experimental work in the spectrum. Foreman et al. postulated the 

vibronic structure to be attributed to the OO stretch and COO bend due to Franck-Condon 

arguments.50 Ting et al. later argued that the nuclear motions with respect to the C-H bonds (CH2 

wag/twist) were responsible for the characteristic structure for the long-wavelength side of the UV 

spectrum by tying an isotope effect to the shifted peak positions in the corresponding spectrum of 

CD2OO.53 A recent review by Karsili et al. compares the vibronic structure of the CH2OO to the 

Chappuis bands in UV spectrum of ozone as well as larger aromatic CIs such as benzoquinone-oxide. 

They show the peak separations that support the oscillating characteristic of the spectrum to be due 

to excited state OO stretch and COO bending motions.54  

The absolute UV absorption spectra for several different CIs are shown in Figure 1.2. The UV spectra 

of methyl and ethyl substituted CIs such as CH3CHOO, (CH3)2COO, and propionaldehyde oxide have 

also been measured. They were found to have a blue-shifted spectrum relative to CH2OO, which is 

most likely due to the intramolecular interaction between the α-hydrogen and the terminal oxygen 

of the CIs.55,56 Unsaturated isoprene-derived CIs that such as MACRO and MVKO have been studied 

more recently. Vansco et al. experimentally investigated the UV-Vis spectrum of MVKO with an 

induced depletion method of the VUV photoionization signal.57 With supporting computational 

results, they found the strong [π*←π] transition to be more distinctive than previously measured 

CH2OO due to delocalized electron density across the CI. Conjugation across the molecule for MACRO 

and MVKO allows for an absorption spectrum at longer wavelengths.54,58,59  
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1.3.3 Rovibrational Spectroscopy (IR) 

Rovibrational (IR) spectroscopy provides information about molecular vibrations for species-

specific identification via the characteristic modes found in CIs. This technique is also useful because 

it allows the ability to distinguish between different conformers. A substantial amount of research 

has been done by Lee and coworkers with the use of transient infrared absorption spectroscopy to 

study CIs as well as the associated formation and decomposition processes.60–65 A step-scan FTIR 

spectrometer is coupled with a multireflection White cell to measure rovibrational bands that 

provide a detailed description of CH2OO with the support of matching theoretical predictions.60 The 

comparison of CIs to peroxy radicals in early literature supported the argument that CIs are indeed 

a zwitterionic species.61,62,66 Huang et al. improved the experimental technique and achieved better 

resolution to identify rotational parameters for the bands assigned to the different stretching modes 

 

Figure 1.2 Absolute UV-Vis absorption spectra of several different CIs: CH2OO (blue)51, 

CH3CHOO (green)59, (CH3)2COO (black)54, MVKO (yellow)58, and MACRO (red)58.  
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on CH2OO.63 Chang et al. later combined UV and IR spectroscopy methods to obtain the absolute IR 

absorption cross section of the ν4 fundamental of CH2OO, which corresponds to the motions of CO 

stretching coupled with the CH2 scissoring.67 The methyl-substituted CI, CH3CHOO, exists as both a 

syn- and anti- conformer with respect to the side of the terminal oxygen. The conformational analysis 

of syn- and anti-CH3CHOO is more feasible with the transient IR technique due to the OO-stretching 

modes being separated by ~10 cm―1. Although there is a good amount of overlap, the syn- conformer 

has one distinctive band assigned to CH modes that is absent in the other, which is attributed to the 

intramolecular bound H-bond between the methyl group and the CI terminal oxygen.64 Various other 

CIs have been detected with an IR action spectroscopy approach as well as the transient IR detection 

method mentioned previously.68,69  

1.3.4 Rotational Spectroscopy (Microwave) 

Rotational spectroscopy allows measurements of moments of inertia which depend on molecular 

geometry and structure. This technique provides very high resolution and accuracy compared to 

other techniques. McCarthy and coworkers were involved in the early detection of CIs with Fourier 

Transform Microwave Spectroscopy (FTMW) through the ozonolysis of alkenes.30 Aside from 

reporting the first detection of CH2OO in the gas -phase ozonolysis of ethylene, the mechanistic 

pathway and production of CIs was confirmed. With the combined works from Nakajima and Endo, 

McCarthy et al. have differentiated isomers for CH2OO as well as several isotopologues.70,71 Geometric 

parameters such as the bond lengths and angles separating the atoms of CH2OO have been 

identified.31,71 The CO and OO bond lengths were determined, as well as the CCO bond angle. A 

resulting planar geometry and longer OO bond length confirmed the zwitterionic structure. Along 

with the structural information from these studies, investigations of syn- and anti-CH3CHOO 

evidently supported the existence of CIs as zwitterionic ground state molecules, as opposed to a 
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diradical species.23 This technique is especially useful for the alkyl substituted CIs, where rotational 

constants and the barrier heights of each methyl group rotation has been precisely determined.72,73  

1.4 Reaction kinetics 

Recent years have seen a lot of work to understand the fate of CIs in the atmosphere. There are two 

main loss processes: unimolecular decomposition and bimolecular reaction with trace gases. There 

have been numerous studies on both.17,26,33 This work has shown that CIs participate in several 

different classes of reactions, which will be described below.  

1.4.1 Unimolecular Decomposition 

In general, CIs are known to thermally decompose via two mechanisms: 1,3-ring closure forming a 

dioxirane or a 1,4-hydrogen transfer across the CI. Although it is slow and only apparent at higher 

temperatures, the 1,3-ring closure is the only decomposition pathway for CIs lacking the α-hydrogen, 

such as CH2OO.17,74 Unimolecular decay is a major atmospheric sink for larger CIs, such as CH3CHOO, 

(CH3)2COO, MACRO, and MVKO.20 As alluded in the previous sections, the syn- conformers of CIs are 

more prone to unimolecular decomposition because of the ability to undergo an intramolecular H-

shift.17,55–57,59,68 Unimolecular decomposition rate coefficients of 166, 369, and 33 s―1 at 298 K have 

been estimated for syn- CH3CHOO, (CH3)2COO, syn-MVKO.23 Shown in Scheme 1.2, the terminal oxygen 

on the CI abstracts the H-atom from the nearby alkyl substituent in a 5-membered ring transition 

state, where a vinyl hydroperoxide is formed and ultimately leads to OH radical production.13 The 

syn- conformer of CH3CHOO is known to produce OH radical while the longer living anti- conformer 

follows the dioxirane mechanism, like CH2OO.75 Taatjes et al. suggested that hydroxyacetone can be 

produced from (CH3)2COO decomposition after the 1,4-H shift produces a vinyl hydroperoxide, the 

OH can migrate to the adjacent methyl group.76 Caravan et al. used the UV-Vis depletion method to 

explore the conformer dependent reactivity and unimolecular decay of MVKO, concluding the 
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bimolecular reactions were only viable for the syn- conformer, while anti-MVKO undergoes rapid 

decomposition.77 Lee et al. recently used a master equation to study the unimolecular decay of 

thermalized MACRO. Besides H-atom transfer, decomposition to dioxole and dioxirane structures 

and conformational changes are highly dependent on the atmospheric conditions.78 

1.4.2 1,2-Addition Reactions 

The 1,2-addition reaction mechanism is outlined in Scheme 1.3, where CH2OO adds across a 

compound denoted X-H. This reaction applies to water, alcohols, amines, and mercaptans, which will 

be discussed below. In a strained 5-membered ring transition state, the terminal oxygen on CH2OO 

abstracts a hydrogen, simultaneously the resultant electronegative atom attacks the carbonyl carbon 

of the CI.79–81 The reaction sacrifices a polar covalent bond to produce a substituted hydroperoxide 

and is strongly exothermic (~40-50 kcal mol―1). In the literature, this mechanism is also referred to 

as an insertion mechanism, implying the CI inserts into the polar covalent H-bond.80 Overall a 1,2-

addition to CIs are atmospherically relevant and significant because hydroperoxide compounds are 

produced, which further decompose and contribute to OH radical production.17,26 

The main atmospheric sink for CH2OO is via reaction with water.26,82–89 The exothermic reaction 

between CH2OO and water vapor produces hydroxymethyl hydroperoxide with a strong negative 

 

Scheme 1.2 The most common unimolecular decomposition pathway for CIs, which 

proceeds as a 1,4-hydrogen shift to form a vinyl hydrogenperoxide. Shown above, syn-

CH3CHOO was used as an example. 
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temperature dependence.86,90 Chao et al. was the first to measure the reaction kinetics between 

CH2OO and water vapor. They noticed that the decay rate of CH2OO was proportional to the square 

of the concentration of water, which indicated there were two water molecules participating.83 This 

implied that not only was CH2OO reacting with water monomer, but water dimer was involved as 

well. In fact, CH2OO was barely reacting with water monomer because the reaction was dominated 

by water dimer. The reaction with water monomer is slow, ~10–16 cm3s–1 at 298 K, while reaction 

with the dimer is fast (~10–12 cm3s–1).18,90,91 With loss rates of ~2000 s–1 at a relative humidity of 50%, 

reaction with water dimer is 4 orders of magnitude faster than the total first order loss of CH2OO.26,88 

Ryzhkov and Ariya used coupled cluster calculations to show the reaction with water monomer has 

a barrier of ~3 kcal mol―1 while reaction with the dimer has a submerged barrier of ~10 kcal mol―1.92 

The mechanism in Scheme 1.3 involves a five-membered cyclic transition state, and the mechanism 

with water dimer is described by forming a 7-membered ring, which facilitates a submerged barrier 

and overall faster reaction.92 The extra water molecule is catalyzing the reaction through a hydrogen 

atom relay mechanism, known as double hydrogen atom transfer (DHAT).93  

Alcohols also react with CH2OO via the 1,2-addition reaction mechanism.79,94–96 The exothermic 

reaction produces alkoxymethyl hydroperoxides with bimolecular rate constants on the order of 

~10–13 cm3 s–1. In general, alcohols tend to react more rapidly than water monomer, with submerged 

enthalpic barrier heights of ~4 kcal mol―1.The reactivity of aliphatic alcohols was found to depend 

on the size of the alkyl group (methanol>isopropyl alcohol>ethanol).79,95 Amines react similarly to 

 

Scheme 1.3  The 1,2-addition mechanism of a CH2OO adding across X-H, where X represents 

a saturated or substituted -O, -S, or -N atom. X can also be a halogen such as a -Cl atom. 
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alcohols, lacking any alkyl substituents ammonia (~8×10–14 cm3 s–1) reacts with CH2OO two orders 

of magnitude slower than methylamine (~6×10–12 cm3 s–1).97–99 

Reaction of CH2OO with hydrogen halides, specifically hydrochloric acid, is fast. Foreman et al. used 

flash photolysis transient absorption spectroscopy measure a rate constant of 4.6×10–11 cm3 s–1 at 

298 K.100 Cabezas and Endo used FTMW spectroscopy to confirm the reaction proceeds through an 

entrance channel complex before producing chloromethyl hydroperoxide with a submerged reaction 

barrier.101 They compared the reaction to water, as the longer H–Cl bond could reduce ring strain at 

the transition state, affording a faster reaction due to gas phase acidity. Taatjes et al. used PIMS to 

compare the relative rates of the reaction of CH2OO with HCl and DCl separately. There was a 

possibility of the H-atom tunneling when they observed substantially larger kinetic isotope effect 

than theory predicted.80 Although difficult to distinguish between the conformers of CH3CHOO with 

LIF, Liu et al. monitored the OH signal to report a rate constant for the syn- conformer with HCl 

(4.7×10–11 cm3 s–1).102 In a FTIR product analysis study, Su et al. reported an overall rate constant of 

2.7×10–10 cm3 s–1, which could imply the anti- conformer is ~4 times faster than the syn- conformer.103 

Cabezas and Endo later reported the product analysis of the reaction between CH3CHOO and HCl, 

while the results implied both conformers were present, HCl reacted much faster with the anti- 

conformer.104 

1.4.3 1,4-Addition Reactions 

The similarity between the 1,4-addition and 1,2-addition reaction mechanism, is that they both lead 

to substituted hydroperoxides. Reactants that take place in a 1,4-addition with CH2OO are carboxylic 

acids and nitric acid. In Scheme 1.4 the reaction between CH2OO and formic acid is used as an 

example, where the acidic hydrogen on the OH group is transferred to the terminal oxygen of the CI, 

and the carbonyl oxygen from the formic acid bonds with the carbon of the CI, producing 

hydroperoxy methylformate. The transition state is isoenergetic with the pre-reactive complex, 
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which is most likely due to a more geometrically favored 7-membered ring structure compared to 

the 5-membered ring formed in 1,2-additions.81 The exoergic reaction with organic acids are 

negatively temperature dependent and have rate constants on the order of ~10–11 cm3 s–1. Chhantyal-

Pun et al. measured the rate constants of CH2OO and (CH3)2COO with five different organic acids in a 

multiplexed photoionization mass spectrometry (MPIMS) experiment.105 The large rate constants for 

the reactions between CIs and organic acids make them near the hard-sphere collision limit, so they 

are explained by long-range capture models.106 By developing a structure activity relationship based 

on a dipole-dipole capture model, the rate constants for numerous CIs with nine different carboxylic 

acids were predicted. The model works relatively well except for the case of pyruvic acid, where there 

are other dipole-dipole interactions involved. It was concluded the intramolecular H-bond in pyruvic 

acid could be hindering the H-transfer to the CI in the transition state.  

The reaction between CH2OO and nitric acid was measured by multiple groups. In a transient 

absorption experiment, Foreman et al. reported a rate constant of 5.4×10–10 cm3 s–1, which was twice 

as fast as the results from Chung et al.100,107 Yang et al. more recently investigated the reaction kinetics 

of HNO3 with four different CIs including CH2OO, to explore the substituent effects of the CIs in this 

reaction.108 The order of reactivity followed the following trend: syn-MVKO>(CH3)2COO>anti-

MVKO>CH2OO. Although they reported a rate constant for CH2OO that was ~4 times slower than 

Foreman et al., both studies concluded that nitric acid was likely to be a competitive sink for 

(CH3)2COO and possibly for CH2OO. 

 

Scheme 1.4 The 1,4-addition mechanism of CH2OO reacting with formic acid as an example, 

producing hydroperoxymethylformate. Larger organic acids or nitric acid are also possible 

reactants for this mechanism to occur. 
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The reactivity of compounds towards CH2OO in 1,2- and 1,4-addition mechanisms can be described 

by the correlation first proposed by Tobias and Ziemann, which was based on gas-phase acidities 

(ΔHacid) and X–H bond strengths.109 Murray and coworkers showed a strong inverse correlation 

between the log of the rate constants and the geometric mean of the bond enthalpy/gas phase 

acidity.79,100 The linear relationship suggests the mechanisms involve a relatively polar transition 

state and the reaction rates rely on the ability of the reactant to donate the H-atom to the terminal 

oxygen on the CI. Kumar and Francisco used high-level quantum chemical calculations to tune the 

barrier of the reaction between CH2OO and H2X (X=O, S, Se, Te), and they concluded there was an 

inverse correlation between the reaction barrier and the X-H bond length, alternatively a direct 

correlation with the pKa, or acidity of H2X.110 

1.4.4 Cycloaddition Reactions 

Cycloaddition reactions are one of the most important reaction mechanisms involved with CI 

production and consumption in the atmosphere. As shown in Scheme 1.1, CH2OO and O3 are 

isoelectronic, and as the first cycloaddition is alkene ozonolysis, once CH2OO is formed it can undergo 

a 1,3-dipolar cycloaddition reaction. The CI adds across a double bond with reactants such as alkenes, 

carbonyls, and SO2.17 With carbonyls as an example, the cycloaddition mechanism is initiated by the 

formation of a van der Waals entrance channel complex before passing over the cycloaddition 

transition state that leads to the production of a SOZ.33,111–113 Cycloaddition reactions between CIs 

and 𝜋𝜋-bonded compounds have rate constants that are negatively temperature dependent. Reactions 

with alkenes are slow (~10–15 cm3 s–1) and they have been shown to have a negligible influence on CI 

chemistry in the atmosphere.114,115 

Reaction with SO2 has earned considerable attention in the Criegee chemistry community from the 

beginning because the formation of SO3 can react with water to produce H2SO4 rapidly, which can 

impact aerosol and cloud formation.26,116 Because of this, the cycloaddition reaction between CH2OO 
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with SO2 has been well characterized by several groups.40,49,82,84,85,117–121 The barrierless formation of 

a cyclic SOZ favorably decomposes to produce formaldehyde and SO3.17,122 Although the major 

atmospheric sink for CH2OO is through reaction with water vapor, SO2 may be competitive in certain 

environments. In regions that have higher SO2 concentrations (~100 ppb), the loss rate of CH2OO is 

~100 s–1 at room temperature. At low relative humidity (<10% RH) reaction with SO2 would start to 

dominate over water dimer.26,121 Alongside organic acids, SO2 is a secondary sink to unimolecular 

decomposition for larger CIs, such as (CH3)2COO, MVKO, and MACRO.20,123 The longer living 

conformers, anti-MACRO and syn-MVKO were confirmed to have fast removal with SO2.58,77 

1.5 Research Goals 

This dissertation focuses on the bimolecular reaction kinetics of CH2OO with different types of 

functionalized and substituted carbonyl compounds. CH2OO reacts with carbonyls in a 1,3-dipolar 

cycloaddition mechanism, where the CI is a 1,3-dipole and the carbonyl compound is referred to as 

the dipolaraphile.124,125 Substituents on the carbonyl have been shown to significantly affect reaction 

rate, as a range of rate constants from ~10–14–10–10 cm3 s–1 have been observed. The presence of 

adjacent functional groups can also have a competitive effect that may slow down or increase the rate 

of reaction.17,126–130 A summarized table of the experimental rate constants between carbonyls and 

CH2OO is shown in Table 1.2. In the following chapters, the reactivity of different carbonyl 

compounds will be assessed with direct experimental measurements with supporting quantum-

chemical calculations. In Chapter 2 we will explore the kinetics of the reaction of CH2OO with α- and 

β- substituted dicarbonyls at room temperature. With an improved experimental set up and custom 

made glass-jacketed flow cell, Chapter 3 re-investigates dicarbonyls and their behavior across the 

temperature range 275–335 K. In Chapter 4, the reactivity of hydroxyketones with CH2OO is 

considered by the proximity of the -OH group to the carbonyl. We look at functionality of the -OH 

group as a competing 1,2-addition mechanism as well as a contributing substituent in the 
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cycloaddition reaction. Finally, Chapter 5 discusses our most current work, which explores the 

overall reactivity trends of different substituted carbonyls. Correlations of experimental rate 

constants to molecular properties such as orbital energies and the electronic characteristics of the 

substituents can provide a low-cost computational tool to predict reactivity. 

  

 

R1R2CO R1, R2 𝑘𝑘R1R2CO / 10–13 cm3 s–1 

formaldehyde (HCHO) H, H 38.5±1.9 

acetaldehyde (MeCHO) H, CH3 15.1±1.1 

acetone (Ac) CH3, CH3 4.5±0.1 

methyl ethyl ketone (MEK) CH3, C2H5 6.4±0.2 

hexafluoroacetone (HFA) CF3, CF3 306±27 

biacetyl (BiAc) CH3, CH3CO 129±18 

acetylpropionyl (AcPr) CH3, C2H5CO 109±13 

acrolein (ACR) H, CH=CH2 16.3±1.9 

methacrolein (MACR) H, C(CH3)=CH2 4.4±0.1 

methyl vinyl ketone (MVK) CH3, CH=CH2 5.0±0.4 

acetylacetone (AcAc) CH3, CH=C(OH)CH3 8.0±0.7 

hydroxyacetone (AcOH) CH3, CH2OH 10.9±1.5 

4-hydroxy-2-butanone (4H2B) CH3, CH2CH2OH 11.1±2.6 

 

Table 1.2 Compiled rate constants of CH2OO with different carbonyl compounds and the 

substituents separated as R1 and R2. This is a summarized version of Table 4.4, where 

the references are shown along with the corresponding rate constants. For simplicity, 

only the weighted means are shown here. 
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2 Kinetics of the reactions of CH2OO with Acetone, α-diketones, and β-

diketones 

 

 

 

 

 

 

 

 

 

 

 

 

 

Portions of this chapter were reproduced with permission from Cornwell, Z. A.; Harrison, A. W.; Murray, C. 
Kinetics of the Reactions of CH2OO with Acetone, α-Diketones, and β-Diketones. J. Phys. Chem. A 2021, 125 (39), 
8557–8571. https://doi.org/10.1021/acs.jpca.1c05280. 
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2.1 Abstract 

Rate constants for the reactions between the simplest Criegee intermediate, CH2OO, with acetone, 

the α-diketones biacetyl and acetylpropionyl, and the β-diketones acetylacetone and 3,3,-dimethyl-

2,4-pentanedione were measured at 295 K. CH2OO was produced photochemically in a flow reactor 

by 355 nm laser flash photolysis of diiodomethane in the presence of excess oxygen. Time-dependent 

concentrations were measured using broadband transient absorption spectroscopy and the reaction 

kinetics were characterized under pseudo-first order conditions. The bimolecular rate constant for 

the CH2OO + acetone reaction is measured to be (4.1±0.4)×10–13 cm3 s–1 consistent with previous 

measurements. The reactions of CH2OO with the β-diketones acetylacetone and 3,3-dimethyl-2,5-

pentanedione are found to have broadly similar rate constants of (6.6±0.7)×10–13 cm3 s–1 and 

(3.5±0.8)×10–13 cm3 s–1, respectively; these values may be cautiously considered as upper limits. In 

contrast, α-diketones react significantly faster, with rate constants of (1.45±0.18)×10–11 cm3 s–1 and 

(1.29±0.15)×10–11 cm3 s–1 measured for biacetyl and acetylpropionyl. The potential energy surfaces 

for these 1,3-dipolar cycloaddition reactions are characterized at the M06-2X/aug-cc-pVTZ and CBS-

QB3 levels of theory and provide additional support to the observed experimental trends. The 

reactivity of carbonyl compounds with CH2OO is also interpreted by application of frontier molecular 

orbital theory and predicted using Hammett substituent constants. Finally, the results are compared 

with other kinetics studies of Criegee intermediate reactions with carbonyl compounds and 

discussed within the context of their atmospheric relevance. 

  



21 

2.2 Introduction 

Carbonyl oxides, known as Criegee intermediates (CIs), are formed by alkene ozonolysis reactions 

and are important reactive species in the troposphere.15,16,26,131,132 It is now well-established that 

ozonolysis of alkenes proceeds in the gas-phase via the cycloaddition mechanism originally proposed 

by Rudolph Criegee,14 after whom the intermediates are named. Initial cycloaddition forms a five-

membered cyclic primary ozonide, which rapidly decomposes into a carbonyl and a carbonyl oxide. 

The energized CI subsequently either decomposes or is collisionally relaxed to form a stabilized CI. A 

broad range of alkenes are found in the troposphere, and consequently a great variety of CIs are 

thought to be formed in the atmosphere.26 Depending on the substituents and the particular 

stereoisomer formed, CIs can themselves undergo thermal unimolecular decomposition or react with 

trace atmospheric gases. For larger CIs, unimolecular decomposition is thought to be the dominant 

sink.27  For the simplest CI, formaldehyde oxide (CH2OO), unimolecular decomposition is slow, and 

secondary reactions are more significant. Globally, reaction with water dimer is the dominant 

mechanism for removing CH2OO,133 although other trace species, such as organic or inorganic acids, 

with large CI reaction rate constants, can be locally competitive.100,105,134,135 

Previous work has examined gas-phase reactions between CIs and carbonyl compounds produced in 

alkene ozonolysis reactions,28,88,109,136–140 and using photochemical production.82,111,128,141 In the 

Criegee mechanism for ozonolysis, decomposition of the primary ozonide yields a carbonyl oxide and 

an aldehyde or ketone, which can subsequently react to form a secondary ozonide (SOZ, a 1,2,4-

trioxolane). Moortgat and co-workers demonstrated that the presence of additional carbonyls led to 

formation of the expected SOZs in the gas phase ozonolysis of ethene of using Fourier transform 

infrared spectroscopy (FTIR) for product detection.137–139 A subsequent study found that 

hexafluoroacetone (HFA) reacted ~13 times faster with CH2OO than does acetaldehyde at 730 Torr 

and 295 K.140 Fenske et al. also used FTIR to monitor SOZ production from acetone oxide (CH3CHOO), 
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produced by ozonolysis of trans-2-butene, reacting with acetaldehyde and estimated a rate constant 

of 1.1×10–12 cm3 s–1 (with a factor of six accuracy).28  Tobias and Ziemann determined reactivity 

trends for reactions of the C13 CI formed from ozonolysis of 1-tetradecene using real-time thermal 

desorption particle beam mass spectrometry.109  The observed reactivity trends indicated that HCHO 

reacted with the C13 CI around 50–100 times faster than alcohols such as methanol and 

isopropanol,79,94 implying rate constants on the order 10–11 cm3 s–1. In addition, Berndt et al. used 

ozonolysis to form CH2OO in a flow reactor and monitored concentrations by titrating with SO2 and 

detecting the H2SO4 product by chemical ionization mass spectrometry (CIMS).88  Rate constants of 

(1.7±0.5)×10–12 cm3 s–1 and (3.4±0.9)×10–13 cm3 s–1 were measured at 1 atm and 297 K for the 

reactions of CH2OO with acetaldehyde and acetone, respectively. 

Recently, photochemical routes involving reactions of α-iodoalkyl radicals with oxygen have been 

used to generate higher yields of carbonyl oxides and facilitate direct detection using absorption 

spectroscopy and photoionization techniques.23,33 Several groups have used direct methods to 

investigate the kinetics of reactions of CH2OO with carbonyl compounds. Taatjes et al. used tunable 

synchrotron photoionization mass spectrometry (PIMS) to directly measure CH2OO loss rates in the 

reactions of CH2OO with acetone, acetaldehyde, and HFA to be (2.3±0.3)×10–13 cm3 s–1, (9.5±0.7)×10–

13 cm3 s–1, (3.0±0.3)×10–11 cm3 s–1, respectively, at a pressure of 4 Torr and a temperature of 295 K.128  

Secondary ozonides were observed in the mass spectra as products of the ketone reactions, although 

not of the acetaldehyde reaction. Subsequently, Elsamra et al. determined rate constants for acetone 

and acetaldehyde as (3.0±0.6)×10–13 cm3 s–1 and (1.2±0.2)×10–12 cm3 s–1 at 25 Torr and 298 K using 

multi-pass absorption spectroscopy.111 Weak negative temperature and positive pressure 

dependences were observed. Stone et al. also examined the kinetics of the CH2OO + acetaldehyde 

reaction.82 In that study, CH2OO was generated photochemically, but the reaction was probed 

indirectly by monitoring the HCHO products of SOZ decomposition using laser-induced fluorescence 

(LIF). The HCHO yield was found to decrease significantly with increasing pressure (from 88% at 4 



23 

Torr to only 4% at 730 Torr) due to stabilization of the SOZ, explaining the absence of SOZ signal in 

the low-pressure PIMS measurements.128 The rate constant for the acetaldehyde reaction in the high-

pressure limit was estimated to be ~1.7×10–12 cm3 s–1, consistent with the direct measurements. 

