
23 April 2024

AperTO - Archivio Istituzionale Open Access dell'Università di Torino

Original Citation:

Environmental Implications of Hydroxyl Radicals (°OH)

Published version:

DOI:10.1021/cr500310b

Terms of use:

Open Access

(Article begins on next page)

Anyone can freely access the full text of works made available as "Open Access". Works made available
under a Creative Commons license can be used according to the terms and conditions of said license. Use
of all other works requires consent of the right holder (author or publisher) if not exempted from copyright
protection by the applicable law.

Availability:

This is the author's manuscript

This version is available http://hdl.handle.net/2318/1543106 since 2016-10-07T10:55:40Z



 
 
 
 

This is an author version of the contribution published on: 

Questa è la versione dell’autore dell’opera: 

 

Chemical Reviews, 115, 2015, 13051-13092 

DOI: 10.1021/cr500310b 

 

The definitive version is available at: 
La versione definitiva è disponibile alla URL: 

http://pubs.acs.org/doi/full/10.1021/cr500310b 

 
 



 
 

2

The environmental implications of hydroxyl radicals (••••OH) 

 
 
 

 

Sasho Gligorovski
1*

, Rafal Strekowski
1
, Stephane Barbati

1
, Davide Vione

2,3*
 

 
 
 
 

1Aix-Marseille University, CNRS, FRE 3416, 3 Place Victor Hugo, 13331 Marseilles, France 
2Dipartimento di Chimica, Università di Torino, Via P. Giuria 5, 10125 Torino, Italy 

3Centro Interdipartimentale NatRisk, Università di Torino, Via L. Da Vinci 44, 10095 Grugliasco (TO), 

Italy. 
 
 
 
 
 
 

Re-submitted to Chemical Reviews on 29/09/2015 
 
 
 
 
 
 
 
 

 

 

 

 

Corresponding authors: 

*Davide Vione E-mail: davide.vione@unito.it 

*Sasho Gligorovski E-mail: saso.gligorovski@univ-amu.fr 

 
 



 
 

3

1. Introduction 
1.1. Scope of the review 

 

2. Formation and scavenging of 
••••OH radicals under different conditions 

2.1. 
••••OH radicals in an aquatic environment 

2.2. 
••••OH radicals in the atmosphere 

2.2.1. 
••••OH radical budget in the lower troposphere 

2.3. 
••••OH radicals in the indoor atmospheres 

2.3.1. Estimation of the 
••••OH radical budget in the indoor air 

 

3. Generation of 
••••OH radicals under controlled laboratory conditions 

3.1. Generation of 
••••OH radicals in the aqueous phase 

3.1.1. Nitrate (NO3
−−−−)/UV 

3.1.2. Nitrite (NO2
−−−−)/UV 

3.1.3. Hyrogen peroxide (H2O2)/UV 

3.1.4. Fenton reaction 

3.1.5. Photo-Fenton processes 

3.1.6. Other Fenton systems 

3.1.7. Ozonation 

3.1.7.1. Reactivity of O3 under alkaline conditions 

3.1.7.2. O3 /H2O2   

3.1.7.3. O3 /UV   

3.1.7.4. O3 /H2O2 /UV 

3.1.8. Water sonolysis 

3.1.9. VUV photolysis of water 

3.1.10 The 
•
OH radical in advanced oxidation processes (AOPs) 

3.2. The laboratory 
•
OH production in the gas phase 

3.2.1. Reaction of ozone with alkenes 

3.2.2. Photolysis of hydrogen peroxide (H2O2) 

3.