Recently, Eskola et al. have used PIMS to explore the kinetics and mechanism of the CH2OO reactions 

with methyl vinyl ketone (MVK) and methacrolein (MACR).141 These unsaturated carbonyls are, 

along with CH2OO, important products of isoprene ozonolysis. The rate constants at 300 K and 4 Torr 

were found to be (5.0±0.2)×10–13 cm3 s–1 for MVK and (4.4±0.5)×10–13 cm3 s–1 for MACR. SOZ products 

were observed in the mass spectra and confirmed that the addition occurs primarily via 1,3-dipolar 

cycloaddition at the carbonyl site rather than the olefinic site, consistent with measurements of much 

smaller rate constants (~10–15 cm3 s–1) for reactions of CH2OO with various alkenes.115 

Theoretical studies have also explored CI reactions with carbonyl compounds, particularly the CH2OO 

+ HCHO reaction. Cremer et al.142 identified a dipole-dipole complex in the reaction of formaldehyde 

and formaldehyde oxide, which suggested the reactants would orient to promote cycloaddition to 

form the SOZ. The complex and transition states were subsequently characterized at various levels 

of theory by Aplincourt and Ruiz-López,143,144 who performed calculations to explore mechanisms 

that led to formic acid anhydride and carboxylic acid formation in the atmosphere. For the reaction 

of CH2OO with formaldehyde, calculations at the CCSD(T) level found the entrance channel van der 

Waals (vdW) complex to lie 5.8 kcal mol–1 lower in energy than the reactants, with a small, submerged 

barrier of ~1.2 kcal mol–1 leading to formation of the SOZ in a process that is exothermic by –49.0 

kcal mol–1. Elsamra et al. described the steps leading to the formation of the SOZ as two transition 

states: a loose outer transition state (TSouter) for the formation of the vdW complex and an inner 1,3-

cycloaddition transition state (TSinner) to form the SOZ. It was shown that either of the transition 

states could be rate-limiting depending on the temperature.111 Jalan et al. found SOZ formation to 

increase in the order HCHO < CH3CHO < CH3COCH3.112 
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In this work, we describe the results of flash photolysis broadband transient absorption spectroscopy 

experiments exploring the kinetics of gas phase reactions of CH2OO with acetone, the α-diketones 

2,3-butanedione (biacetyl, BiAC) and 2,3-pentanedione (acetylpropionyl, AcPr), and the β-diketones 

2,4-pentanedione (acetylacetone, AcAc,) and 3,3-dimethyl-2,4-pentanedione (dMAcAc) (see Figure 

2.1). The α-diketone reactions are found to be 20–40 times faster than those of acetone and β-

diketones. Complementary ab initio calculations are used to elucidate the detailed reaction 

mechanisms and identify a correlation between frontier orbital energy gaps and the experimental 

rate constants. A strong correlation is also demonstrated between rate constants for CH2OO + 

carbonyl reactions and Hammett substituent constants. 

Figure 2.1 Acetone (2-propanone, Ac), the α-diketones acetylpropionyl (2,3-pentanedione, 

AcPr) and biacetyl (2,3-butanedione, BiAc); and the β-diketones acetylacetone (2,4-

pentanedione, AcAc) and 3,3-dimethyl-2,4-pentanedione (dMAcAc). The enolone and 

diketone tautomers of AcAc are both shown but the former is predominant in the gas phase. 
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2.3 Experimental and computational methods 

The flow reactor apparatus used to study the kinetics of Criegee intermediate reactions has been 

described in detail previously.50,79,100 Briefly, CH2OO was produced in a 100 cm long stainless steel 

flow reactor by photolysis of CH2I2 in the presence of excess O2 and its time-dependent concentration 

was measured using broadband transient absorption spectroscopy. The 355 nm output of a Nd:YAG 

laser (Continuum Surelite II-10, 10 Hz repetition rate) was attenuated to provide ~8 mJ photolysis 

pulses (fluences of approximately ~30 mJ cm–2). Transient absorption spectra were recorded in the 

wavelength range 360–400 nm using 500 ns duration pulses from a broadband UV LED (LightSpeed 

Technologies), which were dispersed in a spectrograph (Andor Shamrock 303i with iDus 420 CCD 

camera). Transient spectra were typically recorded at fifteen delay times (Δt = tLED – tphotolysis), each 

derived from the average of 300 reference and signal spectra. Reference spectra were recorded with 

Δt = –10 μs (i.e. the LED pulse passes through the cell 10 μs before the photolysis laser). Custom data 

acquisition software (National Instruments LabVIEW) controls a digital delay generator (Quantum 

Composers 9528), which provides triggers for the laser, the LED driver, and the CCD camera, and 

processes raw data to generate the transient absorption spectra. 

Gas flow rates into the reactor were controlled using choked-flow orifices (O’Keefe). N2 (Praxair, 5.0 

UHP) and O2 (Airgas, 4.4 UHP) were passed through drying filters to ensure removal of residual water 

vapor before entering the cell. The Criegee intermediate precursor, CH2I2, and the carbonyl reactants 

are liquids at room temperature and were kept in smog bubblers (Ace Glass), which were immersed 

in a water bath maintained at 295 K in order to stabilize the vapor pressure and prevent evaporative 

cooling of the liquid. The equilibrium vapor of each reactant [Ac: 200 Torr; BiAc: 48 Torr; AcPr: 21 

Torr; AcAc: 5 Torr; dMAcAc: 3 Torr (all Sigma-Aldrich, reagent grade)]145 was carried into the reactor 

by a flow of N2 at a total pressure of 5 psig (1020 Torr). Experiments using BiAc were performed with 

the smog bubbler immersed in an ice bath at 273 K, which reduces the vapor pressure to 13 Torr. A 
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range of choked-flow orifices were used to control reactant concentrations, which were quantified 

by absorbance measurements as described below. All kinetics measurements were performed under 

pseudo-first order conditions of excess carbonyl compound. A small flow of nitrogen (30 sccm) was 

used to purge the windows and minimize formation of residue on the surfaces. An independent flow 

of N2 was controlled via an adjustable tap to maintain constant total pressure. Typical total flow rates 

were ~3.2 sLpm, which resulted in a static pressure of ~67 Torr (~2.2×1018 cm3) in the flow reactor, 

the majority of which was N2 (~1.9×1018 cm3). Identical CH2I2 and O2 flow rates were used for all 

kinetics measurements and led to estimated concentrations of ~5.5×1014 cm–3 and ~2.1×1017 cm–3, 

respectively. At least four independent measurements of the reaction kinetics were made for each 

carbonyl; the choked-flow orifices that controlled the reactant concentration were used in random 

order for each run to minimize systematic errors, such as deterioration of the windows. 

UV/visible absorption spectra of the carbonyls were measured over the range 200–700 nm in a 

commercial spectrophotometer (Agilent, Cary 60 UV-Vis). A few drops of the liquids were placed in 

a capped quartz cuvette and the liquid/vapor mixture was allowed to reach equilibrium, which was 

confirmed by repeated measurements showing that the absorbance was constant with time. 

Absorption spectra of the carbonyl compounds were recorded in the flow reactor using LEDs 

centered at 420 nm and at 280 nm over the same range of reactant/N2 flow rates used for the kinetics 

measurements. 

Electronic structure calculations of the unimolecular reaction intermediates and energies involved 

were performed with the Gaussian 16146 and GAMESS147–149 programs. Equilibrium and transition 

state structures were optimized with the M06-2X hybrid functional150 using the Dunning-type cc-

pVTZ basis set augmented with diffuse functions (aug-cc-pVTZ). Minima and transition states were 

confirmed by frequency analysis and by following the intrinsic reaction coordinate (IRC). The 

structures obtained at the M06-2X/aug-cc-pVTZ level of theory were then used as input for 
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calculations with the CBS-QB3 compound method.151 These levels of theory were chosen as they have 

been shown to provide reliable thermochemistry and geometries for reactions involving the main 

group elements at modest computational cost.152–154 

2.4 Results 

2.4.1 Reactant absorption spectroscopy and calibration 

In contrast to the acids and alcohols studied previously,79,100 the carbonyl species have absorption 

features that overlap with available UV LEDs and the concentrations obtained under typical 

experimental conditions can be directly quantified. Figure 2.2 shows gas phase absorption spectra 

for all the reactants measured in a Cary-60 spectrometer over the wavelength range 225–475 nm at 

295 K. Absolute absorption cross sections were determined from application of the Beer-Lambert 

law, assuming equilibrium vapor pressures for each compound.145 The measured cross sections were 

found to be in excellent agreement with previously reported values, where available.155 The α-

diketones AcPr and BiAc have similar absorption spectra, featuring bands in the visible and UV. The 

visible bands are almost identical for BiAc and AcPr, with peak absorption cross sections ~7×10–20 

cm2 and irregular vibrational structure. The UV band of BiAc is weaker than the visible band with a 

peak absorption of ~5×10–20 cm2 at 271 nm. Diffuse, regular vibrational structure can be seen across 

the UV band. The equivalent band in the AcPr spectrum appears as a shoulder, overlapping a stronger 

band at 251 nm that can be assigned to the enolone tautomer that is estimated with the aid of TDDFT 

calculations to be present at ~0.03%. In contrast, the absorption spectra of the β-diketone absorption 

spectra have no bands in the visible. AcAc absorption is primarily due to the predominant enolone 

tautomer. The exceptionally large peak absorption cross section for AcAc (Messaadia et al.156 report 

4.6×10–17 cm2 at 262 nm) precludes measurement at the equilibrium vapor pressure (A > 4). The 

dMAcAc spectrum appears to be qualitatively the same shape as the UV band of AcPr, albeit the 

maximum cross section is larger (5×10–19 cm2) and the absorption peak at 268 nm is shifted ~15 nm 



28 

to longer wavelength. The lack of H-atoms on the central carbon atom in dMAcAc should prevent 

tautomerization. 

In our previous kinetics studies,79,100 the reactant concentrations, in cm–3, were estimated using 

[X]est = 𝜒𝜒𝜒𝜒𝑃𝑃tot
𝑁𝑁A

103𝑅𝑅𝑅𝑅
 (E 2.1) 

Figure 2.2 Gas phase absorption spectra at 295 K of acetone, BiAc, AcPr, AcAc, and dMAcAc. 

The AcAc absorption cross section values have been reduced by a factor of fifty; the dashed 

line is the measurement of Messaadia et al.,46 which captures the peak absorption. Shaded 

areas are 1σ uncertainties from repeated measurements. 
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where 𝜒𝜒 is the mole fraction of carbonyl compound X in the X/N2 flow, F is the fractional contribution 

of the X/N2 to the total gas flow as determined from the choked-flow orifice specifications, and Ptot is 

the total pressure in the reactor, which was maintained at a constant value of 67±1 Torr for all 

experiments. NA is the Avogadro constant in mol–1, R = 62.364 L Torr–1 mol–1 K–1 is the gas constant, 

and T is the temperature in K. Calibration measurements for each reactant were made by recording 

absorption spectra in the flow reactor using the same collections of choked-flow orifices to vary the 

concentration as in the kinetics measurements (see below). Experimental concentrations [X]exp were 

determined using the absorption cross sections shown in Figure 2.2 and used to construct calibration 

plots. Absorption measurements were repeated at least four times for each reactant to ensure 

repeatability and quantify uncertainties. 

Figure 2.3 (a) Typical experimental absorbances (black) due to BiAc measured using the 

same selection of choked-flow orifice as in the kinetics experiments. Best-fit scaled BiAc 

absorption spectra are also shown (purple). (b) Calibration plot of measured concentrations, 

[BiAc]exp, determined from the spectra plotted against estimated concentrations, [BiAc]est. 

The gradient, [BiAc]exp/[BiAc]est <1, indicates that reactant concentrations are slightly over-

estimated. The shaded area is a 2σ prediction band. 
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As an example, Figure 2.3(a) shows BiAc absorption spectra recorded in the flow reactor using a 

visible LED centered at 420 nm. Equivalent measurements were made for AcPr, also using the 420 

nm LED, while an LED centered at 280 nm was used for Ac, AcAc, and dMAcAc. The relationship 

between the measured and estimated concentrations is linear, as shown in Figure 2.3(b). In general,      

the use of equation (E 2.1) was found to systematically over-estimate the reactant concentrations: 

[X]exp/[X]est < 1 with an average value of 0.91±0.10. The origin of the discrepancy is not clear, but 

presumably results from surface losses as the reactant/N2 gas mixture passes through the gas 

manifold into the flow reactor. The calibration factors [X]exp/[X]est for each reactant are compiled in 

Table 2.1 and used to scale the estimated reactant concentrations in the kinetics measurements. 

Table 2.1 Reactant vapor pressures (Pvap,X), bimolecular rate constants derived using experimental 

(kX,exp) reactant number densities, and ratio of experimentally measured reactant concentrations to 

those estimated ([X]exp/[X]est). The asterisk on the value of Pvap,BiAc indicates that the liquid sample 

was held at 273 K rather than 295 K. All reported rate constants were derived from the overall fits of 

the experimental data (see text). Uncertainties are 1σ. 

 Pvap,X / torr kX,exp / 10–13 cm3 s–1 [X]exp/[X]est 

Ac 200.5 4.07±0.43 0.87±0.05 

BiAc 13.4* 145±18 0.94±0.12 

AcPr 21.2 129±15 0.84±0.10 

AcAc 5.4 6.59±0.68 0.94±0.10 

dMAcAc 3.4 3.54±0.79 0.97±0.09 
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2.4.2 Transient absorption spectroscopy 

CH2OO was produced following the 355 nm photolysis of CH2I2 in the presence of excess O2 and its 

time dependent concentration determined from analysis of transient absorption spectra recorded at 

various time delays after photolysis. In the absence of any additional reactants, CH2OO is thought to 

be formed and removed in reactions R2a–R2c shown in Table 2.2, which is based on the model 

described by Ting et al.157 

In the presence of excess O2, the CH2I + O2 reaction is fast (1.4×10–12 cm3 s–1) and rapidly converts 

photolytically generated iodomethyl radicals to CH2OO.39 At a total pressure of 67 Torr, the fractional 

yield of CH2OO via reaction (R2a) is estimated to be approximately 0.69.157,158 Typically, maximum 

CH2OO concentrations of ~2.5×1013 cm–3 are reached approximately 10 μs after photolysis. 

Formation of the iodomethylperoxy adduct CH2IO2 via reaction (R2c) accounts for most of the 

remaining products, while reaction (R2b) is a minor channel.159 The self-reaction (R4) is fast and is 

primarily responsible for loss of CH2OO in the absence of other reacants.65,118,157,160 In the analysis 

that follows, we hold the rate constant for CH2OO self-reaction fixed. Under the current experimental 

conditions, diffusion and wall losses of CH2OO are negligible and thermal unimolecular 

decomposition is too slow to significantly contribute to its loss rate.27,118   

Figure 2.4(a) shows representative transient absorption spectra recorded at three delays (10 μs, 70 

μs, and 300 μs) in the absence of any additional reactant. Absorbance in the 362–395 nm spectral 

region is due to CH2OO and IO. A small fraction of the IO is formed directly by reaction (R2b), while 

the majority is due to the secondary reaction (R3).157,159 The characteristic vibronic band 

progression50,49,52 of CH2OO is evident at the shortest delay but becomes increasingly indistinct at 

longer delays at  which time the spectra increasingly resemble that of IO.161  The transient absorption 

spectra shown in Figure 2.4(b) were recorded at the same time delays but with [Ac]exp ≈ 2.5×1016 cm–

3. The spectrum recorded at a delay of 10 μs is almost identical to that in Figure 2.4(a), indicating that 
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the presence of Ac has no significant effect on the CH2OO formation kinetics. The 70 μs and 300 μs 

spectra in Figure 2.4(a) and (b) are distinctly different, however, and show that CH2OO is removed 

more rapidly in the presence of Ac. The transient absorption spectra are decomposed by fitting to a 

linear combination of wavelength-dependent CH2OO and IO absorption cross sections, σ(λ) ,35,54 to 

yield time-dependent concentrations for each absorber: 

𝐴𝐴(𝜆𝜆)
𝑙𝑙

= [CH2OO]𝜎𝜎CH2OO(𝜆𝜆) + [IO]𝜎𝜎IO(𝜆𝜆) 
(E 2.2) 

Figure 2.4 Broadband transient absorption spectra, recorded over the range 365–390 nm at 

the indicated time delays after photolysis (a) in the absence of any reactant and (b) in the 

presence of [Ac]exp = 2.47×1016 cm–3. (c): Time-dependent concentration profiles for CH2OO 

and IO (inset) derived from the transient absorption spectra. 



33 

Here, l is the 100 cm path length of the flow reactor. The concentration profiles of both CH2OO and IO 

derived from the transient absorption spectra are shown in Figure 2.4(c). The [CH2OO]t profile shows 

an increased loss rate in the presence of Ac but the peak concentrations observed at short delays are 

unaffected, indicating that the carbonyl reactant does not noticeably affect the chemistry leading to 

CH2OO production. The [IO]t profiles are not affected by the presence of Ac; both the rise time and 

maximum concentration reached before slow removal by self-reaction are indistinguishable. These 

observations hold for all reactants (and reactant concentrations) used in the experiments. 

CH2OO loss rates are quantified using a simplified kinetic model that includes second order loss due 

to self-reaction (with rate constant kself) and other processes that are assumed to follow first order 

(or pseudo-first order) kinetics (rate constant kloss). The differential rate equation for the CH2OO 

concentration is written as 

𝑑𝑑[CH2OO]
𝑑𝑑𝑑𝑑

= −2𝑘𝑘self[CH2OO]2 − 𝑘𝑘loss[CH2OO] (E 2.3) 

where 

𝑘𝑘loss = 𝑘𝑘bgd + 𝑘𝑘X[X] (E 2.4) 

is the observed loss rate, which is partitioned between pseudo-first order loss due to reaction with 

carbonyl species X with rate constant kX and the phenomenological background loss rate, kbgd, that is 

observed in the absence of any carbonyl compound. Equation (E 2.3) can be solved analytically to 

yield the integrated rate equation: 

[CH2OO]𝑡𝑡 =
𝑘𝑘loss[CH2OO]0

𝑘𝑘loss exp(𝑘𝑘𝑙𝑙𝑙𝑙𝑙𝑙𝑙𝑙𝑡𝑡) − 2𝑘𝑘self[CH2OO]0[1 − exp(𝑘𝑘loss𝑡𝑡) ]
 (E 2.5) 

Experimental concentration-time profiles are fit to Equation (E5) to extract kloss with kself constrained 

to the value of 7.4×10–11 cm3 s–1 reported by Chhantyal-Pun et al.118 The values of kloss obtained from 



34 

the fits are insensitive to the precise value of kself chosen. A re-analysis of a subset of the experimental 

data using the JPL recommended value91 of 7.12×10–11 cm3 s–1 had only a very modest effect on the 

values of kloss, and a negligible effect on the bimolecular rate constants. Examples of the typical quality 

of the fits to the experimental data obtained using Equation (E 2.5) can be seen in Figure 2.4(c). 

Rate constants were measured under pseudo-first order conditions of excess carbonyl reactant. Each 

experimental run involved measurements at five concentrations that spanned the range 1014–1017 

cm–3. With the exception of Ac, discussed in detail below, the loss rates were observed to increase 

linearly with the reactant concentration. The concentration range was constrained somewhat by the 

reaction rates, the available choked-flow orifices, the reactant vapor pressures, and the need to 

maintain constant total pressure in the flow reactor. Measurements were repeated at least four times 

for each reaction to ensure repeatability and to quantify the experimental uncertainties. Rate 

constants were obtained by simultaneously fitting the overall data sets to equation (E 2.4) to extract 

values of kbgd and kX. In addition to fitting the overall data sets, two other approaches were also 

adopted. First, independent linear fits were performed for each individual experimental run, and the 

results averaged. Second, after noting that in most experiments, the variance in kx was typically much 

smaller than that in kbgd, individual kinetics runs were fit simultaneously, allowing kbgd to vary 

independently, but returning a single global value of kX. All three fitting approaches (overall, 

individual, and global) yielded consistent values for kbgd and kX. Only the values obtained from the 

overall fits are discussed in the text and summarized in Table 2.1. 

The [X]exp/[X]est ratios determined from repeated measurements for each reactant are also compiled 

in Table 2.1, alongside rate constants, kX,exp. While the uncertainties in [X]exp/[X]est are relatively small, 

they are typically larger than the statistical uncertainties resulting from either data fitting or among 

the individual measurements of k1. For each reaction rate constant, the reported uncertainty (1σ) is 
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based on the larger of the relative uncertainties arising from the fitting or the concentration 

calibration factor (~10–20%).  

The pseudo-first order loss rates observed for the CH2OO + Ac reaction are plotted as a function of 

the estimated Ac concentrations in Figure 2.5. Fitting the overall data set, which comprises five 

individual kinetic runs, to Equation (E 2.4) yields kAc = (5.6±0.3)×10–13 cm3 s–1, which is ~40% larger 

than previous measurements.88,128,111 While equation (E 2.4) provides a plausible fit to the data the 

relatively high concentrations of [Ac] and slight curvature evident in Figure 2.5, suggests an 

additional contribution to the loss rate from acetone dimer, Ac2. Using data from Anderson et al.,162 

the equilibrium constant for formation of acetone dimer at 295 K is Kp = 0.098 atm–1 (Kc = 4.2×10–21 

cm3), leading to dimer concentrations [Ac2] =4.1×1010 cm–3 to 7.5×1012 cm–3 (or 13–177 ppm). While 

these concentrations are low, acetone dimer may contribute to CH2OO loss if the reaction rate 

Figure 2.5 Observed pseudo-first order loss rates (symbols), and linear (solid line) and 

quadratic fits (dashed line) for the reaction of CH2OO with Ac at 295 K and 67 Torr. The 

shaded areas represent 2σ prediction bands. 
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constant is sufficiently large relative to that of the monomer reaction. Consequently, we include an 

additional term 𝑘𝑘Ac2[Ac2] to equation (E4), leading to  

𝑘𝑘loss = 𝑘𝑘bgd + 𝑘𝑘Ac[Ac] + 𝑘𝑘Ac2𝐾𝐾c[Ac]2 (E 2.6) 

where 

[Ac2] = 𝐾𝐾c[Ac]2 (E 2.7) 

Fitting to the quadratic equation (E 2.6) yields an improved fit (shown in Figure 2.5) with kAc = 

(4.1±0.4)×10–13 cm3 s–1 and 𝑘𝑘Ac2𝐾𝐾c = (3.9±1.0)×10–30 cm6 s–1, with the former rate constant agreeing 

well with previous measurements for the CH2OO + Ac reaction.88,128,111 At the upper end of the [Ac] 

range, the dimer reaction is responsible for up to 30% of the total CH2OO loss while at the lower end 

of the range (specifically [Ac] < 1016 cm–3, i.e. the range of concentrations used for the other reactions 

discussed below) the dimer contribution is at most a few %. 

Although imprecisely determined, the value obtained for 𝑘𝑘Ac2𝐾𝐾c suggests an extremely large rate 

constant of (9.2±2.4)×10–10 cm3 s–1 for the CH2OO + Ac2 reaction. By comparison, reaction of CH2OO 

with water dimer is indeed much faster than the monomer. However, the reaction mechanism 

involves direct participation of both water molecules in the transition state resulting in a much higher 

rate via an autocatalytic mechanism. In the case of acetone dimer, there is less reason to expect the 

dimer to react much more rapidly than the monomer. It is possible that the presence of the second 

acetone molecule could stabilize the cycloaddition transition state to some extent resulting in an 

increased reaction rate. 

Figure 2.6 shows the analogous pseudo-first order loss rates observed for the CH2OO + BiAc, AcPr, 

AcAc, and dMAcAc reactions, alongside linear fits to equation (E 2.4). The α-diketone reactions have 

rate constants that are far larger than acetone. Based on the overall fits to the complete data sets we 
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find for the α-diketones that kBiAc = (1.45±0.18)×10–11 cm3 s–1 and kAcPr = (1.29±0.15)×10–11 cm3 s–1. In 

contrast, the rate constants for the β-diketones are similar in magnitude to that of acetone with values 

of kAcAc = (6.2±0.5)×10–13 cm3 s–1 and kdMAcAc = (3.4±0.8)×10–13 cm3 s–1. For the β-diketone reactions, 

the limited range of reactant concentrations restricted the maximum observed loss rates to only 

~1.5–2 × kbgd and the rate constants may be better considered cautiously as upper limits. The range 

of reactant concentrations used are much smaller, with [X] < 8×1015 cm–3. Under these conditions, 

any contributions to the observed CH2OO loss from dimers are expected to be negligible and no 

curvature is observed in the pseudo-first order plots. 

Figure 2.6  Observed pseudo-first order loss rates (symbols) and fits (lines) for the reaction 

of CH2OO with BiAc (circle, purple), AcPr (square, blue), AcAc (triangle, green) and dMAcAc 

(diamond, yellow) at 295 K and 67 Torr. The shaded areas represent 2σ prediction bands. 
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2.4.3 Modeling and systematic uncertainties in kloss 

To explore the robustness of determining kloss by fitting [CH2OO]t profiles to equation (E 2.4) 

and to identify any systematic uncertainties, we have performed simulations of the reaction 

kinetics. The simulations use the detailed mechanism for the CH2I + O2 system described by 

Ting et al.,157 implemented in the stochastic kinetics simulation program Kinetiscope (version 

1.1.956.x64).163 The complete mechanism and the rate constants for each reaction 

appropriate for our experimental conditions are compiled in Table 2.2, and the key reactions 

are summarized here. The initial reaction between CH2I + O2 displays pressure-dependent 

branching as outlined in reactions (R2a), (R2b), and (R2c), with relative quantum yields of 

0.69, 0.04, and 0.27, respectively, at 67 Torr. Ting et al. do not directly assign the products of 

reaction 2b as HCHO + IO, but we chose to do so here based on previous work that found it 

necessary to describe the early-time IO concentrations. CH2OO is removed via several 

reactions. The reverse of reaction (R2a), shown as reaction (R3a), regenerates CH2I, although 

cycling is effectively over in the first ~10 μs following photolysis, beyond which the CH2OO 

concentration declines. There are two major loss processes for CH2OO: self-reaction (R4) and 

reaction with I atoms, which can lead either to HCHO + IO via reaction (R3b) or to the CH2IO2 

adduct via reaction (R3c). IO is formed predominantly by the reactions of I atoms with either 

CH2OO via reaction (R3b) or with the adduct CH2IO2 in reaction R5. In turn, IO loss is driven 

by its self-reaction. shows simulated [CH2OO]t and [IO]t profiles where initial concentrations 

of [CH2I]0 = [I]0 = 4.0×1013 cm–3 and [O2]0 = 2.1×1017 cm–3 were used. The simulations are 

compared to average experimental concentration profiles measured in the absence of any 

carbonyl reactant. The experimental data shown in Figure 2.7 correspond to background 

measurements made in the course of BiAc and Ac experiments. While the simulation 

reproduces the peak [CH2OO] concentration reasonably well the loss is slower than the 

experiment: analysis of the simulated [CH2OO]t profile using equation (E 2.5) yielded kbgd ≈ 
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3000 s–1. The simulated and experimental [IO]t profiles show similar discrepancies; 

maximum IO concentrations are in good agreement, but experimentally IO is observed to 

form much more quickly. Fitting the simulated data to equation (E 2.4) returned bimolecular 

rate constants that were systematically lower than the values used in the model. For the faster 

BiAc reaction, analysis of the simulated [CH2OO]t profiles returned a value of kBiAc,sim = 

(1.18±0.03)×10–11 cm3 s–1, which is 86% of the input value used in the model. The discrepancy 

for the slower Ac reaction was smaller, with kAc,sim = (3.8±0.2)×10–13 cm3 s–1 being 93% of the 

input value. These results could imply that the analysis results in a modest systematic and k-

dependent underestimation of the true bimolecular rate constants. Although, the simulations 

show several qualitative discrepancies from the experiments as will be discussed further 

below. 
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Figure 2.7 Simulated [CH2OO]t and [IO]t profiles at various concentrations of BiAc and Ac. In 

panel (a) [BiAc] / 1015 cm–3 = 0 (solid), 0.4 (dotted), 0.8 (short dash), 1.6, long dash), 3.2 

(dash-dot). In panel (b) [Ac] / 1016 cm–3 = 0 (solid), 0.5 (dotted), 1.0 (short dash), 2.0, long 

dash), 4.0 (dash-dot). Average experimental profiles in the absence of BiAc and Ac are shown 

as blue and red lines respectively, with 1σ uncertainties shaded. Inset: pseudo-first order 

loss rates plotted as a function of the reactant determined from analysis of simulated 

[CH2OO]t profiles. Linear fit is shown with shaded area representing 2σ prediction band. 
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Table 2.2 Mechanism and reaction rate constants used to simulate CH2I + O2 reaction from Ting et al. following the photolysis 

of diiodomethane (R1).164 

# reaction k / cm3 s–1 or s–1 comments 

1 CH2I2 → CH2I + I    

2 CH2I + O2 → products 1.5×10–12 Average of previous measurements. 

2a CH2I + O2 → CH2OO + I 1.2×10–12 Φ = 0.69 at 67 Torr. 

2b CH2I + O2 → HCHO + IO 7.1×10–14 Φ= 0.06 at 67 Torr, products identified based on Foreman and Murray.159 

2c CH2I + O2 + M → CH2IO2 + M 2.9×10–13 Φ = 0.27 at 67 Torr. 

3 CH2OO + I → products  k3 = k3a + k3b + k3c 

3a CH2OO + I → CH2I + O2 6.6×10–11 Reverse of 2a, based on equilibrium constant, adjusted . 

3b CH2OO + I → HCHO + IO 9.0×10–12 Theory predicts 5.5×10–14 cm3 s–1, adjustment needed to reproduce early time IO. 

3c CH2OO + I + M → CH2IO2 + M 1.6×10–11 Estimated based on equilibrium considerations. 

4 CH2OO + CH2OO → 2 HCHO + O2 8.0×10–11 Determined by Ting et al. 164 Value consistent with subsequent JPL recommended 
value 7.1×10–11 cm3 s–1 

5 CH2IO2 + I → ICH2O + IO 3.5×10–11 Gravestock et al.165 Value taken from Table 1, although text suggests range (1–
2)×10–11 cm3 s–1 

6 CH2IO2 + CH2IO2 → 2 ICH2O + O2 9.0×10–11 Gravestock et al.165 citing Sehested et al.166  Text suggests range of (6–12)×10–11 
cm3 s–1 

7 ICH2O → HCHO + I 105 Gravestock et al.165 Value in footnote to Table 1 is 106 s–1 

8 IO + IO → products 9.9×10–11 IUPAC18 recommended value 

 CH2OO + Ac → products 4.1×10–13 This work 

 CH2OO + BiAc → products 1.4×10–11 This work 
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2.4.4 Computational results 

Reaction Energetics: The reactions of CIs with carbonyl compounds primarily occur through 1,3-

cycloaddition across the carbonyl double bond leading to the formation of a cyclic secondary ozonide 

(SOZ).112  Stationary points on this reaction pathway were identified at the M06-2X/aug-cc-pVTZ and 

CBS-QB3 levels of theory for reaction of CH2OO with Ac (an aliphatic ketone), BiAc (a model α-

diketone), and both the diketone (β-diketone) and enolone tautomers of AcAc. The energies 

calculated for reaction of CH2OO with these chosen carbonyls are shown in Table 2.3 at the M06-

2X/aug-cc-pVTZ and CBS-QB3 levels of theory. The reaction pathways are also illustrated in Figure 

2.8 in terms of the changes in free energy (∆G) at 298 K and the electronic energies at 0 K with zero-

Figure 2.8 Stationary points on the potential energy surfaces for reactions of CH2OO with 

representative carbonyls acetone (Ac), biacetyl (BiAc) and both diketone and enolone tautomers 

of acetylacetone (AcAc). Energies of reactants (R), entrance channel van der Waals complex 

(vdW), cycloaddition transition state (TSSOZ), and secondary ozonide products (SOZ) are shown 

for each reaction.  Energies were calculated at the CBS-QB3 level of theory (see Table 2.3) as 

described in the text. Free energies (∆G; 298 K) and zero-point corrected electronic energies (∆E 

+ ZPE; 0 K) are shown in red and black, respectively. 
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point energy (ZPE) correction (∆E + ZPE) calculated at the CBS-QB3 level of theory. Thermal 

corrections are calculated within the rigid rotor, harmonic oscillator (RRHO) approximation and 

inaccuracies due to incomplete treatment of low-frequency vibrations and hindered internal 

rotations are expected. 

As can be seen in Figure 2.8, the cycloaddition reaction is initiated by the formation of a van der Waals 

entrance channel complex (vdW), typically stabilized at the zero-point level by ~7–12 kcal mol–1 with 

respect to the reactants. From the vdW minimum, the cycloaddition transition state (TSSOZ) that leads 

to SOZ formation is higher in energy, but in all cases submerged relative to the separated reactants 

in terms of the zero-point corrected electronic energies. The TSSOZ complex is lower in energy by ~0–

10 kcal mol–1 with respect to reactants depending on the carbonyl species and level of theory used. 

However, the entropic contribution to the free energy moves the relative energies of both the 

entrance channel complex and the transition state structure above the reactants by ~0–3 kcal mol–1 

and ~3–10 kcal mol–1, respectively (see Table 2.3). The formation of the SOZ is highly exoergic (∆G 

ranges from –27 kcal mol–1 to –41 kcal mol–1), and this energized intermediate can undergo several 

further isomerization and decomposition reactions.112  However, we do not characterize these 

subsequent reactions in detail  as the cycloaddition reaction to form the SOZ will be most important 

in dictating the overall reaction kinetics, and the experimental technique used here is insensitive to 

the products formed. 

Overall, both the M06-2X/aug-cc-pVTZ and CBS-QB3 levels of theory provide a similar picture of the 

energetics for the cycloaddition reaction pathway of CH2OO to the carbonyls studied here. For 

acetone, the free energy of the transition state is ~5 kcal mol-1 above the separated reactants. The 

reaction of CH2OO with acetone has been studied previously by Jalan et al.,112 however, only the 

ΔE+ZPE; 0 K energies were reported. Using B3LYP geometries and electronic energies refined with 

RCCSD(T)-F12a, the electronic energies of the vdW and TSSOZ complexes were calculated to be –7.6 
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kcal mol–1 and –4.9 kcal mol–1, respectively. These values are nearer to the CBS-QB3 values reported 

here. This should be expected though, as the CBS-QB3 composite method also utilizes B3LYP 

optimized geometries for subsequent coupled cluster calculations.151 

Table 2.3 Relative energies (ΔE+ZPE at 0 K), including zero-point contributions, and free energies 

(ΔG at 298 K), evaluated using RRHO partition functions, calculated at the M06-2X/aug-cc-pVTZ and 

CBS-QB3 levels for the SOZ pathway (see Figure 2.8) for reactions of CH2OO with acetone (Ac), 

biacetyl (BiAc), and the enolone and diketone tautomers of acetylacetone (AcAc).  All energies are 

reported in kcal mol–1. 

M06-2X/aVTZ 
ΔE+ZPE (ΔG298 K) 

vdW TSSOZ SOZ 

Ac –9.7 (0.7) –6.8 (5.3) –54.3 (–41.0) 

BiAc –10.7 (0.2) –9.5 (2.7) –54.1 (–41.4) 

AcAc (keto) –11.7 (0.2) –5.7 (7.2) –53.2 (–39.2) 

AcAc (enol) –8.1 (2.7) –2.3 (9.5) –41.6 (–28.9) 

CBS-QB3 
ΔE+ZPE (ΔG298 K) 

vdW TSSOZ SOZ 

Ac –7.0 (1.2) –4.0 (5.5) –45.1 (–37.5) 

BiAc –8.4 (0.8) –7.8 (2.5) –45.3 (–37.0) 

AcAc (keto) –7.7 (1.9) –3.1 (7.8) –44.3 (–35.4) 

AcAc (enol) –6.5 (3.1) –0.3 (9.2) –34.4 (–26.8) 
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For BiAc, both levels of theory predict a significantly lower free energy barrier of TSSOZ of ~2.5 kcal 

mol–1 compared to an aliphatic ketone such as Ac. This is qualitatively consistent with the 

experimental results where α-diketones (BiAc and AcPr) have measured rate constants an order of 

magnitude larger than the other carbonyl species (see Table 1). This suggests that α-diketones in 

general undergo rapid cycloaddition reactions with CIs. By contrast, both the enolone and diketone 

tautomers of AcAc have higher barriers to cycloaddition compared to acetone and BiAc. In fact, TSSOZ 

of the enolone tautomer, the dominant tautomer in the gas phase, has a calculated free energy of 

nearly 10 kcal mol-1 above the separated reactants. This would indicate that the reaction rate for SOZ 

formation would be significantly slower for AcAc by comparison to Ac and BiAc. 

In addition to the cycloaddition pathway characterized here, it is also possible for α,β-unsaturated 

carbonyls such as methacrolein (MACR) and methyl vinyl ketone (MVK) to undergo another 

cycloaddition reaction involving the carbonyl oxygen and the β-vinylic carbon leading to a seven-

membered, cyclic adduct.141 However, previous study of the reaction of CH2OO with MACR and MVK 

using PIMS saw no evidence for the formation of these species and concluded that the reaction 

proceeds near exclusively through addition to the carbonyl C-O bond leading to the five-membered, 

cyclic SOZ.141 Though this reaction is also possible for the enolone tautomer of AcAc, we do not 

calculate this alternative cycloaddition pathway given these previous observations. 

With the results from Table 2.3, we can provide an estimate of the relative magnitudes for the rate 

constants of CH2OO with carbonyls using a simplified, two-step model for the overall reaction 

rate.79,95,96 

CH2OO + R(CO)R′ ⇌ [vdW] → SOZ (R 2.1) 
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For this model, it is assumed that the vdW complex formation is in an established equilibrium such 

that the rate constant for the reaction for a given carbonyl can be expressed as 

𝑘𝑘C=O =  𝐾𝐾eq𝑘𝑘SOZ (E 2.8) 

where 𝐾𝐾𝑒𝑒𝑒𝑒 is the equilibrium constant for vdW complex formation and kSOZ is the rate of passage over 

the cycloaddition transition state (TSSOZ). Canonical transition state theory (CTST) can then be used 

to calculate this rate constant: 

𝑘𝑘SOZ = 𝜅𝜅
𝑘𝑘B𝑇𝑇
ℎ

exp �−
Δ𝐺𝐺°
𝑅𝑅𝑅𝑅

�   (E 2.9) 

Table 2.4  Rate constants at 298 K calculated using the two-step model (E 2.8 – E 2.9) and the 

values of ΔG at the M06-2X/aug-cc-pVTZ and CBS-QB3 levels of theory (see Table 2.3). 

M06-2X/aVTZ Keq / 10–20 cm3 kSOZ / 107 s–1 kC=O / 10–11 cm3 s–1 

Ac 1.3 190 2.4 

BiAc 2.8 8200 230 

AcAc (keto) 3.1 2.5 0.076 

AcAc (enol) 0.044 3.5 0.0015 

CBS-QB3 Keq / 10–20 cm3 kSOZ / 107 s–1 kC=O / 10–11 cm3 s–1 

Ac 0.55 300 1.6 

BiAc 1.0 30000 300 

AcAc (keto) 0.15 21 0.031 

AcAc (enol) 0.02 13 0.0027 
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where κ is the transmission coefficient (assumed to be unity here); kB is the Boltzmann constant; T is 

temperature; h is Planck’s constant. The rate constants calculated with this method are included in 

Table 2.4. While the absolute values of the calculated rate constants using this simplified model differ 

from the experimental values, there is general agreement with observed experimental trends. 

Applying this model at both the M06-2X/aug-cc-pVTZ and CBS-QB3 levels of theory, BiAc is predicted 

to react two orders of magnitude faster than acetone but ~103–104 times faster than the keto- and 

enolone tautomers of AcAc deviating more from the relative rates measured experimentally.  

The rate constants are extremely sensitive to the transition state barrier height, so it is likely that 

further refinement of these energies would improve the theoretical rate constants as well as a more 

Figure 2.9 Schematic molecular orbital diagram, for the 1,3-dipolar cycloaddition reaction 

between CH2OO and HCHO.  Relative orbital energies are based on M06-2X/aug-cc-VTZ 

calculations.  The “antisymmetric” combination (gray) has a large energy gap ΔEA and gives 

rise to the Ψ1, Ψ3 bonding and anti-bonding molecular orbitals.  The “symmetric” combination 

(black) has a smaller energy gap ΔES and gives rise to the Ψ2, Ψ4 pair.  Red arrows: effect of 

electron-donating substituents; blue arrows: effect of electron-withdrawing substituents. 
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accurate treatment of the electronic structure, along with a careful evaluation of the molecular 

partition functions, including hindered internal rotors and tunneling corrections that go beyond the 

RRHO approximation.  

Frontier Molecular Orbitals: The reactions of CIs with carbonyl compounds are typically viewed as 

1,3-dipolar cycloaddition reactions,167 where the CI is the 1,3-dipole and the carbonyl compound is 

the dipolarophile. The mechanism is analogous to a Diels-Alder reaction, which is achieved primarily 

through an interaction between the highest occupied molecular orbital (HOMO) of the electron rich 

species and the lowest unoccupied molecular orbital (LUMO) of the electron deficient species. In the 

case of forming the SOZ, the more electron rich carbonyl oxide would initiate bond formation via 

interaction of its HOMO with the π* LUMO of the carbonyl.124,125 

The effects of carbonyl substituents on reactivity can be understood qualitatively using a model 

initially described by Sustmann,168,169 which considers the symmetry-allowed interactions of the 

molecular orbitals on each reactant and quantitatively using concepts from frontier molecular orbital 

theory.124,125 Figure 2.9 shows schematically the orbitals involved for the model CH2OO + HCHO 

reaction, based on Figure 1 from Sustmann.168 Based on loose symmetry considerations, the CI 

nonbonding orbital (HOMO) interacts with the π* orbital (LUMO) of the carbonyl (“symmetric”, ΔES 

= |nCI – π*C=O|), while the CI π* orbital (LUMO) interacts with the π orbital (HOMO–1) of the carbonyls 

(“antisymmetric”, ΔEA = |π*CI – πC=O|). The former energy gap ΔES is smaller than ΔEA and this 

interaction makes the greater contribution to stabilizing the TS. Electron-withdrawing substituents 

on the carbonyl (dipolarophile) will lower the energies of the π* and π orbitals, decreasing ΔES 

(stabilizing the TS) at the expense of increasing the already larger value ΔEA. In contrast, electron-

donating substituents will raise the energies of the π* and π orbitals, increasing ΔES and de-stabilizing 

the TS. Therefore, it would be expected that carbonyls with electron-withdrawing substituents would 

undergo more rapid cycloaddition with a given CI due to the smaller ΔES energy gap. 
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To explore these trends in more detail, the frontier orbital energies for the n0 and the π* orbitals of 

the simplest CI (CH2OO) and a range of carbonyls with known CI reaction rate constants were 

calculated at the M06-2X/aVTZ level of theory. These values are shown in Table 2.5 along with the 

corresponding values for ΔES and ΔEA. For this analysis, only the π orbitals are considered; we neglect 

any contribution from the non-bonding nO (HOMO) of the carbonyls. These results will be discussed 

further below with detailed comparison to the known CI reaction rate constants of each carbonyl. 

  

Table 2.5 Frontier orbital energies calculated at the M06-2X/aVTZ level. 

 Eπ / eV Eπ* / eV ΔES / eV ΔEA / eV 

CH2OO –8.77a –1.65   

acetaldehyde (AcA) –11.95 0.32 9.09 10.29 

acetone (Ac) –11.51 0.87 9.64 9.85 

hexafluoroacetone (HFA) –14.56 –1.86 6.91 12.91 

biacetyl (BiAC) –12.11 –1.30 7.47 10.46 

acetylpropionyl (AcPr) –12.09 –1.24 7.53 10.44 

acetylacetone (AcAc, diketone) –11.92 –0.42 8.35 10.27 

acetylacetone (AcAc, enolone) –11.72 –0.40 8.37 10.06 

3,3-dimethyl-2,4-pentanedione 
(dMAcAc) –11.60 –0.49 8.28 9.95 

methylvinylketone (MVK) –11.96 –0.78 7.99 10.31 

methacrolein (MACR) –12.65 –0.82 7.95 11.00 
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2.5 Discussion 

2.5.1 Systematic uncertainties in kloss 

Analysis of [CH2OO]t profiles obtained from simulations using the detailed mechanism and rate 

constants for the CH2I + O2 reaction reported by Ting et al.157 suggested that fitting to equation (E 2.5) 

may lead to a possible systematic and k-dependent underestimation of the true bimolecular rate 

constants for the CH2OO + X reactions. For the faster reaction CH2OO + BiAc, the rate constant was 

~84% of the value used in the simulation, while a smaller discrepancy of ~93% was found for the 

slower CH2OO + Ac reaction. We note that the value of kAc (discussed below) is in good agreement 

with previous measurements although a correction for the systematic error implied by the modeling 

would increase it by only 7%, which is within the reported uncertainty. A greater increase of ~19% 

would be implied for the BiAc reaction rate constant. However, the model has sufficient deficiencies, 

which would suggest that any such correction is unjustified. 

As has already been noted, the decay rate of CH2OO and formation rate of IO in the absence of an 

additional reactant are both underpredicted when compared to the experimental data, although the 

peak concentrations are well-reproduced. Inclusion of BiAc or Ac reactions in the simulation leads to 

increased loss rates of CH2OO, which were observed experimentally, but also decreased yields of IO, 

which were not. Within the reaction model, IO is formed by the reactions of I atoms with CH2OO via 

reaction (R3b) or with CH2IO2 via reaction (R5). Increasing BiAc or Ac concentrations compete with 

I atoms for CH2OO and reduce the contribution of reaction (R3b) to the IO yield. At the highest 

simulated reactant concentrations, maximum [IO] is reduced by around a factor of two relative to the 

background conditions, in contrast to the experiments, which show no noticeable effect on the [IO]t 

profiles. 



51 

Neither rate constant for IO production used in the model has been measured directly. Ting et al.157 

report a value of 9.0×10–12 cm3 s–1 for reaction (R3b), although this value was adjusted significantly 

from a much smaller theoretical value of 5.5×10–14 cm3 s–1 to better describe early time IO formation. 

Similarly, the rate constant for reaction (R5) of 3.5×10–11 cm3 s–1 is taken directly from earlier 

estimates based on mechanisms that explicitly did not include the CI.166,165 Adjustment of these rate 

constants, or alternatively exclusion of existing reactions or inclusion of additional reactions could 

be used to bring the simulations into better agreement with the experimental observations across 

the range of reactant concentrations. However, it is unclear that such revisions would necessarily 

provide greater confidence that implied systematic uncertainties in the rate constants for the 

reactions of CH2OO with additional reactants are real. The current experimental results do, however, 

suggest that IO production is effectively decoupled from CH2OO loss. The initial branching fraction 

for reaction (R2a) appears to be in accord with the experimental observations and the maximum 

observed [IO] is consistent with the expected yield of the CH2IO2 adduct via reaction (R2b). A 

parsimonious explanation is that IO is formed near exclusively from conversion of the CH2IO2 adduct, 

likely via reaction (R5), although a significantly larger rate constant for this reaction would be 

necessary to account for the early time kinetics. 

2.5.2 Previous measurements 

Only the CH2OO + Ac reaction has been studied previously. The rate constant determined in this work 

(kAc = 4.1×10–13 cm3 s–1 at 295 K and 67 Torr) is in reasonably good agreement with previous 

measurements made at similar temperatures and pressures. Two previous measurements have used 

the same photochemical method to produce CH2OO. A value of 2.3×10–13 cm3 s–1 was measured by 

Taatjes et al. at 293 K and 4 Torr while Elsamra et al. found a positive pressure dependence over 4–

50 Torr and a rate constant of 3.5×10–13 cm3 s–1 at the upper end of the range at 298 K.111,128 The value 

determined in the current work at 67 Torr lies on the trend suggested by the pressure-dependent 
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measurements in Figure 2.10, which is consistent with the conclusion of Elsamra et al. that their 

experimental conditions corresponded to the low pressure limit. The value of 3.4×10–13 cm3 s–1 

reported by Berndt et al. was determined using ethene ozonolysis to produce CH2OO in synthetic air 

at atmospheric pressure,88 and agrees (within the mutual uncertainties) with the low-pressure 

measurements. 

2.5.3 Mechanism and reactivity trends 

The α-diketones BiAc and AcPr react much more rapidly with CH2OO than acetone, with rate 

constants that are approximately 25 times larger (kBiAc = 1.45×10–11 cm3 s–1 and kAcPr = 1.29×10–11 cm3 

s–1). The larger rate constants for the α-diketone reactions relative to that for acetone can be 

rationalized, at least qualitatively, by the results of the ab initio calculations. The free energy profiles 

Figure 2.10 Pressure dependence of rate constants for the CH2OO + acetone reaction. 

Previous results from Taatjes et al. [T_P12],4 Berndt et al. [B_O15],5 and Elsamra et al. 

[EJBMG16J6 are compared to the current results [CHM21]. A linear fit to the data of 

Elsamra et al. is shown in red, with the shaded area representing a 1σ prediction band. 
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calculated using the CBS-Q3 method are shown in Figure 2.8 for the Ac and BiAc reactions (see also 

Table 2.3) and indicate that the cycloaddition transition state (TSSOZ) is 3.0 kcal mol–1 lower for the 

latter reaction. 

In contrast to the α-diketone reactions, the rate constants obtained for the reactions of the β-

diketones AcAc and dMAcAc with CH2OO are similar in magnitude (kAcAc = 6.6×10–13 cm3 s–1 and kdMAcAc 

= 3.5×10–13 cm3 s–1) to kAc. The picture is more complicated for the β-diketones due to 

tautomerization. For AcAc, the enolone form is strongly favored (~97%) in the gas phase at room 

temperature170,171 and the absorption spectrum of dMAcAc shows features that may indicate some 

degree of tautomerization. Focusing first on AcAc, Figure 2.8 shows the free energy profiles for SOZ 

production via the cycloaddition reaction for both diketone and enolone forms. The free energy 

barriers are higher than that for the benchmark Ac reaction for both tautomers (by 2.3 kcal mol–1 

higher for the minor diketone and 3.7 kcal mol–1 for the major enolone form). Application of the 

Eyring equation would predict rate constants for the diketone that is ~50 and ~500 times smaller 

than Ac reaction (Table 2.4). Weighting for the relative abundances, the minor diketone tautomer 

accounts for one in four reactive encounters and an overall rate constant that is ~400 times smaller 

than that for Ac, while the experiment finds kAc to be ~20% larger than kdMAcAc. The qualitative 

disagreement suggests that additional reaction pathways via the other functional groups (C=C and 

OH) in the enolone form may be available. 

By comparison, rate constants for reactions of CH2OO with alcohols are similar in magnitude (kROH ≈ 

10–13 cm3 s–1),79,94 while reactions with alkenes are significantly slower (kC=C ≈ 10–15 cm3 s–1).115 The 

conjugated enone functionality is shared with methylvinylketone, which reacts with CH2OO with a 

rate constant of kMVK = (5.0±0.2)×10–13 cm3 s–1,141 although the reaction occurs predominantly via 

cycloaddition at the carbonyl group to form the SOZ, rather than reacting at the C=C double bond. 

Detection of the products of the CH2OO + AcAc reaction using techniques such as PIMS or FTIR would 
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be valuable. For the CH2OO + dMAcAc reaction, the smaller rate constant relative to CH2OO + Ac is 

qualitatively consistent with the ab initio prediction of higher energy transition state barrier for the 

diketone, although steric hindrance due to the presence of methyl groups at the C3 position may also 

contribute. The equilibrium constant for dMAcAc tautomerization is unknown, but since it would 

have to involve a terminal C=C bond, it is likely to be disfavored in the absence of additional 

stabilization through conjugation and intramolecular H-bond formation as in AcAc. 

Previously, Taatjes et al.128 used PIMS to study the reactions of CH2OO with acetone (Ac), 

acetaldehyde (AcA), and hexafluoracetone (HFA), confirming the formation of SOZ products (for the 

Ac and HFA reactions). The observed rate constant trend kAc < kAcA ≪ kHFA mirrored the trend in 

Figure 2.11 Inverse correlation between ln k and the energy gap between the carbonyl π* 

orbital (LUMO) and the n0 orbital (HOMO) of CH2OO. Orbital energies were calculated at the 

M06-2X/aVTZ level. Filled circles are measurements from this work, open circles are results 

of previous work. A linear fit with 2σ prediction band is shown (R2 = 0.83).  Reactions 

indicated in the dashed box were not included in the fit. 
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the electron-withdrawing character of the carbonyl substituents CH3 < H ≪ CF3, which increasingly 

stabilize the transition state. Here, we demonstrate that reactivity trends can be predicted and 

explained by considering the influence of the substituents on the energies of the frontier orbitals of 

the dipolarophiles. Figure 2.11 shows a plot of ln k against ΔES (see Table 2.5) for a range of CH2OO 

reactions with carbonyl and dicarbonyls. In general, we find a strong inverse correlation (the linear 

fit shown in Figure 2.11 has R2 = 0.83) for CI reactions involving monocarbonyls (AcA, Ac, HFA) or α-

diketones (BiAc, AcPr), however, the conjugated enones (MACR, MVK, AcAc) and the β-diketone 

dMAcAc deviate from the trend and react more slowly than would be predicted. The relationship 

between ln k and ΔES can be used to estimate the rate constant for the simplest reaction of a Criegee 

intermediate with a given carbonyl. For instance, in the reaction of  CH2OO and HCHO, the orbital 

energy gap for this reaction is ΔEFMO = 8.436 eV (see Table 2.5), and based upon the linear fit and 

prediction bands shown in Figure 2.11, we estimate a rate constant of (3.5−1.6
+2.9)×10–12 cm3 s–1. 

An alternative approach to predict rate constants for the 1,3-dipolar cycloaddition reactions between 

CH2OO and carbonyl compounds uses Hammett substituent constants which can be viewed as proxy 

measures of the degree of electron-withdrawing/electron-donating character of the substituents on 

the carbonyl.172,173 Here, we do not perform a standard Hammett analysis but rather observe a strong 

positive correlation between the bimolecular rate constants and the sum of the para position 

Hammett substituent constant (σp) values for the substituents on the carbonyls. Figure 2.12 shows 

that a plot of k versus Σσp is linear with correlation coefficient R2 = 0.93 – an equally large value is 

obtained using the meta position constants, σm. Substituent constants are taken from the work of 

Hansch et al.173 for the carbonyls Ac, AcA, MVK, MACR, BiAc, AcPr, and HFA and are compiled in Table 

2.6. It is important to note, a standard Hammett analysis uses the relationship ln � 𝑘𝑘
𝑘𝑘0
� = 𝜎𝜎𝜎𝜎 where σ 

and ρ are the substituent and reaction constants, respectively, and k0 is the rate constant for a 

reference reaction with σ = 0. For the current data set, a standard Hammett plot is non-linear. While 
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there is an apparent ambiguity in the choice of substituents on the asymmetric α-diketone AcPr, 

which can be viewed as either CH3 and C(O)C2H5 or alternatively as C2H5 and C(O)CH3, the sums Σσp 

values are nearly the same in either case, and the correlation is largely unaffected. As with the frontier 

orbital analysis, this empirical correlation can be used to predict the gas phase rate constant for other 

reactions. For example, using the upper and lower prediction bounds in Figure 2.12 the rate constant 

for the CH2OO + HCHO reaction, for which Σσp = 0, is estimated to be (5.7±0.7)×10–12 cm3 s–1 (1σ 

uncertainty), which is in good agreement with the FMO prediction. 

The use of tabulated Hammett substituent constants may provide a quantitative means to predict 

rate constants for CH2OO + carbonyl reactions; where unavailable, relatively low-cost ab initio 

calculations of the relevant orbital energies may also provide a suitable substitute without the need 

to apply a full TST treatment. For instance, the rate constant for the reaction of the atmospherically 

Table 2.6 Hammett substituent constants for carbonyl compounds. Data taken from Table 1 of 

Hansch et al.7 

substituent # σm  σp 

H 43 0.00 0.00 

CF3 70 0.43 0.54 

CH3 133 –0.07 –0.17 

C2H5 219 –0.07 –0.15 

CH=CH2 193 0.06 –0.04 

C(O)CH3 200 0.38 0.55 

C(O)C2H5 276 0.38 0.48 

C(CH3)=CH2 271 0.09 0.05 
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important α-dicarbonyl glyoxal (Gly) with CH2OO is predicted to be (1.5±0.2)×10–11 cm3 s–1. For the 

related species methylglyoxal (MGly), we estimate rate constants of (1.1±0.2)×10–11 cm3 s–1 for 

reaction at the ketone and (1.7±0.2)×10–11 cm3 s–1 for reaction at the aldehyde group. Experimental 

work to measure the rate constants for the CH2OO + Gly and MGly reactions and test these predictions 

is underway. 

2.5.4 Atmospheric implications 

Acetone is typically found in the troposphere in low concentrations with mixing ratios of <2 ppb.174  

Dicarbonyls (BiAc, AcAc, Gly) have been detected at similar or even lower mixing ratios.175–178  Using 

2 ppb as an upper limit, the rate constants measured (or estimated) in the current work indicate 

CH2OO loss rates of <0.03 s–1 for reaction with Ac or AcAc, and <0.6 s–1 for reaction with BiAc or Gly. 

Figure 2.12 Plot showing correlation between observed rate constants and the sum of the 

para position Hammett constants, σp, for each substituent on the carbonyl. Closed circles are 

from this work, open circles are results of previous work.  A linear fit with 2σ prediction band 

is shown (R2 = 0.93). 
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Consequently, reactions with acetone and dicarbonyl species are in general a negligible sink for 

CH2OO in the troposphere where reaction with water vapor contributes a loss rate of ~2000 s–1 at 

50% RH.133  Reaction with CH2OO (or other CIs) is also likely a very minor sink for the 

carbonyl/dicarbonyl compounds when compared to reaction with OH or photolysis. For example, Ac 

reacts slightly more slowly with OH (1.8×10–13 cm3 s–1)18,91 than with CH2OO, but the much larger 

concentration of OH (~106 cm–3) compared to CH2OO (~104 cm–3)4 leads to the former reaction being 

around 30 times faster. For dicarbonyls too, reaction with OH is generally faster than reaction with 

CH2OO. The rate constant for the OH + AcAc reaction is significantly larger (~9×10–11 cm3 s–1),156,177,179 

while that for the OH + Gly reaction of is similar in magnitude (1.1×10–11 cm3 s–1),18 to the measured 

(or estimated) rate constants for the reactions with CH2OO. Despite the reported rate constant for 

the OH + BiAc reaction being small (2.2×10–13 cm3 s–1),180 reaction with OH is still twice as fast as 

reaction with CH2OO. For dicarbonyls in particular, photolysis is the dominant loss process in the 

troposphere. Photolysis rates of ~104 s–1 for the dicarbonyls (AcAc, BiAc, Gly) have been reported, 

which result in atmospheric lifetimes of only a few hours.156,175,181 The rate of photolysis of Ac is much 

slower (4×10–7 s–1),182 but is still faster than reaction with either OH or CH2OO. Considering all three 

processes, we estimate that reaction with CIs could be responsible for <1% of the loss of Ac and 

<0.1% for BiAc, AcAc, or Gly in the troposphere. 

2.6 Conclusions 

The rate constants for the 1,3-dipolar cycloaddition reactions of the Criegee intermediate CH2OO with 

acetone (Ac), two α-diketones (BiAc and AcPr), and two β-diketones (AcAc and dMAcAc) have been 

measured at a temperature of 295 K and a pressure of 67 Torr. The rate constant measured for the 

Ac reaction in this work [kAc = (4.1±0.4)×10–13 cm3 s–1] is in good agreement with previous 

measurements; acetone dimers may also contribute to reactivity at higher reactant concentrations. 

The α-diketones are significantly (~30–35 times) more reactive towards CH2OO [kBiAc = 
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(1.29±0.15)×10–11 cm3 s–1 and kAcPr = (1.45±0.18)×10–11 cm3 s–1] than Ac. The reactivity trends of 

carbonyl and dicarbonyl species towards CH2OO can be explained using concepts from frontier 

molecular orbital theory – rate constants inversely correlate with the energy gap between the 

“symmetric” LUMO of the carbonyl and the HOMO of CH2OO. The presence of electron-withdrawing 

groups lowers the energy of the carbonyl LUMO, leading to a smaller energy gap, while electron-

donating substituents increase the energy gap. More simply, the rate constants correlate strongly 

with the electron-withdrawing/donating character of substituents quantified by Hammett 

parameters, which may provide a simple predictive approach for rate constants. The β-diketones 

show reactivity towards CH2OO that is similar to that of acetone [kAcAc = (6.59±0.68)×10–13 cm3 s–1 

and kdMAcAc = (3.54±0.79)×10–13 cm3 s–1], although the presence of enolone tautomers clouds the 

picture due to the presence of additional functional groups and the limited range of loss rates suggest 

that these rate constants may be better considered as upper limits. For the more atmospherically 

relevant carbonyl species, the rate constants are too small for these reactions to have a significant 

impact in the troposphere. 
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3 Temperature-Dependent Kinetics of the Reactions of CH2OO with 

Acetone, Biacetyl, and Acetylacetone 

 

 

 

 

 

 

 

 

 

 

 

 

 

Portions of this chapter were reproduced with permission from Cornwell, Z. A.; Enders, J. J.; Harrison, A. W.; 
Murray, C. Temperature-Dependent Kinetics of the Reactions of CH2OO with Acetone, Biacetyl, and 
Acetylacetone. Int. J. Chem. Kinet. 2023, 55 (3), 154–166. https://doi.org/10.1002/kin.21625. 
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3.1 Abstract 

Temperature-dependent rate constants for the reactions of CH2OO with acetone (Ac), biacetyl (BiAc), 

and acetylacetone (AcAc) have been measured over the range 275–335 K using a flash photolysis, 

transient absorption spectroscopy technique. The measurements were performed at a total pressure 

of ~80 Torr in N2 bath gas, which corresponds to the high-pressure limit for these reactions. All three 

reactions show linear Arrhenius plots with negative temperature dependences. Rate constants 

increase in the order Ac < AcAc ≪ BiAc across the temperature range; at 295 K the rate constants are 

kAc = (4.8±0.4)×10–13 cm3 s–1, kAcAc = (8.0±0.7)×10–13 cm3 s–1, and kBiAc = (1.10±0.09)×10–11 cm3 s–1. 

Sensitivity to temperature, characterized by the magnitude of the negative activation energy, 

increases in the order AcAc < BiAc < Ac (Ea /R values of –1830±170 K, –1260±170 K, and –460±180 

K, respectively). CBS-QB3 calculations show that the Ac and BiAc reactions proceed via formation of 

an entrance channel complex followed by 1,3-dipolar cycloaddition to form secondary ozonide 

products via a submerged transition state. For the BiAc reaction, the rate limiting step appears to be 

rearrangement of a long-range van der Waals complex into the short-range complex that 

subsequently leads directly to the cycloaddition transition state with a very low energy barrier. The 

calculations show that two reaction pathways are competitive for AcAc with nearly identical 

transition state free energies (ΔG° = +10.1 kcal mol–1 at 298 K) found for cycloaddition at the C=O and 

at the C=C site of the dominant enolone tautomer. The weak temperature dependence observed is 

likely due to competition between these pathways. 
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3.2 Introduction 

Gas phase alkene ozonolysis proceeds via the well-established Criegee mechanism of 1,3-

cycloaddition across the olefinic bond to form a cyclic primary ozonide (POZ), which promptly 

decomposes into a carbonyl oxide, known as a Criegee intermediate, and a carbonyl compound.14 In 

the troposphere, energized Criegee intermediates (CIs) formed in the ozonolysis of volatile organic 

compounds (VOCs) either undergo unimolecular decomposition, typically generating OH radicals, or 

are stabilized by collisions and subsequently removed by reaction with trace atmospheric 

gases.13,15,16 Over the last decade, the development of more efficient photochemical production 

methods has stimulated a surge of interest in the properties and chemistry of a range of 

CIs.131,23,33,26,31,17,132 The single most important reactive sink in the troposphere for the simplest CI 

(formaldehyde oxide, CH2OO), which is a major product in the ozonolysis of isoprene and other 

terminal or exocyclic alkenes,19 is water vapor, overwhelmingly in the form of water dimer.132 

Reactions with other trace species such as organic acids, SO2, and carbonyl compounds may be 

important in some environments, as well as for substituted CIs.17,132 

 

Table 3.1 Compiled rate constants for CH2OO + acetone reaction at or near room 

temperature. Uncertainties are 1σ. 
 

kAc / 10–13 cm3 s–1 T / K P / Torr Bath gas Reference 

2.3±0.3 293 4 He Taatjes et al.21 

3.0±0.6 298 25 He Elsamra et al.23 

3.4±0.9 297 760 air Berndt et al.22 

4.7±0.1 295 30–100 N2 Chhantyal-Pun et al.25 

4.1±0.1 295 67 N2 Cornwell et al.26 
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Carbonyl compounds are an important class of VOCs that directly influence the oxidative capacity of 

the atmosphere through production of O3 and formation of secondary organic aerosols 

(SOAs).174,183,184 CIs have been shown in ozonolysis experiments to react with aldehydes and ketones 

through a 1,3-dipolar cycloaddition across the carbonyl to form a cyclic 1,2,4-trioxolane secondary 

ozonide (SOZ).136–140 More recent experiments have quantified the rate constants of the reactions of 

CH2OO with acetone and other carbonyls.128,88,111,141,130,126 Table 3.1 summarizes measurements near 

room temperature of the rate constant for the reaction of CH2OO with acetone, one of the most 

abundant carbonyl compounds in the atmosphere.174 The experimental measurements are in 

reasonably good agreement, with rate constants of ~10–13 cm3 s–1. Photoionization mass 

spectrometry (PIMS) measurements also identified the formation of SOZ products.128 Kinetics 

measurements performed across the range 250–500 K find a marked negative temperature 

dependence.111,130 Pressure-dependent measurements in N2 bath gas find that the rate constant 

increases with pressure and that the high-pressure limit is reached by ~30 Torr;130 the smaller rate 

constants observed in He bath gas at similar pressures111 suggest that the identity of the bath gas 

affects the high-pressure limit. The temperature and pressure dependences are consistent with 

computational work for CI + carbonyl reactions that has suggested the reaction proceeds by the 

formation of an entrance-channel van der Waals (vdW) complex followed by passage over the 

cycloaddition transition state (TS) that leads directly to the SOZ product.111,112,142–144 More recently, 

Wang et al. have identified longer range vdW complexes and rearrangement TSs in the reactions of 

CH2OO with acetaldehyde and acetone.185 In the case of acetaldehyde, the novel rearrangement TS 

that separates the outer and inner vdW complexes was found to be rate-limiting. 

Rate constants for CI + aldehyde and ketone cycloaddition reactions strongly depend on the identity 

of the carbonyl substituents.126,128,141,186 Acetaldehyde has a rate constant approximately three times 

larger than acetone,111,128 while for hexafluoroacetone (HFA) the rate constant is two orders of 

magnitude larger.128 Increased rate constants relative to acetone were also found in our previous 
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work on the reactions of CH2OO with α-diketones for which rate constants were ~30 times larger 

than that of acetone, while β-diketones react with similar rate constants.126 The difference in rate 

constants can be attributed to a stabilization of the TS, which can be understood from frontier 

molecular orbital theory considerations.168,124,125 The presence of electron-withdrawing substituents 

lowers the energy of the lowest unoccupied molecular orbital (LUMO) of the carbonyl (the 

dipolarophile), reducing the energy mismatch with highest occupied molecular orbital (HOMO) of 

the CI (the 1,3-dipole). Correlations (or anti-correlations) identified between the experimental rate 

constants and either the orbital energy gap or compiled σp Hammett substituent parameters173 may 

prove useful in the development of structure-activity relationships (SARs). The effect of conjugation 

on reactivity when unsaturated vinyl or allyl substituents are present is less clear.141,186 PIMS 

measurements confirmed that the methyl vinyl ketone (MVK) and methacrolein (MACR) reactions 

occurred at the carbonyl rather than the alkene site, for which much slower rate constants have been 

measured.115 Despite being an enone and enal respectively, rate constants for MVK and MACR are 

similar to that of acetone,141 while acrolein (ACR) reacts with a rate constant similar to that of 

acetaldehyde.186 

Here, we describe the results of experimental and computational work that explores the 

temperature-dependent kinetics of the reactions of CH2OO with acetone (Ac), biacetyl (BiAc), and 

acetylacetone (AcAc), extending our previous study.126 Ac and BiAc are prototypical ketone and α-

diketone species, respectively, while AcAc exists primarily as its enolone tautomer. The reaction 

kinetics are studied over the temperature range of 275–335 K at a pressure of 80 Torr using laser 

flash photolysis transient absorption spectroscopy. Complementary ab initio calculations 

characterize stationary points on the reaction potential energy surfaces, suggesting that the loose 

outer TS is rate-limiting in the BiAc reaction and identifying several new reaction pathways in the 

AcAc reaction. 
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3.3 Experimental and theoretical methods 

Laser flash photolysis transient absorption spectroscopy measurements of the reaction kinetics were 

performed in a recently upgraded apparatus. The stainless steel flow reactor used in our previous 

Criegee intermediate kinetics studies79,100,126 has been replaced by a jacketed glass reactor. The total 

reactor length is 132 cm, with an internal diameter of 2.5 cm. The central 90 cm between the gas inlet 

and outlet ports are jacketed and can be temperature controlled. The cell temperature is controlled 

using a unistat (Huber Tango) and can be varied from 228–523 K. Two Type K thermocouples 

positioned at each end of the flow reactor measure the temperature; the measurements agree to 

within < 1 K and are stable within the same range over the course of experimental kinetics runs. The 

reactant gas mixture inlet and outlet are positioned within the temperature-controlled region of the 

apparatus (20 cm from the windows). The windows are purged with a flow of N2 to reduce build-up 

of residue. The pressure inside the apparatus is measured with a capacitance manometer (MKS, 

902B) situated centrally. 

The flow reactor is evacuated to a base pressure of < 10 mTorr by a rotary vane pump (Leybold 

Oerlikon D16B), throttled by a variable flow valve. Gas flow rates into the reactor are controlled using 

choked flow orifices (O’Keefe), selected to achieve a total flow rate of ~3.8 sLpm. The cell is operated 

at a static pressure of ~80 Torr (stable to within < 1 Torr). The total gas flow comprises a mixture of 

CH2I2, O2, N2, and reactant X (where X = Ac, BiAc, or AcAc). Gases O2 (Airgas, UHP 4.4) and N2 (Airgas, 

HP 4.8) are used directly from the cylinders. Liquids are placed in smog bubblers (Ace Glass) and 

carried into the reactor by a flow of N2. The smog bubblers are maintained at either 273 K in a 

water/ice slush or 295 K in a temperature-controlled water bath to ensure stability of the liquid 

vapor pressure. Concentrations are estimated based on the fractional contributions to the total flow 

and the mole fraction present. Typically, we use [CH2I2] = 1×1015 cm–3, [O2] = 2.1×1017 cm–3, [X] = 0–

2.4×1016 cm–3, with N2 balance. Calibration measurements, in which the carbonyl spectrum is 
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recorded using LEDs centered at 280 nm (Ac, AcAc) or 420 nm (BiAc) using identical flow and static 

conditions, confirm that the effective path length is 90±7 cm and that the ratios of estimated to 

experimentally measured concentrations are not significantly different from one. 

A Nd:YAG laser (Continuum, Surelite II-10) operating at 355 nm is used to initiate CH2OO production 

by photolysis of precursor CH2I2 in the presence of excess O2. The photolysis laser is steered through 

the flow reactor using long-pass dichroics (Semrock, RazorEdge LPD01-335RS). Additional long-pass 

filters (Semrock, EdgeBasic BLP01-355R) prevent any scattered laser light from reaching either the 

spectrograph or pulsed LED driver (described below). Typical pulse energies are ~10 mJ in a 7 mm 

diameter beam, resulting in fluences of ~26 mJ cm–2. The CH2I2 absorption cross section at 355 nm 

(σ355 = 5.0×10–19 cm2) is effectively independent of temperature,187,188 and we estimate that <2% of 

the CH2I2 molecules are photolyzed. Peak concentrations of [CH2OO] ≈ 1×1013 cm–3 (measured as 

described below) are observed approximately 20 μs after photolysis, consistent with the expected 

pressure-dependent yield and rate of the CH2I + O2 reaction.39,157,158 

Transient absorption spectra are recorded in the wavelength range 360–390 nm as a function of 

delay time between photolysis and probe (Δt = tLED – t355). Broadband probe light pulses (200 ns 

duration) are generated using a pulsed LED driver (LightSpeed Technologies, HPLS-36) fitted with a 

UV LED centered at 365 nm (approximate FWHM of ~10 nm, maximum output 800 mW). The LED 

output is highly divergent and is collected using a 2” diameter condenser lens before being focused 

into 200 μm core multi-mode fiber (NA = 0.22) using a f = 6 cm plano-convex lens. The fiber delivers 

the LED pulses to the flow reactor where they are approximately collimated using f = 3.5 cm and f = 

20 cm lenses and counter-propagated through the flow reactor. The transmitted light is recoupled 

into an identical fiber and ultimately dispersed in a spectrograph (Andor Shamrock 33i with iDus 

420 CCD camera, operated with resolution of 2.5 nm). Synchronization of the photolysis laser, LED, 



67 

and spectrograph CCD camera) is performed using a digital delay generator (Quantum Composers, 

9528) controlled by custom data acquisition software (National Instruments, LabVIEW). 

Transient spectra were derived from the average of 400 reference and signal spectra, after 

subtracting the detector baseline from each. Reference spectra were recorded with delay Δt = tLED – 

t355 = –10 μs (i.e. the LED probe pulse is before the laser photolysis pulse), and signal spectra obtained 

at various (typically ~15) delays spread across the range Δt = 2–2000 μs. Kinetics measurements 

were performed under pseudo-1st order conditions of excess reactant ([X] at least 30 times greater 

than [CH2OO]0) by recording transient blanks ([X] = 0) and using five choked-flow orifices to vary [X]. 

The choked-flow orifices were selected randomly in each run to minimize the effects of any 

systematic changes in experimental conditions (e.g. drift in photolysis laser pulse energy or 

degradation of the reactor windows). 

Electronic structure calculations on CH2OO reaction pathways for acetone (Ac), biacetyl (BiAc), and 

the enolone tautomer of acetylacetone (AcAc) were performed with Gaussian 16.146 Equilibrium and 

transition state structures were optimized within the CBS-QB3 compound method that utilizes the 

B3LYP functional for geometry optimization.151 The structures obtained are then used for complete 

basis limit extrapolation based on coupled cluster calculations in CBS-QB3. Minima and transition 

states were confirmed by harmonic frequency analysis. This level of theory was chosen as it has been 

shown to provide reliable thermochemistry for reactions involving the main group elements at 

modest computational cost.152–154 
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3.4 Results 

3.4.1 Experimental kinetics measurements 

The kinetics of the reactions of CH2OO with acetone, biacetyl, and acetylacetone were studied at a 

total pressure of 80 Torr and at the temperatures 275 K, 295 K, 315 K, and 335 K. 

 CH2OO + Ac → SOZ kAc (R 3.1) 

 CH2OO + BiAc → SOZ kBiAc (R 3.2) 

 CH2OO + AcAc → products kAcAc (R 3.3) 

All kinetics measurements were performed under pseudo-1st order conditions of excess carbonyl ([X] 

≫ [CH2OO]0, by factors of 30–3000). Transient absorption spectra in the range 362–395 nm are 

decomposed by fitting to a linear combination of reference CH2OO and IO absorption spectra to 

obtain time-dependent concentrations [CH2OO]t (and [IO]t), as described in our previous 

work.79,100,126 Maximum concentrations of [CH2OO]0 ≈ (6–8)×1012 cm–3 are typically observed around 

20 μs after photolysis and the increased loss rate due to the presence of the carbonyl compound is 

evident. The time required to reach the maximum concentration is minimally affected by the 

presence of Ac, BiAc, or AcAc reactants, although CH2OO yields are generally lower at higher 

temperatures. 

The analysis for the time dependent loss of CH2OO concentrations was described previously. The 

equations and their use in the kinetic model will be reiterated and summarized here. The model 

includes the bimolecular self-reaction, characterized by a rate constant kself, and pseudo-1st order 

loss, with rate constant kloss. The differential rate equation for CH2OO loss is described in E 2.3 from 
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the previous chapter, which can be solved to yield the integrated rate equation, E 2.5 that can be used 

to fit the [CH2OO]t data. Unconstrained fits of the experimental data to Equation E 2.5 are not 

generally reliable, however, particularly when the self-reaction makes comparatively small 

contribution to CH2OO loss, which tends to be the case at lower [CH2OO]0. Neglect of the self-reaction 

reduces the integrated rate equation for [CH2OO]t to a simple exponential decay. Consequently, 

curvature in plots of ln[CH2OO]t against Δt is evidence of non-negligible contribution from the self-

reaction. 

 

In our previous work, we have fixed kself to a previously reported value during fitting. The NASA-JPL 

evaluation91 recommends a value of kself = 7.12×10–11 cm3 s–1, which is the average of several 

measurements all made near room temperature.157,160,118 In order to explore any possible 

temperature dependence of kself, we measured transient absorption spectra in the absence of any CI 

scavenger at 275 K and 335 K. Increasing the laser fluence increases [CH2OO]0 and consequently 

 

Figure 3.1 Laser fluence dependence of [CH2OO]t at 335 K to show increasing [CH2OO]0 and 

increasing curvature at 15 mJ (light gray circles), 20 mJ (gray squares), and 25 mJ (black 

triangles). Fits to determine kloss and kself are also shown, with shading representing 1σ 

prediction bands. Data and fits are sequentially offset horizontally for clarity (+250 μs), 

indicated by the horizontal arrows.  
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leads to a larger contribution of the self-reaction to the CH2OO loss. At photolysis pulse energies > 10 

mJ, plots of ln[CH2OO]t against Δt become increasingly curved (see Figure 3.1) and fitting to Equation 

E 2.5 is able to reliably return values for both kloss and kself. The value of kloss increases with laser 

fluence, consistent with the suggestion that a photochemical product contributes to reactive CH2OO 

loss and is generally lower at the higher temperature, for the equivalent laser fluence. In contrast, the 

values of kself are independent of laser fluence and temperature. We find a value of kself = (7.6±0.8)×10–

11 cm3 s–1 at 275 K and (8.2±0.5)×10–11 cm3 s–1 at 335 K. Combining this value with previous 

measurements157,160,118 gives a temperature-independent weighted average value of kself = 

(7.8±0.4)×10–11 cm3 s–1. This value is used in all subsequent fits of experimental [CH2OO]t time 

profiles using Equation E 2.5. 

 

Figure 3.2 Complete data set of pseudo-first order kinetics for the CH2OO + X reactions over the 

experimental temperature range, 275 K (circles), 295 K (squares), 315 (triangles), and 335 K 

(stars). X = (a) Ac (black), (b) BiAc (red), and (c) AcAc (blue).Solid lines are linear fits with shaded 

areas representing 1σ prediction bands. 
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The complete pseudo-first order kinetics data set for all three carbonyls across the experimental 

temperature range is shown in Figure 3.2. To show a sense of scale between the kinetics of the 

corresponding carbonyls, Figure 3.3 shows CH2OO loss rates obtained on either end of the 

temperature range at 275 K and 335 K. The data in Figure 3.2 and Figure 3.3 confirm the linear 

increase of kloss with increasing carbonyl concentration [X], as expected for pseudo-1st order 

conditions. Linear fits of the experimental kloss data as a function of [X] return the bimolecular rate 

constants, kX, and a background loss rate, kbgd according to Equation E 2.4 

𝑘𝑘loss = 𝑘𝑘bgd + 𝑘𝑘X[X] E 2.4 

The T-dependent bimolecular rate constants obtained from an overall fit to three independent 

kinetics runs are summarized in Table 3.2, where the reported error bars (1σ) combine the statistical 

 

Figure 3.3 Pseudo-1st order plots of observed kloss against reactant concentration at (a) 335 K and 

(b) 275 K for the reactions of CH2OO with Ac (black), BiAc (red), and AcAc (blue). 
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from the linear fits and an estimated 8% uncertainty in the reactant concentrations derived from 

calibration measurements. The T-dependent rate constants for the CH2OO + BiAc reaction (~10–11 

cm3 s–1) are markedly larger than those for the CH2OO + Ac and CH2OO + AcAc reactions (~10–13–10–

12 cm3 s–1) across the temperature range and all three reactions show a negative temperature 

dependence. The background CH2OO loss rates also decrease with increasing temperature (kbgd is 

approximately 1500s–1 at 275 K and 1000 s–1 at 335 K). Arrhenius plots, shown in Figure 3.4, are 

linear over the experimental temperature range. The pre-exponential factors and activation energies 

derived from linear fits are summarized in Table 3.3. The sensitivity of k(T) to changes in 

temperature decreases in the order Ac > BiAc > AcAc, as indicated by the smaller magnitude of Ea. 

The pre-exponential factors suffer from significant statistical uncertainty, particularly for the Ac and 

BiAc reactions.  

Table 3.2 Temperature-dependent bimolecular rate constants (×10–13 cm3 s–1) for the reactions 

of CH2OO with Ac, BiAc, and AcAc at 80 Torr. Reported errors are 1σ based on estimated 8% 

uncertainties in the reactant concentration and statistical uncertainties from the fits. 

T / K kAc kBiAc  kAcAc 

275 7.8±0.6 154±12 10.2±0.8 

295 4.8±0.4 110±9 8.0±0.7 

315 3.3±0.3 89±7 8.7±0.7 

335 2.4±0.2 66±5 7.2±0.6 
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The kinetics of the CH2OO + Ac reaction has been studied by several groups previously and the results 

are summarized in Table 3.1.88,111,126,128,130 The value of kAc = (4.8±0.4)×10–13 cm3 s–1 at 295 K obtained 

in this work agrees well with our previous measurement126 and, where temperature ranges overlap, 

the agreement with the values reported Chhantyal-Pun et al.130 across the range 251–311 K is 

excellent. In contrast, Taatjes et al.128 at 296 K and Elsamra et al.,111 across the range 298-494 K, found 

rate constants that are around a factor of two smaller. As argued by Chhantyal-Pun et al., the 

discrepancy is likely attributable to the different bath gas and pressure conditions used in the earlier 

experiments. As in the current experiments, Chhantyal-Pun et al. used N2 bath gas and furthermore 

they showed that the high-P limit had been reached by ~30 Torr. A series of experiments performed 

to measure CH2OO loss rates in the presence of a fixed concentration of Ac showed no pressure 

dependence across the range 50–100 Torr. Consequently, we conclude that the results of the current 

experiments at 80 Torr N2 are also performed under conditions that correspond to the high-P limit 

and are directly comparable to the results of Chhantyal-Pun et al. The earlier measurements by 

Taatjes et al. and Elsamra et al. used He and were performed at lower pressures (4 Torr and < 25 

Torr, respectively);111,128 a weak positive pressure dependence was observed by the latter group, 

 

Figure 3.4 Arrhenius plots for the reactions of CH2OO with (a) Ac (black circles), (b) BiAc 

(red squares), and (c) AcAc (blue triangles) over the temperature range 275–335 K. 

Shaded areas represent 1σ prediction bands for the linear fits. Fit parameters are 

summarized in Table 3.3. 
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suggesting the high-P limit may not have been reached. The rate constant measured at 297 K and in 

1 atm air by ae high-P limit. The value reported is slightly smaller than more recent values,126,130 but 

agrees within the mutual experimental uncertainties. 

To the best of our knowledge, the only previous report of the kinetics of the reactions of CH2OO with 

BiAc and AcAc is our recent study at 295 K.126 For the BiAc reaction, the value of the rate constant at 

295 K of (1.10±0.09)×10–11 cm3 s–1 is smaller than the previous value of (1.45±0.18)×10–11 cm3 s–1 

(1σ uncertainties). In contrast, the current value of the rate constant for the AcAc reaction of 

(8.0±0.7)×10–13 cm3 s–1 is larger than our previous measurement of (6.6±0.6)×10–13 cm3 s–1. Although 

there is an apparent disagreement, we note that the measurements agree within 2σ uncertainty. We 

consider the current results to be more reliable. Background CH2OO loss rates in the current work 

were significantly slower (~1300 s–1 at 295 K in the current work compared to ~4000–6000 s–1 in 

Cornwell et al.126) and the pseudo-1st order plots span a greater range of kloss. As with the CH2OO + Ac 

reaction, a series of measurements of CH2OO loss rates with known concentrations of BiAc and Ac 

were performed at total pressures in the range 50–100 Torr (see Figure 3.5). No pressure 

dependence was observed, and we conclude that these reactions are either pressure-independent or, 

more likely, also taking place at the high-P limit. 

 

 Ac BiAc AcAc 

A / cm3 s–1 (1.0±0.5)×10–15 (1.6±0.9)×10–13 (1.8±1.1)×10–13 

Ea / kcal mol–1 –3.6±0.3 –2.5±0.3 –0.9±0.3 

(Ea / R) / K –1830±170 –1260±170 –460±180 

ΔS° / cal K–1 mol–1 –42.5±1.1 –32.1±1.2 –32.4±1.1 

ΔH° / kcal mol–1 –4.8±0.3 –2.1±0.4 –3.7±0.3 

 

Table 3.3 Arrhenius and thermodynamic parameters for rate-limiting TS. 
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3.4.2 Computational Results 

3.4.2.1 Cycloaddition at the carbonyl group 

The cycloaddition reactions between CH2OO and Ac, BiAc, and AcAc at the carbonyl group were 

characterized in our previous work.126 Here, we expand on those results and correct a minor error in 

the 0 K energies reported in that publication. The reaction pathway for cycloaddition at the carbonyl 

group consists of an entrance channel van der Waals complex before reaching a transition state 

barrier that leads to the secondary ozonide. However, recent work has shown that another complex 

and transition state pair at further reactant separation can also play an important role in these 

 

Figure 3.5 Left: Observed CH2OO loss rates for the reactions with Ac, BiAc, and AcAc at 295 

K over the total pressure range 50–100 Torr. Reactant concentrations: [Ac] = 8.60×1015  

cm–3, [BiAc] = 9.36×1014  cm–3, [AcAc] = 4.33×1015   cm–3. Horizontal lines are average 

values of ⟨kloss⟩ across the pressure range, with shaded areas representing the 1σ standard 

deviation.  Right: Observed background loss rates in the absence of reactant.  Horizontal 

lines are average values of ⟨kloss⟩ across the pressure range, with shaded areas 

representing the 1σ standard deviation. 
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reactions.185 Therefore, we have also characterized what will be referred to as the outer complex 

(vdWouter)and transition state (TSouter) in addition to the inner complex (vdWSOZ) and transition state 

(TSSOZ) that lead to SOZ products that were characterized previously. The reaction pathways with 0 

K energies (ΔE+ ZPE) and standard Gibbs free energies (ΔG°) at 298 K are shown in Figure 3.6 and 

tabulated in Table 3.4. The 0 K ΔE+ZPE results presented here for the CH2OO + Ac reaction are 

identical to the CBS-QB3 values reported by Wang et al.185 

The 0 K energy profiles in Figure 3.6 (a) show that the long-range complex vdWouter lies around 4 kcal 

mol–1 lower than the reactants for all three reactions. TSouter presents only a modest energy barrier 

 
Figure 3.6 Stationary point (a) energies at 0 K (ΔE+ZPE, solid lines) and (b) free energies at 298 K 

(ΔG°, dotted lines) cycloaddition reactions of CH2OO with acetone (Ac, black), biacetyl (BiAc, red), 

and the enol tautomer of acetylacetone (AcAc, blue) to form a secondary ozonide (SOZ). 
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<2 kcal mol–1 to rearrangement to vdWSOZ, which lies to lower energy than vdWouter for the Ac and 

BiAc reactions. For the Ac and AcAc reactions the five-membered cyclic transition state for SOZ 

formation, TSSOZ is ~+4kcal mol–1 higher in energy relative to vdWSOZ, but only +0.3 kcal mol–1 for the 

BiAc reaction. On the 0 K energy surfaces, TSSOZ presents the largest barrier (relative to the previous 

complex) for the Ac and AcAc reactions, while TSouter is the largest barrier for the BiAc reaction. The 

equivalent ΔG° reaction profiles are shown in Figure 3.6 (b). The reaction profiles are similar for the 

three reactions up to TSouter, at around +5 kcal mol–1 but diverge beyond. For the BiAc reaction, TSouter 

is the highest point on the free energy surface, and is likely rate-limiting, while TSSOZ is significantly 

higher in energy for the Ac and AcAc reactions. 

  

 

 Ac BiAc AcAc 

vdWouter –6.3 (+3.5) –5.5 (+3.0) –6.1 (+3.6) 

TSouter –6.1 (+4.6) –4.9 (+4.9) –4.9 (+4.8) 

vdWSOZ –8.3 (+2.1) –9.9 (+0.8) –7.5 (+2.9) 

TSSOZ –6.1 (+6.5) –9.6 (+2.5) –2.4 (+10.1) 

SOZ –50.3 (–36.6) –50.1 (–37.0) –39.2 (–25.9) 

 

Table 3.4 Relative energies (ΔE+ZPE at 0 K), including zero-point contributions, and free energies 

(ΔG° at 298 K), calculated at the CBS-QB3 levels for the SOZ pathway (see Figure 3.6) for reactions of 

CH2OO with acetone (Ac), biacetyl (BiAc), and the enolone tautomer of acetylacetone (AcAc). All 

energies are reported in kcal mol–1. 



78 

3.4.2.2 Alternate pathways for the enolone tautomer of AcAc 

The enolone tautomer of AcAc has more possible reaction sites than Ac and BiAc given the presence 

of the C=C double bond and the O–H functional group. Therefore, it is of interest to identify if other 

reaction pathways are contributing to the measured reaction rate in addition to cycloaddition at the 

carbonyl group. We have identified four additional transition states that are representative of the 

major reaction pathways but neglect subtle conformational differences that would lead to TSs with 

very similar energies. These new transition states correspond to two cycloadditions at the C=C group 

involving different orientations of CH2OO (O atom of the CI adding either to the α–C or β–C atom, 

labelled as Cα=C and Cβ=C, respectively), a cycloaddition via a seven-membered transition state that 

involves the carbonyl O atom and the β–C atom(labelled Cβ=C–C=O), and a 1,2-addition (1,2-insertion, 

labelled OH) of the CI across the CH2OO, typical of reactions with simple alcohols.79,95,96 These 

transition state structures are shown in Figure 3.7 and the ΔE+ZPE at 0 K and ΔG° at 298 K values for 

 

Figure 3.7 Transition state structures for reactions of the enolone tautomer of AcAc. (a) Cycloaddition 

at the C=C bond with O atom attack at the β-C atom; (b) cycloaddition at the C=C bond with O atom 

attack at the α-C atom; (c) 1,2-addition at the OH group; and (d) cycloaddition via a seven-membered 

cyclic adduct involving the carbonyl O atom and β-C atom. 
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the TSs and the direct products that result are compiled in Table 3.5. In comparison to reaction at the 

carbonyl group, reaction at the C=C double bond would be expected to be the most competitive. In 

fact, reaction in the Cβ=C orientation has a free energy barrier that is equivalent to that for reaction 

at the C=O group (discussed further below). However, reaction at the OH group and the cycloaddition 

reactions involving the Cα=C orientation and the seven-membered TS are likely minor channels given 

that their free energies barriers are significantly higher. 

It is interesting that the Cα=C and Cβ=C isomeric reaction pathways differ so much in relative energy 

(> 5 kcal mol–1). The difference between the isomers is likely due to two effects. Firstly, there is more 

steric hinderance between the CH2 group of CH2OO and the terminal methyl group of AcAc that is not 

present in the Cβ=C transition state. In addition to the steric effects, natural bond orbital (NBO) 

analysis on the enolone tautomer of AcAc reveals that the β–C atom is more electropositive than the 

α–C atom which can result in a more favorable interaction with the electronegative terminal oxygen 

atom in CH2OO. 

Table 3.5 Relative energies (ΔE+ZPE at 0 K), including zero-point contributions, and free energies (ΔG° 

at 298 K) calculated at the CBS-QB3 levels for all reaction pathways for the enolone tautomer of 

acetylacetone (AcAc). TS energies are for the inner transition states (see Figure 3.7). All energies are 

reported in kcal mol–1. 

Reaction Site  
ΔE+ZPE (ΔG°) 

TS Products 

C=O –2.4 (+10.1) –39.2 (–25.9) 

Cβ=C –2.3 (+10.1) –53.1 (–39.9) 

Cα=C +3.3 (+16.1) –46.6 (–33.6) 

OH +9.8 (+20.9) –36.0 (–24.0) 

Cβ= Cα–C=O +10.4 (+23.4) –39.8 (–26.1) 
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3.5 Discussion 

The major experimental result is the clear negative temperature dependences of all three reactions 

studied over the range 275–315 K. The linear Arrhenius plots shown in Figure 3.4 and activation 

energies collated in Table 3.3 indicate that the sensitivity to temperature decreases in order Ac > 

BiAc > AcAc. The CH2OO + Ac reaction is independent of the pressure of N2 bath gas over the range 

50–100 Torr, consistent with earlier work that found the high-pressure limit had been reached by 30 

Torr.130 The rates of the BiAc and AcAc reactions also appear to be independent of pressure over the 

same range and consequently are assumed to also be taking place in the high-P limit regime. In the 

gas phase, AcAc exists as a mixture of diketone and enolone tautomers, with the latter being strongly 

favored. 170,171,189 Using the enthalpy and entropy changes from the van’t Hoff analysis reported by 

Antonov et al.,171 the mole fraction of the dominant enolone tautomer decreases only slightly from 

0.983 to 0.941 across the experimental temperature range. Since the ab initio results described above 

do not suggest any reason to expect the minor diketone to react significantly more rapidly than the 

enolone, we assume in the following discussion that all reactivity is due to the latter. 

While previous work on the cycloaddition of CIs to carbonyls has largely focused on the inner vdW 

complex and TS as the rate-determining step in this reaction, recent work by Wang et al. has shown 

that the long-range outer vdW complex and TS can be rate-limiting in some cases.185 For instance, in 

the reaction of CH2OO and CH3CHO, the energy barriers for the outer complex and TS are higher 

energy and were shown to determine the overall rate. Here, the reaction profile for BiAc (Figure 3.6) 

is like that of acetaldehyde, suggesting that the overall reaction rate is dictated by TSouter. For Ac and 

AcAc, the rate limiting step is expected to be passage over the inner TSSOZ, although for the latter, 

other reaction pathways may be competitive. 

Reactions between CIs and carbonyls are thought to proceed via the following two-step mechanism 

in the high-P limit:111,130 
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 CH2OO + X ⇌ vdW k1/k–1 (R 3.4) 

 vdW → product k2 (R 3.5) 

The highly exothermic second step (R 3.5) is a 1,3-cycloaddition reaction that forms the cyclic 1,2,4-

trioxolane SOZ product. The notation vdW refers to the complex prior to the rate-limiting TS, viz. the 

inner complex for Ac and AcAc, and the outer complex for BiAc. Application of the steady state 

approximation to the vdW complex leads to an expression for the overall reaction rate wherein the 

observed second order rate constant is 

𝑘𝑘obs =
𝑘𝑘2𝑘𝑘1

𝑘𝑘−1 + 𝑘𝑘2
 E 3.1 

If the second step is rate limiting (i.e. in the limit that k–1 ≫ k2), a fast equilibrium between the 

reactants and the entrance channel vdW complex is established and the expression for the observed 

rate constant will be reduced to 

𝑘𝑘obs = 𝑘𝑘2
𝑘𝑘1
𝑘𝑘−1

= 𝑘𝑘2𝐾𝐾1 E 3.2 

 

While this limit seems reasonable for the Ac and AcAc reactions, for which TSin lies at a significantly 

higher energy than the most stable complex, vdWin, the same cannot be said for the BiAc reaction, 

where the small barriers suggest that k2 is likely to be large (see Figure 3.6 and Table 3.4). However, 

in the alternative limit that k2 ≫ k–1, the expression for the observed rate constant reduces to that of 

formation of the relevant vdW complex and 

𝑘𝑘obs = 𝑘𝑘1 E 3.3 
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The value of k2 can be readily calculated using the results of the CBS-QB3 calculations and applying 

canonical transition state theory (CTST). Similarly, we can estimate the value of k–1 using the 

theoretical value for K1 and estimating k1. Upper limits for k1 (and hence lower limits for k–1) can be 

estimated using a simple hard-sphere collision rate, khs. Using k1 ≈ khs, we estimate that the ratio k–

1/k2 has values of order 105, 102, and 10 for AcAc, Ac, and BiAc, respectively, with the values 

increasing with temperature. Consequently, based on the two-step high-P limit model and the 

discussion above, we assume that the observed experimental rate constant represents the product 

of k2 and the equilibrium constant K1. Applying CTST to k2 leads to the expression130 

𝑘𝑘obs(𝑇𝑇) =
𝑘𝑘𝐵𝐵2

ℎ𝑝𝑝°
exp �

Δ𝑆𝑆°
𝑅𝑅
�𝑇𝑇2 exp �−

Δ𝐻𝐻°
𝑅𝑅𝑅𝑅

� E 3.4 

where the values of ΔS° and ΔH° correspond to the change from the reactants to the highest point on 

the free energy surface (ΔG°). For the Ac and AcAc reactions, that corresponds to TSSOZ, while for the 

BiAc reaction it is TSouter (see Figure 3.6 and Table 3.4). The factor 𝑘𝑘𝐵𝐵2 ℎ𝑝𝑝°⁄  is evaluated to be 2.84×10–

12 cm3 s–1 K–2 using p° = 101325 Pa. We fit the experimental T-dependent rate constants to the 

expression 

𝑘𝑘obs(𝑇𝑇) = 𝐴𝐴𝑇𝑇2 exp(−𝐵𝐵/𝑇𝑇) E 3.5 

where the parameters A and B can be related to the entropy and enthalpy via Equation E 3.4. The fits 

are shown in Figure 3.8 and the thermodynamic variables obtained are compiled in Table 3.3. 

Comparing the experimental values of ΔS° and ΔH° obtained from this analysis to the theoretical 

values calculated at the CBS-QB3 level of theory, we find a qualitative trend with the theoretical ΔH° 

values being slightly more negative by ~1.0 – 2.2 kcal mol–1. For ΔS°, there is excellent agreement for 

the experimental and theoretical values for Ac and BiAc with Ac exhibiting a significantly more 

negative value. This is consistent with the expected rate-determining steps for Ac and BiAc based on 
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the reaction profiles in Figure 3.6. For Ac, formation of the TSSOZ is the rate determining step which 

is a tighter (more ordered, higher vibrational frequencies) structure than the TSouter that occurs at 

larger reactant separation. The opposite is true of BiAc where the rate-determining step is passage 

over the looser, higher entropy TS. In contrast, the experimental value of ΔS° for AcAc differs 

substantially from the theoretical value. Given that the rate-determining step for AcAc is the 

formation of TSSOZ, it would be expected to have a more negative ΔS° similar to that of Ac. However, 

the ΔS° is much closer to the value for BiAc. The higher-than-expected entropy for AcAc may be due 

to the contributions of multiple available reaction pathways (Figure 3.7), discussed below. 

Multiple reaction pathways are possible for the reaction of CH2OO with the dominant enolone 

tautomer of AcAc, which shows the weakest T dependence of the reactions studied. The CBS-QB3 

calculations find the smallest, and equivalent, free energy barriers at 298 K for cycloaddition at both 

the C=O and Cβ=C sites (Table 3.5), while reaction at the OH group or other sites is uncompetitive. 

 

Figure 3.8 Plots of kX against T for the reactions of CH2OO with (a) Ac (black circles), (b) BiAc (red 

squares), and (c) AcAc (blue triangles). The solid lines are fits to Equation E 3.5 (see text), used to 

extract thermodynamic parameters for the rate-limiting TS. Shaded areas represent 1σ prediction 

bands. Previous high-P limit measurements in this temperature range from Berndt et al.22 (B15, 

gray circle with dot), Chhantyal-Pun et al.25 (CP19, gray circle with plus), Cornwell et al.26 (C21, 

gray circle with cross) are also shown. 
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Previously, reactions of CH2OO with alkenes have been shown to have rate constants that are 

significantly smaller than acetone but with a positive temperature dependence.115 The overall weak 

T dependence observed for the AcAc reaction may reflect the balance between the expected positive 

and negative T dependences of the rate constants for reaction at the C=C and C=O sites, respectively. 

This interpretation would imply that reactivity at the Cβ=C site is significantly enhanced over that of 

simple alkenes, perhaps enhanced by the presence of the OH group in the enolone tautomer of AcAc. 

Previous work with the ozonolysis of alkenes, which proceeds via a similar cycloaddition mechanism, 

has shown that nearby OH groups enhance the rate of reaction.190 We note that the conjugated π-

system in AcAc is akin to the α,β-unsaturated carbonyl moiety found in species such as MVK, MACR, 

and ACR for which the kinetics of reactions with CH2OO have also been studied.141,186 PIMS 

measurements from Eskola et al.141 confirmed the formation of the 1,2,4-trioxolane SOZ species in 

the MVK and MACR reactions, and it was concluded that the reactions proceed near exclusively 

through cycloaddition at the C=O at room temperature. Further experimental work identifying the 

products of the CH2OO + AcAc reaction would be required to confirm that both reaction mechanisms 

are indeed competitive given that the theoretical ΔG° values indicate that both pathways will occur. 

In the troposphere, the major daytime removal process for BiAc and AcAc is photolysis, which 

dominates over reaction with atmospheric oxidants such as OH or CH2OO, and results in lifetimes of 

only a few hours.175,156 Photolysis is far slower for Ac,182 but still the most important sink. 

Consequently, reactive sinks primarily contribute at nighttime when temperatures are also lower. 

For AcAc, the rate constant for reaction with OH is significantly larger than that for CH2OO, and also 

shows a stronger negative temperature dependence (Ea/R = –980 K for OH + AcAc).177 Consequently, 

reaction with OH becomes increasingly important relative to CH2OO as temperature decreases. In 

contrast, the reactions of OH with Ac (Ea/R = +1320 K)18 and BiAc (Ea/R = +450 K)180 both have 

positive temperature dependences. Loss due to reaction with CH2OO may become relatively more 

important at nighttime, when both the temperature and the OH concentration are lower. Figure 3.9 
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shows the ratio of Ac and BiAc loss rates due to reaction with OH and CH2OO as a function of 

temperature for day and night. Atmpospheric concentrations of CH2OO have been estimated to span 

the range (1–10)×104 cm–3;25,26 the calculations use a estimated value of 2×104 cm–3, while the value 

of [OH] is estimated to be 5×106 cm–3 during the day and 2×105 cm–3 at night.1,2 OH is a more 

important reactive sink than CH2OO in the daytime for both Ac and BiAc across the 220–320 K 

temperature range. Nighttime loss rates due to reaction with CH2OO are larger at all temperatures 

for BiAc, and at T < 260 K for Ac.  

  

Figure 3.9 Temperature dependence of the ratio of Ac (black) and BiAc (red) loss rates due to 

reaction with CH2OO and OH. Calculated ratios based on estimated approximate daytime (dashed 

lines) and nighttime (solid lines) concentrations of CH2OO and OH are shown. 
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3.6 Conclusions 

The T-dependent kinetics of the reactions of CH2OO with Ac, BiAc, and AcAc have been measured over 

the range 275–335 K at total pressure of 80 Torr, which corresponds to the high-P limit. The 

measured rate constants are in good agreement with previous measurements performed under 

similar conditions.130 All three reactions show a negative temperature dependence, with rate 

constants increasing at lower temperature. Characterization of the key stationary points on the 

reaction potential energy (and free energy) surfaces, suggests that the rate limiting step for the fast 

BiAc reaction is a long-range re-orientation TS, akin to that identified in the CH2OO + acetaldehyde 

reaction.185 In contrast, the short-range cycloaddition TS is rate-limiting for the slower Ac and AcAc 

reactions. Four new reaction pathways have been identified computationally for the AcAc reaction, 

with cycloaddition at the Cβ=C site being competitive with the analogous reaction at the C=O site. 

Work is underway to expand the available experimental kinetic data set to include other 

multifunctional VOCs, with a goal of developing SARs with predictive power, analogous to those that 

have been used for alkene ozonolysis.190–195 For Ac and BiAc, the negative temperature dependence 

suggests that CH2OO could be a more significant reactive sink than OH at night, when concentrations 

of the latter are lower and photolysis is absent. 
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4 Temperature-Dependent Kinetics of the Reactions of the Criegee 

Intermediate CH2OO with Hydroxyketones 

 

 

 

 

 

 

 

 

 

 

 

 

 

Portions of this chapter were reproduced with permission from Cornwell, Z. A.; Enders, J. J.; Harrison, A. W.; 
Murray, C. Temperature-Dependent Kinetics of the Reactions of the Criegee Intermediate CH2OO with 
Hydroxyketones. J. Phys. Chem. A 2024, 128 (10), 1880–1891. https://doi.org/10.1021/acs.jpca.4c00156. 
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4.1 Abstract 

Though there is a growing body of literature on the kinetics of CIs with simple carbonyls, CI reactions 

with functionalized carbonyls such as hydroxyketones remain unexplored. In this work, the 

temperature-dependent kinetics of the reactions of CH2OO with two hydroxyketones, 

hydroxyacetone (AcOH) and 4-hydroxy-2-butanone (4H2B), have been studied using a laser flash 

photolysis transient absorption spectroscopy technique and complementary quantum chemistry 

calculations. Bimolecular rate constants were determined from CH2OO loss rates observed under 

pseudo-1st order conditions across the temperature range 275–335 K. Arrhenius plots were linear 

and yielded T-dependent bimolecular rate constants: kAcOH(T) = (4.3±1.7)×10–15exp[(1630±120)/T] 

and k4H2B(T) = (3.5±2.6)×10–15exp[(1700±200)/T]. Both reactions show negative temperature 

dependences and overall very similar rate constants. Stationary points on the reaction energy 

surfaces were characterized using the composite CBS-QB3 method. Transition states were identified 

for both 1,3-dipolar cycloaddition reactions across the carbonyl and 1,2-insertion/addition at the 

hydroxyl group. The free energy barriers for the latter reaction pathways are higher by ~4–5 kcal 

mol–1, and their contributions are presumed to be negligible for both AcOH and 4H2B. The 

cycloaddition reactions are highly exothermic and form cyclic secondary ozonides (SOZs) that are 

the typical primary products of Criegee intermediate reactions with carbonyl compounds. The 

reactivity of the hydroxyketones towards CH2OO appears to be similar to that of acetaldehyde, which 

can be rationalized by consideration of the energies of the frontier molecular orbitals involved in the 

cycloaddition. The CH2OO + hydroxyketone reactions are likely too slow to be of significance in the 

atmosphere, except at very low temperatures. 

  



89 

4.2 Introduction 

Criegee intermediates (CIs) are a zwitterionic species formed in alkene ozonolysis that can impact 

the oxidizing capacity of the troposphere.131,23,26,132 Alkene ozonolysis proceeds via a 1,3-dipolar 

cycloaddition reaction to produce a cyclic 1,2,3-trioxolane, or primary ozonide (POZ), that promptly 

decomposes to form a CI and a carbonyl compound.14,131 While larger CIs tend to undergo 

unimolecular decomposition,27,196 generating OH radicals, the smallest CI, CH2OO, has a longer 

lifetime and may undergo bimolecular reaction with trace atmospheric gases after collisional 

stabilization.74,197 Reaction with water vapor, primarily in the form of water dimer, is the major 

reactive sink for CH2OO,132 although bimolecular reactions with other trace atmospheric gases, such 

as SO2 and organic acids, are occasionally competitive in specific environments and under favorable 

conditions.17,132  

CIs react with carbonyl species in a concerted 1,3-dipolar cycloaddition reaction to form a cyclic 

1,2,4-trioxolane, or secondary ozonide (SOZ). Recently, work in our laboratory has explored the 

effect of varying the carbonyl substituents (R1R2CO, where R1, R2 are alkyl or acyl groups) on the gas-

phase reactivity of a series of ketones and diketones with CH2OO.126,127 Reactivity trends can be 

rationalized using concepts from frontier molecular orbital (FMO) theory.169,198,124,125 The 

cycloaddition mechanism arises primarily from 𝜋𝜋–𝜋𝜋* interactions between the occupied n(pC–pO) 

orbital of the electron rich species (CH2OO) and the unoccupied 𝜋𝜋* orbital of the electron deficient 

species (R1R2CO). Electron withdrawing groups (EWGs) on the carbonyl lower the energy of the 

carbonyl π* orbital, which reduces the energy gap with the CI orbital, stabilizes the transition state 

(TS), and increases reactivity. Electron donating groups (EDGs) have the opposite effect, and 

ultimately decrease reactivity. Hammett substituent constants provide a useful qualitative proxy for 

the electron-donating or withdrawing-character of the substituents on the carbonyl.172,173 
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The kinetics of the reaction of acetone (Ac, R1 = R2 = CH3), a representative model ketone, with CH2OO 

has been thoroughly investigated experimentally,88,111,126–128,130 with recent measurements 

converging on a 298 K rate constant of ~5×10–13 cm3 s–1. Aldehydes (R1 = H, R2 = H or alkyl) react 

faster, with rate constants in the range (1–4)×10–12 cm3 s –1.82,111,128,199,200 The presence of strongly 

electron withdrawing groups increases rate constants further. For example, hexafluoroacetone (HFA, 

R1 = R2 = CF3) has a rate constant of ~3×10–11 cm3 s–1.117,128 The α-diketones, biacetyl (BiAc, R1=CH3, 

R2 = CH3CO) and acetyl propionyl (AcPr, R1 = CH3/C2H5), have both electron-donating alkyl and 

electron-withdrawing acyl substituents, and the reactions ~1×10–11 cm3 s–1.126,127 Where examined, 

all reactions of carbonyls with CH2OO show a negative temperature dependence. 

Our focus in this study is the reactions of CH2OO with two hydroxyketones: hydroxyacetone (acetol, 

AcOH, R1 = CH3, R2 = CH2OH) and 4-hydroxy-2-butanone (4H2B, R1 = CH3, R2 = CH2CH2OH). 

Hydroxyketones are multifunctional VOCs, which present multiple reactive sites and may exhibit 

cooperative effects.93 The reactions of AcOH and 4H2B with CH2OO can occur at the carbonyl or the 

hydroxyl moieties. The latter pathway is expected to be minor, as aliphatic alcohols react with CH2OO 

to form alkoxymethyl hydroperoxides, with rate constants in the range (1–2)×10–13 cm3 s–1 at 298 

K,79,94 smaller than those of most carbonyls. The hydroxymethyl (CH2OH) group has Hammett 

substituent constants of zero, and is neither electron-donating nor withdrawing. Consequently, the 

rate constant for the cycloaddition reaction is anticipated to be comparable to that of acetaldehyde. 

AcOH and 4H2B have also been identified as trace gases in the troposphere,201,202 where they are 

formed as secondary oxidation products of isoprene and other atmospheric hydrocarbons.203–205,76 

AcOH is also produced directly from biomass burning.206,207 The major reactive sink for 

hydroxyketones is reaction with OH radicals, which results in lifetimes of a few days. Kinetics studies 

of the OH + AcOH reaction have produced surprisingly inconsistent results; the IUPAC 

recommendation for the 298 K rate constant is 5.9×10–12 cm3 s–1.208–217 The OH + 4H2B kinetics 
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measurements show similar inconsistencies, but the 298 K rate constant appears to be similar.210,218–

222 Photolysis of both species is far slower than reaction with OH, particularly for AcOH where the 

presence of the α-hydroxyl group causes a ~10 nm blue shift of the first absorption band that reduces 

the absorption at actinic wavelengths (see Figure 4.2).155  

The results of laser flash photolysis transient absorption spectroscopy measurements quantifying 

the temperature-dependent kinetics of the reactions of CH2OO with AcOH and 4H2B across the range 

275–335 K are reported here. Complementary ab initio calculations map out the reaction energy 

profiles and provide a basis for explaining reactivity trends using frontier molecular orbital theory. 

The potential implications of the title reactions in the atmosphere are briefly discussed. 

4.3 Methods 

The temperature-controlled flash photolysis, transient absorption spectroscopy apparatus has been 

described in detail previously,127 and will be summarized briefly here. 

CH2OO was produced in the flow reactor by the photolysis of diiodomethane (CH2I2) in the presence 

of excess O2 using the 355 nm output of an Nd:YAG laser (Continuum Surelite II-10). Typical pulse 

energies were ~10 mJ, resulting in fluences of ~28 mJ cm–2. Absorption spectra were obtained by 

dispersing the output of pulsed LEDs (LightSpeed Technologies) in a spectrograph (Andor Shamrock 

303i with iDus 420 CCD camera). Kinetics measurements used an LED nominally centered at 365 nm 

to obtain transient absorption spectra of CH2OO (and IO) in the range 360–395 nm at various time 

delays after photolysis. Independent absorption measurements were performed in the range 270–

295 nm using an LED centered at 280 nm to quantify reactant concentrations. A digital delay 

generator (Quantum Composers, 9528) synchronized the photolysis laser, LED driver, and CCD 

camera. 
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The flow reactor itself comprises a jacketed quartz tube, with an effective path length of 90 cm. A 

unistat (Huber Tango) precisely controlled the reactor temperature (within < 1 K) over the range 

275–335 K. Gas flows into the reactor were controlled using a range of choked-flow orifices (O’Keefe). 

Gases (O2 and N2) were used directly from the cylinders, while liquids (CH2I2, AcOH, and 4H2B) were 

placed in smog bubblers and carried into the cell by a flow of N2. The smog bubblers were held in a 

water bath maintained at 295 K to prevent evaporative cooling and vapor pressure drop off. 

Measurements with AcOH used a total flow rate of 3.8 sLpm, resulting in a pressure of 78 Torr in the 

reactor. The lower vapor pressure of 4H2B (1.2 Torr versus 3.5 Torr at 295 K)219,223 required a larger 

total flow rate of 4.9 sLpm and a reactor pressure of 100 Torr. Typically, the concentrations in the 

reactor were [CH2I2] = 1.1×1015 cm–3, [O2] = 2.1×1017 cm–3, [AcOH] = (1‒5)×1015 cm–3, [4H2B] = (0.5‒

1.5)×1015 cm–3, with N2 balance. All chemicals were used as supplied: O2 (Airgas, UHP 4.4), N2 (Airgas, 

industrial grade), CH2I2 (Sigma Aldrich, 99%), AcOH (Acros Organics, 90%), and 4H2B (Tokyo 

Chemical Industry, 95%). FT-IR spectra of the headspace above samples of liquid AcOH and 4H2B 

were recorded (see Figure 4.1) using a JASCO 4700 spectrometer to identify any impurities. No bands 

associated with any other organic species were identified, consistent with previous suggestions that 

the likely impurity in AcOH is residual H2O,224 although at levels too low to affect the kinetics 

measurements. 

Electronic structure calculations were performed with the GAMESS and Gaussian 16 programs.146–149 

Geometries of reactants, products, entrance channel complexes, and transition state structures were 

initially optimized using the B3LYP functional with the Dunning-type cc-pVDZ basis set and the 

harmonic frequencies subsequently calculated. The presence of zero or one imaginary frequency 

confirmed that the optimized geometries were true minima or transition states (TSs), respectively. 

Intrinsic reaction coordinate (IRC) calculations were performed to verify that the expected reactants 

and products were reached on either side of the TS. Reaction thermochemistry was determined using 

rigid-rotor harmonic-oscillator (RRHO) partition functions. Additional calculations were performed 
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using the composite CBS-QB3 method to refine the calculated energies.151 The CBS-QB3 method 

provides reliable thermochemistry at modest computational cost.152–154 In addition, the frontier 

molecular orbital energies are obtained from the optimization output at the B3LYP/cc-pVDZ level of 

theory. Previous work has shown the frontier orbital energies calculated at a similar level of theory 

to provide linear correlation with molecular properties such ionization potential, electron affinity, 

and excitation energy.225 

4.4 Results 

4.4.1 Reactant Concentration Measurements 

The AcOH and 4H2B samples were used as provided by the manufacturers, with reported purities of 

90% and 95%, respectively. IR spectra of the headspace above liquid samples of both 

hydroxyketones were recorded in a 10 cm cell with ZnSe windows in a JASCO 4700 FT-IR 

spectrometer to identify any impurities present. The spectra are Figure 4.1. The AcOH spectrum is 

 

Figure 4.1 Headspace FT-IR spectra of AcOH (red) and 4H2B (blue). Also shown is the 

AcOH spectrum (black) obtained from the PNNL IR spectral database.1 
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the same as the that obtained from the PNNL database,206 with no obvious features present that could 

be attributed to impurities. To the best of our knowledge, the gas-phase spectrum of 4H2B has not 

been reported in the literature. The differences in the major features of the corresponding spectra 

for 4H2B and AcOH are most likely attributed to the different number of carbons and hydrogens. The 

C−H modes at ~1300 and ~2900 cm–1 do not agree. The O−H band on 4H2B is blue-shifted, which 

implies it is less hydrogen bonded to the carbonyl oxygen. The carbonyl stretching bands look similar, 

although the absorbance is weaker as a result of the lower vapor pressure of 4H2B. 

As in our previous work,79,126,127 concentrations of the hydroxyketone reactants in the flow cell during 

kinetics measurements can be estimated using reported vapor pressures (3.50±0.17 Torr for AcOH, 

and 1.24±0.04 Torr for 4H2B)219,223 and fractional flow rates. Since the first UV absorption bands of 

both hydroxyketones can be observed using an LED centered at 280 nm,155 their concentrations can 

also be measured directly. Absorption spectra of the hydroxyketones are recorded in the wavelength 

range 275–290 nm under conditions that are otherwise identical to those used in the kinetics 

measurements across the 275–335 K temperature range. Absolute hydroxyketone number densities 

are determined using previously reported absorption cross sections. The first UV absorption bands 

of AcOH and 4H2B have peak cross sections of ~6×10–20 cm2 at ~270 nm and 280 nm respectively, 

as is typical of the excitation to the S1(nπ*) state in carbonyls.155 The only reported measurement for 

4H2B is by Messaadia et al,226 while various measurements exist for AcOH.155,209,212,226 There is a 

discrepancy between the AcOH cross sections recommended by the IUPAC Task Group on 

Atmospheric Chemical Kinetic Data Evaluation and JPL Chemical Kinetics and Photochemical Data 

for Use in Atmospheric Studies Evaluation.91,217 While IUPAC prefers the values of Orlando et al,209 

JPL uses an average of that and lower values measured by Butkovskaya et al.209,212 Since the other 

reported measurements agree well with the JPL recommendation,155,226 we elect to use it to quantify 

[AcOH]exp and determine a concentration scale factor. The UV absorption spectra of both 

hydroxyketones are shown in Figure 4.2. 
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The gradients of plots of measured against estimated concentrations ([X]exp vs. [X]est) (Figure 4.3) 

provide a scaling factor that can be used to correct the estimated hydroxyketone concentrations. 

Previously,126,127 we have found concentration scaling factor values within 10% of unity for acetone 

and diketones, indicating that the estimates give values close to the actual concentrations in the flow 

cell. The hydroxyketone concentration scaling factors deviate from unity, however, as can be seen 

from Figure 4.4. For AcOH, the scale factor is independent of temperature with an average value of 

1.23±0.07, indicating that the actual concentration is slightly higher than estimated. In contrast, the 

values determined for 4H2B suggest that its concentration is overestimated, with an average 

0.59±0.08. The overall uncertainties are estimated from the spread in values obtained in multiple 

measurements across the temperature range.  

 

 

Figure 4.2 UV absorption spectra of AcOH (red) and 4H2B (blue). The shaded area 

indicates the wavelength range covered by the 280 nm LED used for concentration 

measurements. Solar flux (black) is also shown. 
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Deviations from unity for the concentration scaling factors derive primarily from systematic errors 

in [X]est and/or [X]exp, which depend respectively on the hydroxyketone vapor pressures Pvap,X and 

absorption cross sections σX(λ). The T-dependent vapor pressures of AcOH and 4H2B have been 

measured to a high degree of precision,219,223 although several groups have discussed evidence of 

hydroxyketone “stickiness” in the course of kinetics measurements.213,214,226 Wall losses between the 

bubbler and the flow reactor would lead to concentration overestimates and scaling factors <1, which 

is consistent with the observed value for 4H2B but not for AcOH. Based on the FT-IR spectrum of 

AcOH shown in and reported band intensities,206 we estimate a vapor pressure of 3.9±0.4 Torr. If the 

C=O stretch bands of AcOH and 4H2B are assumed to have the same intensity (as supported by ab 

initio calculations) we estimate the vapor pressure of 4H2B to be 0.76±0.11 Torr. The ratios of these 

 

Figure 4.3 Calibration plots of experimental versus estimated concentrations of (a) AcOH 

on the left and (b) 4H2B on the right in the range 275–335 K, blue to red respectively.  



97 

estimated vapor pressures to the literature values219,223 are 1.11±0.12 for AcOH and 0.61±0.09, in 

good agreement with the measured scaling factors and suggesting that the systematic error 

originates in the reported values of Pvap,X. Another possibility for values <1 is that the smog bubbler 

headspace is not saturated with the organic vapor, although the use of the experimental scale factor 

corrects for this effect.  

For the purposes of the kinetics measurements, the absorption cross sections are ultimately of most 

significance as they are used to determine [X]exp directly. As noted above, σAcOH(λ) values 

recommended by IUPAC are 10% greater than the JPL values, which would produce lower values of 

 

Figure 4.4 Scale factors determined from gradient of [X]exp versus [X]est calibration plots 

as a function of temperature. Solid lines are the T-independent average, while shaded 

areas represent the estimated experimental uncertainty, based on the variability of the 

measurements. Values >1 or <1 indicate that reactant concentration is underestimated 

(AcOH) or overestimated (4H2B), respectively. 
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[AcOH]exp and bring the concentration scaling factor value closer to unity (1.12±0.06) and closer to 

the vapor pressure ratio estimated from the FT-IR spectra. Such a change would also require an 

increase in the bimolecular rate constant for reaction with CH2OO proportionally. We proceed on the 

basis that the σX(λ) values used are accurate. The rate constants determined in the experiments 

discussed below are inversely proportional to σX(λ) and can be adjusted appropriately if improved 

values become available in the future. 

4.4.2 Kinetics Measurements 

The kinetics of the reactions of CH2OO with AcOH and 4H2B were studied under pseudo-1st order 

conditions of excess hydroxyketone at four temperatures in the range 275–335 K. The lowest 

hydroxyketone concentrations were approximately two orders of magnitude greater than [CH2OO]0. 

Transient absorption spectra obtained in the range 363–395 nm at various photolysis-probe delay 

 

Figure 4.5 Broadband transient absorption spectra recorded at various time delays after 

photolysis at 295 K. (a) Spectra recorded in the absence of any additional reactive species, 

(b) spectra recorded with [AcOH = 5.1×1015 cm–3. (c) [CH2OO] time profiles resulting from 

fitting the experimental transient spectra. 
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times were decomposed into contributions from CH2OO and IO using known absorption spectra50,161 

to generate [CH2OO]t and [IO]t concentration-time profiles. Examples of typical experimental 

transient spectra recorded with and without AcOH and the resulting [CH2OO]t profiles are shown in 

Figure 4.5. As expected, the CH2OO concentrations are observed to decrease more rapidly with 

increasing hydroxyketone concentration, while the IO concentration profiles remain unaffected. Peak 

Criegee intermediate concentrations of [CH2OO]0 = (6–8)×1012 cm–3 are significantly smaller than 

those of the hydroxyketone reactants, ensuring pseudo-1st order conditions. 

Analysis of the [CH2OO]t profiles used the same kinetic model as described previously and will be 

summarized here.126,127 The differential rate law for CH2OO loss includes a quadratic term for 

bimolecular self-reaction with rate constant kself and a linear term for pseudo-1st order reactions with 

rate constant kloss. The pseudo-1st order rate constants kloss at each hydroxyketone concentration are 

derived from fits of the [CH2OO]t profiles to the integrated rate law, with kself fixed to a T-independent 

value of 7.8×10–11 cm3 s–1.127 Plots of kloss against [hydroxyketone] are linear and a least-squares fit 

(weighted by the uncertainties in both kloss and [hydroxyketone]) returns a background loss rate kbgd 

and the bimolecular rate constant khydroxyketone as the gradient. Examples are shown in Figure 4.6 for 

the reactions of CH2OO with AcOH and 4H2B from 275–335 K. At room temperature, the bimolecular 

rate constants for the CH2OO + AcOH and CH2OO + 4H2B reactions are the same within the statistical 

uncertainties of the fits: kAcOH = (1.09±0.15)×10–12 cm3 s–1 and k4H2B = (1.11±0.26)×10–12 cm3 s–1. As 

has been observed for other reactions of CH2OO with carbonyl species,111,127,130,200 the rate constants 

for the AcOH and 4H2B reactions also decrease with increasing temperature. The complete set of 

measured T-dependent rate constants are summarized in Table 4.1. Background loss rates, attributed 

to reaction with I atoms or other species present in the flow reactor, are typically between ~1000–

1500 s–1 and decrease slightly with increasing temperature. The bimolecular rate constants for the 

CH2OO + hydroxyketone reactions were obtained by averaging three individual kinetic runs at each 

temperature, with errors representing the statistical uncertainty (1σ) in the fit. The same values, 
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although with smaller uncertainties, are obtained from global fits to the complete data sets at each 

temperature. 

 

Arrhenius plots for both reactions are shown in Figure 4.7. The plots are linear over the temperature 

range explored in the experiments and the T-dependent bimolecular rate constants can be expressed 

in Arrhenius form as kAcOH(T) = (4.3±1.7)×10–15exp[(1630±120)/T] and k4H2B(T) = (3.5±2.6)×10–

15exp[(1700±200)/T]. The similarity of the –Ea/R values indicates both reactions are equally 

 

Figure 4.6 Pseudo-1st order plots for the reactions of CH2OO with (a) AcOH and (b) 4H2B 

across the experimental temperature range 275–335 K, blue to red respectively. Vertical 

and horizontal error bars represent statistical uncertainties (1σ) in the loss rates 

determined from fitting [CH2OO] time profiles and uncertainties in the hydroxyketone 

concentration calibration measurements, respectively. Weighted linear fits to the 

experimental data are also shown, with shaded area representing 1σ prediction bands. 
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sensitive to temperature, within the 1σ experimental uncertainties, with negative energies of 

activation of Ea ≈ –3.3 kcal mol–1. 

The thermodynamic formulation of canonical transition state theory (CTST) for a bimolecular gas-

phase reaction can be used to extract the standard entropy, enthalpy, free energy of activation: 

𝑘𝑘 =
𝑘𝑘𝐵𝐵2

ℎ𝑝𝑝°
exp�

Δ‡𝑆𝑆°
𝑅𝑅 �𝑇𝑇2 exp �−

Δ‡𝐻𝐻°
𝑅𝑅𝑅𝑅 � E 4.1 

 

The factor 𝑘𝑘𝐵𝐵2 ℎ𝑝𝑝°⁄  is evaluated to be 2.87×10–12 cm3 s–1 K–2 using p° = 105 Pa. Δ‡S° and Δ‡H° are the 

standard entropy and enthalpy of activation, respectively. The latter is related to the activation 

 

T / K kAcOH /10–12 cm3 s–1 k4H2B / 10–12 cm3 s–1 

275 1.63±0.07 1.70±0.04 

295 1.09±0.15 1.11±0.26 

315 0.75±0.03 0.75±0.09 

335 0.62±0.09 0.60±0.12 

A / 10–15 cm3 s–1 4.3±1.7 3.5±2.6 

Ea/R / K –1630±120 –1700±200 

Ea / kcal mol–1 –3.24±0.23 –3.38±0.40 

Δ‡H° / kcal mol–1 –4.43±0.23 –4.56±0.40 

Δ‡S° / cal K–1 mol–1 –39.5±0.4 –39.9±0.7 

Δ‡G° / kcal mol–1 +7.36±0.26 +7.34±0.46 
 

Table 4.1 T-dependent bimolecular rate constants, Arrhenius parameters, and standard 

enthalpies, entropies, and Gibbs energies of activation at 298 K for the reactions of CH2OO 

with hydroxyacetone and 4H2B. Uncertainties are 1σ statistical uncertainties from the 

fits. 



102 

energy by Δ‡𝐻𝐻° = 𝐸𝐸a − 2𝑅𝑅𝑅𝑅  for a bimolecular reaction.227 Unsurprisingly, given the similarities in 

the T-dependent rate constants, the thermodynamic parameters derived for the AcOH and 4H2B 

reactions are also similar, with Δ‡S° ≈ –40 cal K–1 mol–1, Δ‡H° ≈ –4.5 kcal mol–1, and Δ‡G° ≈ +7.3 kcal 

mol–1 at 298 K. The pre-exponential factors, activation energies, and thermodynamics of activation 

for AcOH and 4H2B are compiled in Table 4.1.  

The pressure dependence of the CH2OO + hydroxyketone reactions was also investigated by 

measuring kloss across the range 80–120 Torr range at 295 K and using a single concentration of each 

hydroxyketone ([AcOH] = (5.1±0.3)×1015 cm–3 and [4H2B] = (8.0±1.1)×1014 cm–3). The total pressure 

was changed by varying the flow rate of the N2 buffer gas, while leaving all other flow rates 

unchanged. The average kloss values as a function of total pressure are shown in Figure 4.8. No change 

 

Figure 4.7 Arrhenius plots for the reaction of CH2OO with AcOH (red) and 4H2B (blue), 

with 1σ statistical uncertainties. The AcOH data has been offset vertically for clarity. Solid 

black lines are linear fits with shaded areas representing 1σ prediction bands. 
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in kloss is observed as the total pressure is varied and the average values are the same as those 

obtained in the kinetics measurements. Based on similar measurements for the CH2OO + Ac 

reaction,127,130 we conclude that the rate constants measured in 80–100 Torr of N2 likely represent 

the high-pressure limit. 

4.4.3 Computational Results 

We have performed ab initio calculations to characterize the reactions of CH2OO with AcOH and 

4H2B. Geometries of the reactants, entrance channel complexes, transition states (TSs), and primary 

products were optimized, initially at the B3LYP/cc-pVDZ level of theory, and harmonic frequency 

analysis performed to confirm minima and saddle points. Intrinsic reaction coordinate calculations 

 

Figure 4.8 Pressure dependence of CH2OO loss rates in the presence of AcOH (red, [AcOH] 

= (5.1±0.3)×1015 cm–3) and 4H2B (blue, [4H2B] = (8.0±1.1)×1014 cm–3) at 295 K. Total 

pressure was varied by changing only the flow rate of the N2 buffer, with all other gas 

flows held constant. The solid lines indicate the average loss rates determined from the 

kinetics measurements. Shaded areas represent 1σ uncertainties.  
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were performed to ensure that the TSs connected the reactant and product minima. Subsequent 

calculations were performed at the CBS-QB3 level of theory to provide improved thermochemistry. 

The CBS-QB3 thermochemistry data, Δ(E+ZPE) at 0 K and ΔH°, ΔG° at 298 K, is summarized in Table 

4.2. 

Preliminary calculations at the B3LYP/cc-pVDZ level of theory were performed to assess the possible 

relevance of different hydroxyketone conformers. Four low-energy conformers were identified for 

each molecule, distinguished primarily by rotations about the α C–C bond and the C–O bond. The 

optimized geometries are shown in Figure 4.9. The most stable hydroxyketone conformers are 

distinguished by the presence of an intramolecular hydrogen bond, resulting in a cyclic five and six 

membered structures for AcOH and 4H2B, respectively. For both hydroxyketones, the Boltzmann 

population distribution is dominated at all temperatures (>98%) by the intramolecular H-bonded 

conformers, which are at least 3 kcal mol–1 lower in energy than the next lowest conformer. Higher 

energy conformers were assumed to play no significant role in the reactions with CH2OO and were 

neglected in subsequent calculations. 

 

  cycloaddition A cycloaddition B 1,2-addition 

AcOH 

vdW –8.7 (–8.3) [+1.3] –8.7 (–8.5) [+2.1] –4.0 (–3.7) [+5.1] 

TS –5.6 (–6.5) [+6.9] –6.2 (–7.2) [+6.7] +2.2 (+1.4) [+13.6] 

product –48.1 (–49.5) [–34.9] –48.3 (–49.8) [–34.8] –48.0 (–48.9) [–35.9] 

4H2B 

vdW –8.3 (–8.0) [+1.8] –8.9 (–8.6) [+1.3] –4.9(–4.6) [+4.1] 

TS –5.7 (–6.5) [+6.4] –6.7 (–7.6) [+5.6] –0.5 (–1.1) [+10.3] 

product –49.2 (–50.6) [–35.8] –49.6 (–51.0) [–36.2] –46.6 (–46.9) [–36.1] 

Ac TS –6.1 (–6.4) [+5.5] – 

MeOH TS – – –2.0 (–3.1) [+9.1] 

 

Table 4.2 CBS-QB3 thermochemistry for the reactions of CH2OO with AcOH and 4H2B: 

ΔE+ZPE @ 0K (ΔH° @298 K) [ΔG°@ 298 K] in kcal mol–1. 
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Hydroxyketones can react with CH2OO as either carbonyls or alcohols. Reaction at the carbonyl site 

occurs via a 1,3-dipolar cycloaddition, leading to the formation of a five membered cyclic trioxolane, 

or secondary ozonide (SOZ). Reaction at the hydroxyl group can occur via a 1,2-addition (or 

insertion) mechanism, leading to a substituted hydroperoxide. The overall zero-point corrected 

energy [Δ(E+ZPE) at 0 K] and Gibbs free energy (ΔG° at 298 K) profiles are shown in Figure 4.10. The 

reactions are similarly exoergic with products lying at values of Δ(E+ZPE) ≈ –50 kcal mol–1 (ΔG° ≈ –

35 kcal mol–1). The entrance channels of both reactions support van der Waals complexes that are 

bound by 4–9 kcal mol–1, while the TSs have energies that are generally below the separated 

 

Figure 4.9 Low-energy conformers of AcOH (left) and 4H2B (right), calculated at the 

B3LYP/cc-pVDZ level. The zero-point corrected energy (kcal mol–1) of each conformer 

relative to the most stable cyclic H-bonded structures is indicated. 
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reactants. On the free energy surface, all entrance channel complexes and TSs are higher in energy 

than the reactants. 

Cycloaddition at the carbonyl site of each hydroxyketone can occur via two near-equivalent pathways 

that differ in the orientation of the CH2OO with respect to the OH group of the hydroxyketone. In 

pathway A, the central O atom of CH2OO is oriented toward the hydroxyalkyl side at TSA, while 

pathway B has the central O oriented towards the methyl side of the hydroxyketone at TSB. The 

optimized TSA and TSB geometries are shown in Figure 4.11. Unsurprisingly, the energies and free 

energies are similar. The free energy barriers for the A and B pathways of the AcOH reaction differ 

by only 0.2 kcal mol–1, while a difference of 0. 8 kcal is found for the 4H2B reaction, slightly favoring 

 

Figure 4.10 CBS-QB3 energy and free energy profiles for the CH2OO + AcOH (red) and 

4H2B (blue). Panel (a) shows Δ(E+ZPE) at 0 K and panel (b) shows ΔG at 298 K for both 

reactions. Solid lines connect stationary points for cycloaddition A, dotted lines for 

cycloaddition B, and dashed lines for 1,2-addition at the OH group. The inset shows a 

magnified view of the entrance channel van der Waals complex (vdW) and the transition 

state (TS) for the cycloaddition pathways. 
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TSB. The larger energy difference for 4H2B arises because of a geometrical distortion of the 

hydroxyethyl group out of the plane, away from the attacking CH2OO, in TSA while the carbon 

backbone maintains planarity in TSB. The TS free energies for reaction at the OH site of the 

hydroxyketones are significantly higher than those for the cycloaddition reactions (almost 7 kcal 

mol–1 for the AcOH reaction and ~4 kcal mol–1 higher for the 4H2B reaction), as shown in Figure 4.10 

and Table 4.2. 

  

 

Figure 4.11 Optimized transition state geometries for the 1,3-dipolar cycloaddition 

reactions of CH2OO with AcOH (a, b) and 4H2B (c, d). The orientation of the central O atom 

of CH2OO oriented towards (a,c) or away (b,d) from the hydroxyl group of the 

hydroxyketone identifies cycloaddition A or B, respectively. Red arrows indicate 

displacement vectors along the reaction coordinate. 
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4.5 Discussion 

The CH2OO + AcOH and CH2OO + 4H2B reactions are found to have almost identical rate constants 

across the 275–335 K temperature range studied experimentally, as summarized in Table 4.1. At 

room temperature (~295 K), the rate constants for both reactions are 1.1×10–12 cm3 s–1, which is 

greater than the reactions of simple ketones by around a factor of two. The rate constant for the 

CH2OO + acetone (Ac) reaction has been measured by various groups, with values in the range kAc = 

(2.3–4.8)×10–13 cm3 s–1 reported,88,111,126–128,130 where the range is likely a consequence of the reaction 

pressure dependence. Measurements at the high-P limit have a weighted average value kAc = 4.3×10–

13 cm3 s–1.88,126,127,130 The rate constant for the CH2OO + methylethylketone (MEK) reaction is slightly 

larger than that of Ac with a value kMEK = 6.4×10–13 cm3 s–1.228 The room temperature rate constants 

 
Figure 4.12 Frontier orbital energies calculated at B3LYP/cc-pVDZ level for CH2OO and 

the carbonyls formaldehyde, acetone, and the hydroxyketones AcOH and 4H2B. Red: S 

orbitals (non-bonding n(pC–pO) for CH2OO, π* LUMO for carbonyls), black: A orbitals (π 

bonding orbitals of carbonyls, π* antibonding for CH2OO), gray: non-bonding (nO 

orbitals). 
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for the hydroxyketone reactions are much closer to that of acetaldehyde (MeCHO), for which rate 

constants in the range kMeCHO = (1.0–1.7)×10–12 cm3 s–1 have been reported.82,128,111 The CH2OO + 

R1R2CO reactions also all show similar negative temperature dependences. 

The reactivity of the hydroxyketones towards CH2OO is increased relative to aliphatic ketones, 

although the effect is largely insensitive to whether the OH is at the α or β position. The OH group 

provides an additional site for reaction via the 1,2-addition mechanism that has been characterized 

for alcohols.79,94–96 In general, alcohols tend to react with CH2OO much more slowly than carbonyls. 

For example, the rate constant for the CH2OO + methanol (MeOH) reaction at room temperature is 

kMeOH = 1.2×10–13 cm3 s–1.79,94 The increased rate constant for the hydroxyketones relative to acetone 

is likely due to enhancement of the 1,3-dipolar cycloaddition mechanism rather than being due to the 

presence of an additional reaction pathway. We note that synergistic rate constant increases arising 

from the presence of different functional groups have been demonstrated in other Criegee 

intermediate reactions. For example, 3-aminopropanol reacts with acetaldehyde oxide, CH3CHOO, in 

a concerted double hydrogen atom transfer (DHAT) step, where both the amine and hydroxyl 

functional groups interact with the CI simultaneously, significantly faster than simple amines or 

alcohols.93,229 Additionally, acetylacetone (AcAc), which exists predominantly as its enolone 

tautomer, has C=O, OH, and C=C sites for reaction with CH2OO. The CH2OO + AcAc reaction is twice as 

fast as CH2OO + Ac at room temperature (kAcAc = 8.0×10–13 cm3 s–1) and shows a weak temperature 

dependence (–Ea/R = 460 K) which can be explained in part by the existence of competitive pathways 

for reaction at both the C=O and C=C sites, where ab initio calculations find similar Δ‡G° values at 298 

K.126,127 Rate constants for CH2OO + alkene reactions are generally much smaller than for carbonyls,115 

and show a positive temperature dependence. For the AcAc reaction, it appears that the adjacent 

carbonyl group may enhance the reactivity at the C=C site. 
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The experimental kinetics observations are supported by the ab initio calculations, which show the 

presence of relatively stable entrance channel complexes followed by TS barriers that are in most 

cases submerged relative to the reactants, consistent with the negative temperature dependences. 

Additionally, no dependence on total pressure was observed in the range 80–120 Torr of N2. A two-

step mechanism for either the cycloaddition or 1,2-addition reactions can be written as 

 CH2OO + R1R2C=O ⇌ complex (R 4.1) 

 complex → products (R 4.2) 

where the products are either SOZs or hydroperoxide species. In the high-P limit, equilibrium is 

established for reaction R1 and the overall rate constant can be represented as 𝑘𝑘 = 𝑘𝑘2𝐾𝐾1, where 𝐾𝐾1 =

𝑘𝑘1 𝑘𝑘−1⁄ . From the perspective of transition-state theory, the magnitude of the overall experimental 

rate constant is largely determined by the standard free energy of activation Δ‡G° at the TS. The 

results of the CBS-QB3 ab initio calculations are summarized in Table 4.2 and Figure 4.10. Free energy 

barriers for the cycloaddition reactions at the carbonyl are calculated to be broadly similar (~+6 kcal 

mol–1) and analysis of the temperature dependence of the rate constants results in values that are in 

good agreement (see Table 4.1). In contrast, the calculated free energy barriers for reaction at the 

hydroxyl group are significantly higher (>10 kcal mol–1). For comparison, the free energy of 

activation for CH2OO reacting with methanol is calculated to be ΔG° = +9.1 kcal mol–1 at the same CBS-

QB3 level of theory (see Table 4.2). That is, the energy barrier for reaction at the OH position is even 

higher in the hydroxyketones than in a simple alcohol like methanol, for which the observed rate 

constant is an order of magnitude lower. The higher energy barrier is consistent with the disruption 

of the intramolecular H-bond in the minimum energy structure of hydroxyketones required for 

reaction at the hydroxyl group. It is only the slightly higher-energy conformers shown in Figure 4.9 

that can take part in the 1,2-addition with CH2OO. Consequently, we conclude that the dominant 

reaction between CH2OO and the hydroxyketones is the 1,3-dipolar cycloaddition at the C=O reaction 
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site. The presence of the hydroxyl group on either the α or β carbon appears to have no significant 

effect on the observed rate constants, consistent with the similarity of the calculated free energy 

barriers.  

Previously,126 we have attempted to rationalize the reactivity trends in 1,3-dipolar cycloaddition 

reactions between CH2OO and carbonyl compounds (R1R2CO, where R1, R2 are alkyl or acyl 

substituents) using a frontier molecular orbital (FMO) theory approach.124,125,169,198 Starting with the 

model of symmetry-allowed orbital interactions developed by Sustmann,169 the cycloaddition 

between carbonyl compounds and CH2OO primarily involves interactions between the out-of-plane 

π and π* orbitals of CH2OO and R1R2CO. The dominant interaction is between the occupied non-

bonding n(pC–pO) molecular orbital of the electron rich species CH2OO (the 1,3-dipole) and the lowest 

unoccupied π* molecular orbital of the electron deficient carbonyl, R1R2CO (the dipolarophile), with 

energy gap |ΔES|. The energy gap |ΔEA| between the occupied carbonyl π orbital and the unoccupied 

π* orbital of CH2OO is, in general, larger and makes a smaller contribution to the reactivity. The 

 

 HCHO AcOH 4H2B Ac 

π* –1.116 –0.762 –0.735 –0.299 

|∆EA| 5.578 5.932 5.959 6.395 

π –10.803 –9.959 –9.714 –9.388 

|∆ES| 6.980 7.538 7.293 6.966 

 

Table 4.3 B3LYP/cc-pVDZ calculated orbital energies (eV) of HCHO, AcOH, 4H2B, and Ac. 

CH2OO π* E = –2.422 eV, n(pC–pO) E = –6.694 eV. |ΔEA| is the magnitude of the energy 

difference between the occupied π orbital of CH2OO and unoccupied π*of the carbonyl 

(dominant). |ΔES| is the magnitude of the difference between the unoccupied π* orbital of 

CH2OO and the occupied π orbital of the carbonyl. The |ΔEA| interaction is always smaller. 
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energies of the carbonyl FMOs are affected by the electron-donating or electron-withdrawing nature 

of the substituents R1 and R2. Electron-donating groups (EDGs) on the carbonyl raise the energy of 

the orbitals, increasing the magnitude of |ΔES|, leading to a decreased reactivity. In contrast, electron-

withdrawing groups (EWGs) lower the orbital energies and have the opposite effect on reactivity. 

The orbital interactions are illustrated in Figure 4.12, which shows the FMOs of CH2OO, and the 

carbonyls formaldehyde (HCHO), AcOH, 4H2B, and acetone (Ac), calculated at the B3LYP/cc-pVDZ 

level of theory.  

 

Figure 4.13 Inverse correlation between reported experimental rate constants at room 

temperature for the reactions of CH2OO with a series of carbonyl compounds and the 

energy gap |ΔES| between the 𝜋𝜋* orbital of the carbonyl and the n(pC–pO) orbital of CH2OO. 

Orbital energies were calculated at the B3LYP/cc-pVDZ level. A linear fit is shown, where 

the shaded area represents 1σ prediction bands. Experimental rate constants are drawn 

from various sources – see text for details. Reactions involving α,β-unsaturated carbonyls 

(gray) were excluded from the fit. 
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The EWG or EDG character of the R1, R2 substituents can be represented by Hammett substituent 

constants, σm and σp, where the subscripts refer to substitution at the meta/para position of benzoic 

acid.173 Positive values indicate EWG character and increased reactivity, while negative values 

indicate EDG character, and reduced reactivity. Among the carbonyls HCHO, AcOH, 4H2B, and Ac, the 

substituents and their Hammett constants are: H (σm = σp = 0); CH3 (σm = –0.07, σp = –0.17), CH2OH 

(σm = σp = 0), while values for CH2CH2OH are unknown. Methyl is electron-donating, raising the 

energies of the frontier orbitals while the others are neither. The effect of the electron-donating 

methyl groups on the calculated FMO energies is evident in Figure 4.12 and Table 4.3. Relative to H, 

each methyl group substituent increases the carbonyl FMO energies by ~0.4 eV. Based on the 

calculated orbital energies in Table 4.3 it is likely that CH2CH2OH is marginally more electron-

donating than CH2OH, due to the presence of the additional methylene group between the hydroxyl 

and the carbonyl. Although the experimental rate constants were found to be indistinguishable, 

accounting for the possible systematic error in the UV absorption cross section of AcOH described 

above would lead to a 10% increase in kAcOH, in line with the expectations of the orbital analysis. 

Previously, we showed that the relationship between observed rate constants and calculated orbital 

energy gaps could be used quantitatively.126 Figure 4.13 shows an updated plot of ln k against the 

magnitude of the orbital energy gap |ΔES|, for a range of CH2OO + R1R2CO reactions. Experimental 

rate constants at room temperature have been obtained from various sources, and are compiled in 

Table 4.4. The data set includes reactions of CH2OO with ketones, α-diketones, aldehydes, and α,β-

unsaturated enones and enals. Where more than one experimental value is available, the weighted 

average rate constant is used. Orbital energies have been calculated at the B3LYP/cc-pVDZ level, 

rather than M06-2X/aug-cc-pVTZ as previously.126 The effect of the electron-donating or electron-

withdrawing character of the R1, R2 substituents on the orbital energy gaps and rate constants leads 

to a strong negative linear correlation. The fastest reaction is with hexafluoroacetone (HFA), which 

has strongly electron-withdrawing substituents (R1 = R2 = CF3, σm = 0.43, σp = 0.54) while the slowest 
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reaction is with acetone, which has electron-donating substituents (R1 = R2 = CH3). For species with 

R1 ≠ R2, such as acetaldehyde (R1 = H, R2 = CH3) or the hydroxyketones, the effect is additive. The α,β-

unsaturated carbonyls such as MVK, MACR, ACR, and the enolone form of AcAc are shown in Figure 

4.13 but clearly deviate from the trend and are not included in the fit. The |ΔES| values for these 

species imply that the reactions with CH2OO should be much faster than observed 

experimentally,126,127,141,186 suggesting that delocalization of the π system reduces the reactivity of the 

carbonyl. Further work is required to explain the reactivity of α,β-unsaturated carbonyls towards 

CH2OO, which deviate from the trend. 

4.6 Atmospheric Implications 

The major reactive sink for hydroxyketones in the atmosphere is reaction with OH radicals. Rate 

constants for reaction with OH are 2.0×10–12exp(–320/T) cm3 s–1 and 1.3×10–12exp(–400/T) cm3 s–1 

for AcOH and 4H2B respectively.217,221 Typical lifetimes for both hydroxyketones reacting with OH 

radical are ~3 days in the troposphere.208,209,213,214,219,221 Comparatively, photolysis has a minor 

contribution with lifetimes of ~12-14 days for AcOH and 26 days for 4H2B.213,221 Temperature-

dependent lifetimes for AcOH and 4H2B were estimated using typical average tropospheric 

concentrations for CH2OO and OH. The average CH2OO concentration was assumed to be 2×104 cm–3, 

although concentrations as high as 1×105 cm–3 have been reported.25,26 The average concentration of 

OH was estimated to be 5×106 cm–3 during the day and 2×105 cm–3 at night.1,2 At 295 K, the 

hydroxyketone reactions with CH2OO are insignificant, with estimated lifetimes >500 days. However, 

the CH2OO reactions show a strong negative T dependence and may become relatively more 

important at lower temperatures. While the hydroxyketone loss rates due to CH2OO increase at lower 

temperature, with lifetimes of ~80 days at 220 K, OH remains the most important reactive sink for 

both hydroxyketones across the temperature range, even at night when OH concentrations are 

markedly lower. 
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4.7 Conclusions 

The kinetics of the CH2OO + AcOH and CH2OO + 4H2B reactions were measured across the 

temperature range 275–335 K using a flash photolysis, transient absorption spectroscopy technique. 

The temperature dependent bimolecular rate constants are kAcOH = (4.3±1.7)×10–

15exp[(1630±120)/T] and k4H2B = (3.5±2.6)×10–15exp[(1700±200)/T]. Complementary ab initio 

calculations confirm that both reactions proceed via 1,3-dipolar cycloaddition at the carbonyl to form 

cyclic secondary ozonides, while reaction at the hydroxyl group via 1,2-addition is insignificant. The 

increased reactivity of hydroxyketones relative to acetone can be understood from a frontier 

molecular orbital theory approach, wherein the cycloaddition involves an interaction between the 

occupied n(pC–pO) orbital of the CH2OO and the unoccupied π* orbital of the carbonyl. Electron-

donating or electron-withdrawing substituents increase or decrease the π* orbital energy. Alkyl 

substituents are electron-donating, which decreases reactivity, while hydroxyalkyl substituents are, 

like H, neither electron-donating nor electron-withdrawing. A strong inverse correlation is found 

between the logarithm of the rate constants and the orbital energy gap for a range of R1R2CO species. 

The reactions of CH2OO with AcOH and 4H2B are unlikely to be significant in the troposphere, where 

reaction with hydroxyl radicals and photolysis control the hydroxyketone lifetimes. 
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R1R2CO R1, R2 𝑘𝑘R1R2CO / 10–13 cm3 s–1 Reference 

formaldehyde (HCHO) H, H 41.1±2.5 Luo et al.9 

  35.0±2.9 unpublished results 

  38.5±1.9 weighted mean 

acetaldehyde (MeCHO) H, CH3 17 Stone et al.10 

  9.5±0.7* Taatjes et al.11 

  13±2 Elsamra et al.12 

  16.1±1.4 unpublished results 

  15.1±1.1 weighted mean 

acetone (Ac) CH3, CH3 2.3±0.3 Taatjes et al.11 

  3.5±0.8 Elsamra et al.12 

  3.4±0.9 Berndt et al.13 

  4.7±0.1 Chhantyal-Pun et al.14 

  4.8±0.4 Cornwell et al.8 

  4.5±0.1 weighted mean 

methyl ethyl ketone (MEK) CH3, C2H5 6.4±0.2 Debnath & Rajakumar15 

hexafluoroacetone (HFA) CF3, CF3 306±27 Taatjes et al.11 

  333±63 Liu et al.16 

  306±27 weighted mean 

biacetyl (BiAc) CH3, CH3CO 129±18 Cornwell et al.8 

acetylpropionyl (AcPr) CH3, C2H5CO 
C2H5, CH3CO 109±13 Cornwell et al.17 

acrolein (ACR) H, CH=CH2 16.3±1.9 Eskola et al.18 

methacrolein (MACR) H, C(CH3)=CH2 4.4±0.1 Eskola et al.18 

methyl vinyl ketone (MVK) CH3, CH=CH2 5.0±0.4 Zhou et al.19 

acetylacetone (AcAc) CH3, CH=C(OH)CH3 8.0±0.7 Cornwell et al.8 

hydroxyacetone (AcOH) CH3, CH2OH 10.9±1.5 this work 

4-hydroxy-2-butanone (4H2B) CH3, CH2CH2OH 11.1±2.6 this work 

 

Table 4.4 Experimental rate constants for CH2OO + R1R2CO reactions at room temperature. 
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5 Structure Activity Relationships for Cycloaddition Reactions with 

Criegee Intermediates: A Computational Study 
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5.1 Abstract 

The bimolecular rate constants for the reactions of Criegee intermediates (CIs) with carbonyls is 

dependent on the identity of the substituents on both reactants. It is our goal to construct a relatively 

low-cost computational tool to predict rate constants based on structure activity relationships 

(SARs) for the cycloaddition reaction between CIs and carbonyls. We calculated optimized 

geometries for several different carbonyls and CIs with a B3LYP/aug-cc-pVDZ level of theory. The 

calculated rate constants from computed free energies of activation are shown to be significantly 

inaccurate. Comparison to experimental rate constants has proven standard transition state theory 

(TST) to be inadequate for predicting rate constants for a number of reasons. With the use of frontier 

molecular orbital (FMO) theory a SAR was developed from a test set of carbonyls: (CH3)2CO, CH3CHO, 

HCHO, (COCH3)2, (CF3)2CO. We observed an inverse correlation between lnk and the carbonyl 𝜋𝜋* 

orbital energies from comparing orbital energies of the substituted carbonyls with experimentally 

determined rate constants. The SAR can be used to predict rate constants for the reaction of COCl2 

and CO(CN)2 with CH2OO with the following equation, ln𝑘𝑘 = (−1.53 ± 0.14)𝐸𝐸π∗ − (29.21 ± 0.29). 

The effect that different substituents have on the reaction between CIs and SO2 was then explored 

with the same approach, using FMO theory. A positive linear correlation was observed between the 

npc-po orbital energies on the CI and experimentally determined rate constants for the reactions of SO2 

with CH2OO, CH3CHOO, and (CH3)2COO. The following equation can be used to predict the rate 

constants for the reaction of different CIs with SO2: ln𝑘𝑘 = (1.66 ± 0.51)𝐸𝐸npC−pO − (12.03 ± 3.39). 
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5.2 Introduction 

The reaction of Criegee intermediates (CIs) with carbonyl compounds has been shown to be sensitive 

to the substituents present on the carbonyl reactants. The identity of substituents R1 and R2 can either 

increase or decrease the reactivity of the carbonyl towards CH2OO, depending on the 

electronegativity. The bimolecular rate constant for the reaction of CH2OO with hexafluoroacetone 

((CF3)2CO) is ~300 times larger than with acetone ((CH3)2CO).117,128 It was apparent that the 

electronegative trifluoromethyl (CF3) groups attached to the carbonyl had a significant impact on the 

reaction rate. We have previously shown a difference in reactivity between α- and β- substituted 

diketones.126,127 The proximity of the adjacent carbonyl has an influence on how fast the cycloaddition 

reaction with CH2OO occurred, with the α- diketones reacting ~30 times faster than acetone. The β-

diketones showed a very minor difference in rate constants compared to acetone. We also showed 

hydroxyketones react twice as fast as acetone, while the proximity of the hydroxyl group from the 

carbonyl had a minimal effect on the rate constant between hydroxyketones.129 Most recently we 

have measured the kinetics of CH2OO with aliphatic aldehydes.230 While the kinetics of other 

aldehydes have been investigated,82,111,128 the bimolecular rate constant for the reaction between 

formaldehyde (HCHO) and CH2OO has only been reported by one other group recently. The single 

methyl (CH3) group on acetaldehyde (CH3CHO) has an influence on rate constant to be less than half 

of the average rate constant reported for HCHO at 298 K. 

The substituent effects on carbonyls in a cycloaddition reaction with CH2OO has been rationalized 

with concepts from frontier molecular orbital (FMO) theory.124,125 We have adapted the qualitative 

understanding of symmetry-allowed orbital interactions from Sustmann, which was based on Diels 

Alder cycloaddition reactions.168,169 A 1,3-dipolar cycloaddition reaction occurs where the electron 

rich 1,3-dipole (CI) initiates bond formation via interaction with the electron-deficient dipolarphile 
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(carbonyl). The electronic properties of a substituent can inductively affect the electron density of 

the carbonyl. The different types of substituents are classified as electron donating groups (EDG) and 

electron withdrawing groups (EWG). The FMO theory approach can be used to understand how the 

orbital energies on the carbonyl change with different substituents, as they interact with the orbitals 

of CH2OO in the 1,3-dipolar cycloaddition transition state (TS). A molecular orbital (MO) diagram 

between CH2OO and formaldehyde (HCHO, R1=R2=H) is shown Figure 5.1. The orbital interactions 

are labeled based on loose symmetry considerations. The occupied non-bonding (npc-po) orbital on 

CH2OO and the unoccupied 𝜋𝜋* orbital of HCHO are symmetric about a center of inversion, and they 

interact to form the molecular orbitals S and S*. The anti-symmetric orbitals are the occupied 𝜋𝜋 

orbital on HCHO and the unoccupied 𝜋𝜋* orbital of CH2OO, which form molecular orbitals A and A*. 

Figure 5.1 Molecular orbital diagram for the cycloaddition reaction between CH2OO (left) 

and formaldehyde (right). The “symmetric” orbitals interact to form the molecular 

orbitals (S, S*) in the black trace, and the “antisymmetric” orbitals form the molecular 

orbitals (A, A*) in the grey trace. The effect of EDGs in red and EWGs in blue are shown by 

the corresponding arrows on the carbonyl 𝜋𝜋 and 𝜋𝜋* orbital energies. 



121 

The interaction with the smaller gap in orbital energies has a larger contribution to stabilizing the 

1,3-dipolar cycloaddition TS. The dominant interaction is shown in black forming S and S*. The effect 

of substituents as EDGs or EWGs on the carbonyl is shown as red and blue arrows respectively. As 

the EWG character of the substituent is increased, the orbital energies on the carbonyl are decreased 

and the S-interaction has a smaller orbital energy gap, making the cycloaddition reaction more 

favorable. The effect of EDGs would increase the orbital energies, which increase the orbital energy 

gap for the S-interaction and effectively slow down the reaction.  

Hammett parameters are a useful tool to gauge how a strong an EDG or EWG substituent may be, 

which can give insight on physical parameters discussed in the text, such as orbital energies. The 

values are measured dissociation constants for substituted benzoic acids. Hansch et al. organized the 

Hammett parameter coefficients for over 200 substituents that have several different electronic and 

steric properties.173 Table 5.1 shows a range of substituents and the corresponding of Hammett 

parameters for both the meta- and para- substituted benzyl positions. The value for the hydrogen 

atom (H) is zero because it is not an EWG or EDG. H is emphasized in the table because it is a reference 

point for where the substituents change from having donating to withdrawing characteristics. Above 

H, the methyl group (CH3) has a negative value and is an EDG, which can be understood as 

deactivating. EWGs are below H and have positive values, which are effectively activating the 

reaction. Chlorine (Cl) atoms are slightly electron withdrawing, whereas acetyl (CH3CO) and 

trifluoromethyl (CF3) groups have more electronegative characteristics and therefore have larger 

Hammett coefficients. The cyano group (CN) is the most effective EWG and largest value that will be 

considered in this study. 

In this chapter we are computationally exploring the reaction of CH2OO with a test set of carbonyls, 

and we will be initially focusing on substituent effects on the carbonyl. With the concepts from FMO 

theory and using DFT calculations, we develop a structure activity relationship (SAR) based on the 
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𝜋𝜋* orbital energies of the carbonyl. We also explore the effect of substituents on the CI using the 

cycloaddition reaction between CH2OO and SO2 to build a separate SAR that is based on the npc-po 

orbital energies of the CIs. By developing SARs based on the orbital energies on the carbonyls and CIs 

separately, we can predict the rate constants of the reactions between CIs and the cycloaddition 

reaction partners. 

  

 

Substituent (Rn) σp σm 

CH3 -0.17 -0.07 

H 0.00 0.00 

Cl 0.23 0.37 

CH3CO 0.5 0.38 

CF3 0.54 0.43 

CN 0.66 0.56 

 

Table 5.1 Hammett parameters for a range of different substituents that are EDGs or EWGs, 

represented as the para- (σp) and meta- (σm) substituted coefficients. 



123 

5.3 Methods 

All electronic structure calculations were performed using GAMESS.148,149 The geometries of the 

reactants, entrance channel complexes, transition state structures, and products were optimized 

using the B3LYP functional with the Dunning’s correlation-consistent polarized valence double zeta 

bases, augmented with diffuse functions (aug-cc-pVDZ).231 The harmonic frequencies of all species 

were calculated and the presence of zero or one imaginary frequency confirmed a true minima or 

transition state was located. Free energies of activation were calculated using rigid-rotor harmonic 

oscillator (RRHO) partition functions. Intrinsic reaction coordinate (IRC) calculations confirmed the 

transition state structures led to the correctly anticipated local and global minima along the potential 

energy surface.   
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5.4 Results and Discussion 

This computational project is focused on a test set of molecules with different substituents (R1 and 

R2) that have either EWG or EDG characteristics. To investigate the relationship between substituent 

effects and the bimolecular rate of reaction between carbonyls and CH2OO, we will explore different 

physical parameters from the DFT calculations such as free energy of activation and orbital energies 

to build a SAR. Experimental rate constants are only available for acetone (CH3, CH3),88,111,126–128,130 

acetaldehyde (H, CH3),82,111,128,230 formaldehyde (H, H),200,230 biacetyl (CH3, COCH3),126,127 and 

hexafluoroacetone (CF3, CF3).117,128 The experimental rate constants shown in the following sections 

are the weighted mean from the multiple reports in the literature. The reactions of CH2OO with 

carbonyl dichloride and carbonyl dicyanide have not been explored experimentally or 

computationally. They were chosen to probe the EWG character the Cl and CN groups. The first few 

sections will be comparing the reactivity of different carbonyls with CH2OO before considering 

substituent effects on different CIs.  

5.4.1 Standard Transition State Theory (TST) 

The general cycloaddition reaction mechanism has been outlined previously, so it will be briefly 

mentioned here.126,127,129 After the reactants pass through a vdW entrance channel complex they 

undergo a 1,3-dipolar cycloaddition transition state before producing a secondary ozonide (SOZ). 

The partition functions, with the rigid-rotor harmonic oscillator (RRHO) approximation, were 

computed to provide thermochemical parameters for the reactions of CH2OO with the test set of 

carbonyls. Shown in Table 5.2, the calculated overall zero-point corrected energies at 0 K and Gibbs 

free energies (kcal mol–1) at the transition state (TS) for the test set of carbonyls. With conventional 

canonical transition state theory (TST), we can calculate the rate constant using the Gibbs free energy 

in Equation 5.1, 
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𝑘𝑘calc = 𝜅𝜅
𝑘𝑘B𝑇𝑇
ℎ

exp �−
Δ𝐺𝐺°
𝑅𝑅𝑅𝑅

�   (E 5.1) 

where κ is the transmission coefficient, kB is the Boltzmann constant, h is Planck’s constant, and T is 

the temperature. Here we assume κ to be equal to 1 and a standard concentration value at 1 bar and 

298 K. 

At the B3LYP/aug cc-PVDZ level of theory, a saddle point did not converge for the reaction between 

HFA and CH2OO, which is the initial drawback of relying on DFT to quantify kinetic information. 

Depending on the method and basis set, a TS may not exist on the specified surface. The comparison 

of the calculated rate constants for the successfully computed reactions shows a significant 

disagreement, which highlights the limitation of the level of theory that was used. We have not 

applied a more appropriate way to approach using calculated Gibbs free energy values to predict rate 

constants. Reliably quantifying thermochemical data from ab-initio calculations requires an accurate 

treatment of the electronic structure along with careful evaluation of the molecular partition 

functions such as including hindered rotors, or improved treatment of anharmonicity as well as 

 

Common Name Δ(E+ZPE) ΔG‡ kcalc / 10–13 cm3 s–1 kexp / 10–13 cm3 s–1 

Acetone –1.53 +11.93 0.01 4.5±0.1 

Acetaldehyde –3.06 +10.62 0.05 12.5±1.1 

Formaldehyde –5.02 +7.55 9.77 38.5±1.9 

Biacetyl –4.49 +8.74 1.31 110±9.0 

 

Table 5.2 Calculated zero point corrected total energies and free energies of activation (kcal mol–1)from 

the B3LYP/ aug-cc-pVDZ level of theory. The bimolecular rate constants were calculated using equation 

E 5.1 to compare to the experimentally measured values (~298 K) shown on the right side. 
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taking into account tunneling contributions.96 The predicted rate constants from the calculated free 

energies of activation result in values that are orders of magnitude lower than the experimentally 

measured values. The calculated rate constant is very sensitive to the free energy of activation, which 

causes inconsistencies such as the reaction of CH2OO with biacetyl being predicted as slower than 

formaldehyde. Aside from a TS calculation already being costly, larger levels of theory would also be 

needed. This was not the goal of this study, we want a convenient low-cost predictive tool that can 

be used in place of experimental methods.  

5.4.2 FMO Theory: Carbonyl Substituents R1 & R2 

The orbital energies for the test set of carbonyls are shown in Table 5.3 with the 𝜋𝜋 and 𝜋𝜋* orbital 

energies (eV) shown beside the experimental rate constants. HCHO is emphasized in Table 5.3 as a 

reference to distinguish where the “origin” is for orbital energies on the carbonyl because the 

hydrogen atom is a baseline for substituent effects, just as Hammett parameters predict. Above HCHO 

is acetone (R1=R2=CH3) and acetaldehyde (R1=H, R2=CH3), where the donating effect of adding one or 

two methyl groups on either side of the carbonyl increases the orbital energies accordingly. Below 

HCHO are carbonyls with a range of different substituents that have increasing EWG character in the 

following order: Cl < COCH3 < CF3 < CN. Overall the rate constants increase as 𝜋𝜋 and 𝜋𝜋* orbitals of the 

carbonyls become increasingly negative. 

The MO diagram for all the carbonyls in the test set is shown in Figure 5.2. In panel (a) the orbitals of 

CH2OO are shown on the left with the non-bonding (npc-po) and 𝜋𝜋* orbital, interacting with the 𝜋𝜋 and 

𝜋𝜋* orbitals of the carbonyls. The occupied non-bonding orbitals on the carbonyls are shown in grey, 

and a shaded box is shown for the compounds that have multiple occupied non-bonding orbitals 

present. The bottom axis shows HCHO in bold, as emphasized in Table 5.3 and Figure 5.4, to show 

the effect of EWGs and EDGs decreasing or increasing the orbital energies respectively. It is worthy 

to not that (COCH3)2 is a dicarbonyl, which pushes the two 𝜋𝜋 orbitals higher in energy than they 



127 

typically would be as separate 𝜋𝜋-systems. In panel (b), the difference in energy (eV) between the A 

or S orbitals was plotted on the common axis labeled by the different carbonyls shown in panel (a). 

The energy gap between the S orbitals is smaller than the A orbital gap for all the carbonyls, which 

implies the S-interaction has more orbital overlap and a larger contribution to controlling the energy 

of the cycloaddition TS with CH2OO. The S-interaction is weaker, and has a larger orbital energy gap, 

because the methyl substituents on acetone (CH3, CH3) are EDGs relative to HCHO (H, H). While the 

A-interaction becomes stronger with a smaller energy gap, it is still less overall. Further analysis with 

substituents that have more EDG character than methyl groups could cause the A-interaction to have 

a smaller energy gap than the S orbitals, therefore a competition could arise for which interaction 

contributes more to the cycloaddition TS.  

 

R1 R2 kX,exp / 10–13 cm3 s–1 𝜋𝜋C=O 𝜋𝜋*C=O 

CH3 CH3 4.5±0.1 –9.7 –0.7 

H CH3 12.5±1.1 –10.1 –1.1 

H H 38.5±1.9 –11.1 –1.7 

Cl Cl N/A –13.3 –2.0 

CH3 COCH3 110±9.0 –10.3 –2.7 

CF3 CF3 306.1±27 –12.3 –3.3 

CN CN N/A –13.9 –4.6 

 

Table 5.3 Calculated orbital energies of different carbonyls in eV. The experimental rate constants are also 

included for the carbonyls that have reported kinetic data at room temperature. Where there were multiple 

reports, the average of the rate constants was taken.  
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To develop a SAR for the reaction between CH2OO and substituted carbonyls, we need to quantify the 

correlation between the orbital energies and bimolecular rate constants. In Figure 5.3 the 

experimental rate constants are plotted as a function of the 𝜋𝜋 and 𝜋𝜋* orbital energies on the carbonyl 

separately in panel (a) and (b). The fitted lines show a direct correlation between ln k and the orbital 

energies of the carbonyl. The orbital energies of CO(CN)2 and COCl2 are shown as blue and green 

arrows leading to the fits to indicate their approximate reactivity with respect to the other carbonyls. 

 

Figure 5.2 Panel (a) MO diagram for the cycloaddition reaction between CH2OO and the 

seven carbonyls listed in Table 5.3. The A and S energy gaps between the orbitals are 

shown in panel (b) (red or black) with the same common bottom axis.  
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A linear regression returns an R2 value of 0.98 for the fit in panel (a) and 0.67 in panel (b). Panel (a) 

shows a clear representation of a SAR between the bimolecular rate constant of the cycloaddition 

reaction with CH2OO and the 𝜋𝜋* orbital energy of the carbonyl. Although it was suggested that both 

orbital interactions A and S contribute to the energy of the cycloaddition TS, Figure 5.3 indicates the 

reactivity is primarily controlled by energy of the 𝜋𝜋* orbitals on the carbonyl. The SAR can be used to 

predict rate constant values with the trendline equation (E 5.2), 

ln 𝑘𝑘 = (−1.53 ± 0.14)𝐸𝐸π∗ − (29.21 ± 0.29) (E 5.2) 

where 𝐸𝐸π∗ is the orbital energy of the unoccupied anti-bonding 𝜋𝜋* orbital on the carbonyl. 

Considering the Hammett parameters in Table 5.1 and the trend in panel (a) of Figure 5.3, the 

chlorines on COCl2 have a slight EWG character relative to H, which results in a predicted rate 

constant of (4.68±0.42)×10–12 cm3s–1, which is marginally faster than the reaction of HCHO with 

Figure 5.3 The energies of the carbonyl 𝜋𝜋* (a) and 𝜋𝜋 (b) orbitals plotted against the 

experimental rate constants for the bimolecular cycloaddition reaction of the specified 

carbonyls with CH2OO. 
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CH2OO. The cyano groups on CO(CN)2 have the greatest relative EWG character in this study, 

resulting in a predicted rate constant of (2.29±0.20)×10–10 cm3s–1.  

5.4.3 Hammett Parameters: Carbonyl Substituents R1 & R2 

Hammett parameters were previously mentioned as a useful reference to understand the electronic 

character of substituents relative to hydrogen as a baseline. Table 5.1 shows the increasing order of 

individual substituents with the corresponding Hammett coefficients. Including the test set of 

carbonyls from the previous section, the geometries of eleven carbonyls were optimized and the 𝜋𝜋* 

orbital energies were plotted as a function of the summed Hammett coefficients in Figure 5.4. Panel 

(a) and (b) show the fitted trends based on the summed σp and σm values. A dotted zero line is shown 

on the horizontal axis to illustrate hydrogens as neutral substituents, represented by the 𝜋𝜋* orbital 

energy of HCHO. The points on the right (positive) of HCHO are associated as activating EWGs and to 

 

Figure 5.4 The carbonyl 𝜋𝜋* orbital energies are plotted as a function of Hammett 

parameters. Panel (a) and (b) show the relationship based on the para- (σp) and meta- 

(σm) substituted positions on benzoic acid. The substituents (R1, R2) that correspond to 

the summed σp and σm values are indicated with text adjacent to the points on the plot. 
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the left (negative) are the deactivating EDGs for the carbonyl compound. The linear regression for 

the fits in panel (a) and (b) returns R2 values of 0.91 and 0.72, which suggests the sum of the σp values 

correlate more with the calculated 𝜋𝜋* orbital energies. By considering σp values and 𝜋𝜋* orbital 

energies as comparable proxies this correlation is a useful guide for understanding the relative 

effects carbonyl substituents in a cycloaddition reaction with CH2OO.  

5.4.4 FMO Theory: Criegee Substituents R1 & R2 

 We can also consider the effect of substituents on the CI (R1R2COO) to further explore reactivity 

trends of the 1,3-dipolar cycloaddition reactions. To the best of our knowledge there are no 

experimental kinetics experiments for a range of CIs that have a common carbonyl reactant. 

Fortunately, there are numerous kinetic studies on the reaction of SO2 with different CIs at room 

temperature, which also proceed through a 1,3-dipolar cycloaddition reaction. A MO diagram is 

shown in Figure 5.5 to qualitatively show the orbital interactions that contribute to the 1,3-dipolar 

cycloaddition reaction between CH2OO and SO2. The effect of changing the substituents on the CI (left 

side) suggests an opposite trend from what was discussed when considering substituent effects on 

the carbonyl in Figure 5.1. The npc-po and 𝜋𝜋* orbital energies on the CI are now changing as 

substituents with different electronic characteristics are added in place of the hydrogens on CH2OO. 

The addition of EWGs (blue arrows) lower the orbital energies, causing the energy gap of the 

dominant S-interaction to increase, which would allow less orbital overlap. Alternatively, the 

addition of EDGs (red arrows) to the CI would increase the energy of the orbitals and the S-interaction 

between the npc-po orbital on the CI and 𝜋𝜋* orbital of SO2 would become more favorable.  
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The substituents that were considered are CH3, H, Cl, and CH3O. The CIs that have experimental rate 

constants for reaction with SO2 are formaldehyde oxide (CH2OO),40,49,82,84,85,117–119,121 acetaldehyde 

oxide (CH3CHOO),119,232–234 and acetone oxide ((CH3)2COO).84,123 We have not considered the α,β-

unsaturated CIs such as methylvinylketone oxide and methacrolein oxide, because the conjugated 𝜋𝜋-

systems have been previously shown to disrupt the correlation between the lnk and 𝜋𝜋* orbital 

energies on carbonyls.126 The rate constants for the reactions of different CIs with SO2 at room 

temperature are listed in Table 5.4. The reaction of CH2OO and SO2 has been well-determined by 

several groups and the reproduced values all agree within the reported uncertainties.40,49,82,84,85,117–

119,121 The syn- and anti- conformers of acetaldehyde oxide (CH3CHOO) have a large discrepancy 

between the bimolecular rate constants with SO2. The bimolecular rate constant for the reaction of 

 

Figure 5.5 Molecular orbital diagram for the cycloaddition reaction between CH2OO (left) 

and sulfur dioxide (right). The “symmetric” orbitals interact to form the molecular orbitals 

(S1, S2) in the black trace, and the “antisymmetric” orbitals form the molecular orbitals (A1, 

A2) in the grey trace. The effect of EDGs in red and EWGs in blue are shown by the 

corresponding arrows on the carbonyl 𝜋𝜋 and 𝜋𝜋* orbital energies. 
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syn-CH3CHOO with SO2 has been reported by four different groups and they all agree within ~20% 

relative uncertainty of each other.119,232–234 The anti- conformer of CH3CHOO has only two reported 

values and they do not agree. Taatjes et al. reported a rate constant of (6.7±1)×10–11 cm3s–1 and Sheps 

et al. showed a rate constant ~3 times larger ((22±2)×10–11 cm3s–1).232,233 The large difference 

between the rate constants for the anti- conformer could be due to a pressure-dependence, but an 

upper limit for this reaction has not been reported. Distinguishing the isomers is the main challenge 

with measuring conformer-dependent bimolecular rate constants between the two isomers of 

CH3CHOO. Taatjes et al. argues the mass signal (m/z=60) is almost entirely due to the presence of 

syn-CH3CHOO, but the ionization energies for the syn- and anti- conformers are 9.4 and 9.3 eV 

respectively.233 The rate constant for the reaction between (CH3)2COO and SO2 was measured by two 

different groups. The unweighted average from results reported by Chhantyal-Pun and Huang et al. 

was taken as the high-pressure limit rate constant.84,123  

The orbital energies of the different CIs compared in this study are shown in Table 5.4, with CH2OO 

(R1=R2=H) outlined as our baseline case with no substituent effects present. The orbital energies for 

the two conformers of CH3CHOO are relatively the same, and the addition of an extra methyl group 

results in slightly larger values for (CH3)2COO. The two CIs that do not have experimental rate 

constants with SO2 are methylformate oxide (CH3OCHOO) and formylchloride oxide (ClCHOO). The 

methoxy (CH3O) group is more electron donating than a simple methyl group and the chlorine (Cl) is 

slightly withdrawing. The separate test case CIs were chosen to have either an EWG and EDG to 

compare to the baseline case of CH2OO. 
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Overall, the S-interaction is dominant over the A-interaction for the reactions of SO2 and the CIs listed 

in Table 5.4. The S-interaction between the CIs and SO2 has smaller energy gaps with the substituents 

that have increasing EDG character above CH2OO, from bottom to top. The log of the rate constants 

were plotted as a function of the non-bonding (npc-po) orbital energies of the CIs in Figure 5.6. The 

linear relationship suggests there is a correlation between the lnk and the CI orbital energies, with 

an R2 value of 0.91. The value for syn-CH3CHOO was masked from the fit, and although the syn- 

conformer doesn’t work with the correlation, it matters least because the dominant loss process for 

syn-CH3CHOO is unimolecular decomposition.23,196 The trendline equation corresponding to the fit in 

Figure 5.6 was rearranged as Equation 5.3 (E 5.3), to provide a rate constant in the form of lnk. 

ln𝑘𝑘 = (1.66 ± 0.51)𝐸𝐸npc−po − (12.03 ± 3.39) (E 5.3) 

 

 

 kX,exp / 10–11 cm3 s–1 npc-po 𝜋𝜋*CI 

CH3OCHOO N/A –6.03 -2.00 

(CH3)2COO 14.3±0.8 –6.31 -1.83 

a-CH3CHOO 14.4±1.5 –6.57 -2.37 

s-CH3CHOO 2.3±0.3 –6.76 -2.32 

CH2OO 3.7±0.3 –7.18 -2.94 

ClCHOO N/A –7.18 -2.87 

 

Table 5.4 Compiled orbital energies of different CIs in eV. The experimental rate constants 

are also included for the CIs that have reported kinetic data at room temperature with SO2.  



135 

The impact of a single chlorine as a substituent, having slight EWG character, has been previously 

discussed to have little effect on the reactivity on carbonyls and the same can be seen for CIs. The 

resultant calculated rate constant for ClCHOO ((4.0±1.2)×10–11 cm3s–1) implies it would react with 

SO2 similarly to CH2OO. The significant EDG character of the methoxy group on CH3OCHOO causes 

the smallest energy gap for the S-interaction between the npc-po orbital and the 𝜋𝜋* orbital of SO2, which 

causes the calculated rate constant to be (2.7±0.8)×10–10 cm3s–1.  

  

 

Figure 5.6 The log of the rate constant of the CIs for the reaction with SO2 plotted as a 

function of the npc-po orbital energies. The reported experimental values are shown in 

black, and the syn- conformer of CH3CHOO was masked from the fit. ClCHOO (red) and 

CH3OCHOO (purple) are shown with the corresponding arrows to indicate where they 

would end up on the trend.  
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5.5 Conclusion 

The concepts from FMO theory have been used to construct SARs that are based on a correlation 

between calculated orbital energies and experimental rate constants. The reaction between CH2OO 

and HCHO was used as a baseline case to explain how substituent effects of EWGs and EDGs on the 

carbonyl can influence the rate of the reaction. An inverse correlation was found between the 𝜋𝜋* 

orbital energy of the carbonyls and the bimolecular rate constants for the reaction with CH2OO. The 

strong linear correlation provides a SAR to predict rate constants for the reaction of CH2OO with 

carbonyls. A separate SAR was developed for the reaction of different CIs with SO2. CH2OO is the 

baseline case and the reaction with SO2 is faster with EDGs on the CIs. There is not a large body of 

research that explores the experimental rate constants of the reaction of SO2 with various CIs. Aside 

from having a large discrepancy in the measured rate constants for the two isomers of acetaldehyde 

oxide, there are only three rate constants that were used to develop the SAR for substituted CIs. More 

work is needed to predict rate constants for substituted CIs. The utility of the developed SARs has 

potential in predicting rate constants for more atmospherically relevant reactions. 
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6 Dissertation Summary 

The kinetics of the reactions of CH2OO with various functionalized ketones were explored in this 

dissertation. The bimolecular rate constants were measured using a laser flash photolysis transient 

absorption spectroscopy technique in a glass-jacketed flow cell apparatus. The kinetics 

measurements spanned across the experimental temperature range of 275–335 K at relatively low 

pressures (~60–100 Torr). All the reactions showed linear Arrhenius plots with varying temperature 

sensitivities. Complementary quantum calculations were used to characterize the potential energy 

surface of the 1,3-dipolar cycloaddition reactions. The reactants proceed through a weakly bound 

van der Waals entrance channel complex before passing over the cycloaddition transition state (TS). 

The collection of reactions of CH2OO with various ketones pass over a relatively low energy barrier 

before producing a secondary ozonide (SOZ) exothermically.  

The kinetics of the reactions of CH2OO with acetone (Ac), α-diketones biacetyl (BiAc) and 

acetylpropionyl (AcPr), and β-diketones acetylacetone (AcAc) and 3,3-dimethyl-2,4-pentanedione 

(dMAcAc) at 295 K were measured. The bimolecular rate constant for the CH2OO+Ac reaction was 

measured to be (4.1±0.4)×10–13 cm3 s–1, which is consistent with previous measurements. The 

reactions of CH2OO with AcAc and dMAcAc have broadly similar with rate constants of (6.6±0.7)×10–

13 cm3 s–1 and (3.5±0.8)×10–13 cm3 s–1, respectively. The α-diketones react significantly faster with 

rate constants of (1.45±0.18)×10–11 cm3 s–1 and (1.29±0.15)×10–11 cm3 s–1 for BiAc and AcPr. Although 

it was found that ketones are a negligible atmospheric sink, CH2OO could be a viable sink for ketones 

such as Ac and BiAc in some environments.  

Temperature-dependent bimolecular rate constants for the reactions of CH2OO with Ac, BiAc, and 

AcAc were measured across the experimental temperature range of 275–335 K. The rate constants 

generally increase in the order Ac<AcAc<<BiAc across the temperature range. All of the reactions are 

negatively temperature-dependent and have the following bimolecular rate constants: kAc(T) = 
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(1.0±0.5)×10–15exp[(1830±170)/T], kBiAc(T) = (1.6±0.9)×10–13exp[(1260±170)/T], and kAcAc(T) = 

(1.8±1.1)×10–13exp[(460±180)/T]. The reaction of CH2OO with AcAc is the least sensitive to 

temperature comparatively, which was explained computationally at the CBS-QB3 level of theory. 

Among the five possible different reaction pathways that were identified for AcAc, the cycloaddition 

of CH2OO at the carbonyl (C=O) and alkene (C=C) site have nearly identical free energies of activation 

(ΔG° = +10.1 kcal mol–1 at 298 K). The small magnitude of the negative activation energy for AcAc can 

be understood as a result of the positive temperature dependence of alkene cycloaddition pathway 

competing with the negative temperature dependence of the reaction at the carbonyl site. 

The temperature-dependent kinetics of the reactions of CH2OO with hydroxyacetone (AcOH) and 4-

hydroxy-2-butanone (4H2B) were measured separately across the experimental temperature range. 

The Arrhenius plots were linear and the following temperature-dependent bimolecular rate 

constants were determined: kAcOH(T) = (4.3±1.7)×10–15exp[(1630±120)/T] and k4H2B(T) = 

(3.5±2.6)×10–15exp[(1700±200)/T]. Both reactions overall have similar rate constants and are 

negatively temperature dependent. The stationary points along the potential energy surfaces were 

calculated using the CBS-QB3 level of theory. The free-energy barriers for the reaction of CH2OO at 

the OH site were ~4–5 kcal mol–1, so the contribution to the bimolecular rate constants are presumed 

to be negligible for both AcOH and 4H2B. 

The reactivity of substituted carbonyls was rationalized using concepts from frontier molecular 

orbital (FMO) theory. Substituents on the carbonyl were classified into two types: electron donating 

groups (EDGs) and electron withdrawing groups (EWGs). The magnitude at which a substituent 

affects the reactivity is understood relative to hydrogen (H), which is neither an EWG or EDG. The 

cycloaddition transition state is sensitive to the electronic character of the substituents, where EWGs 

decrease the orbital energies on the carbonyl and therefore increase the reactivity. The dominant 

interaction that stabilizes the TS is between the occupied non-bonding npc-po orbital energy on CH2OO 
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and the unoccupied 𝜋𝜋* orbital energies of the substituted carbonyl. The dominant interaction was 

initially labeled as the energy gap between the corresponding orbitals, or ∆ES. The rate constants 

were found to correlate strongly with the EWG/EDG character of substituents quantified by Hammett 

parameters. In the final chapter of this dissertation, a structure activity relationship (SAR) was 

developed from this correlation. The 𝜋𝜋* orbital energies and log of the experimental rate constants 

for the reactions of CH2OO with several carbonyls at room temperature were shown to have a linear 

relationship. The SAR provides the ability to predict the rate constants for carbonyls in the 

cycloaddition reaction with CH2OO by using the following equation, ln𝑘𝑘 = (−1.53 ± 0.14)𝐸𝐸π∗ −

(29.21 ± 0.29). This work is not finished, as the predictive power of this SAR needs to be 

demonstrated for compounds that are particularly problematic to be investigated experimentally.  

Future kinetics experiments for the reactions of CH2OO with substituted ketones could answer open 

questions that this research is focused on. The understanding of the SAR we have developed could be 

strengthened by measuring bimolecular rate constants for more ketones with different types and 

varieties of EWGs and EDGs. Substituents such as haloalkyl, phenyl, alkoxy, or alkylamine groups 

would translate to perhaloketones, phenones, esters, or amides respectively. The current SAR is 

based on room temperature kinetics experiments, so incorporating a temperature-dependence with 

the correlations could offer more potential in supporting the atmospheric implications of the 

reactions involving CIs with ketones. The α,β-unsaturated compounds, such as AcAc, did not correlate 

well with the SAR because of lower 𝜋𝜋* orbital energies. The current prediction for α,β-unsaturated 

carbonyls gives larger rate constants than what was confirmed experimentally. More computational 

work on how delocalized 𝜋𝜋-systems affect the orbital energies of carbonyls could offer new directions 

in this work. 
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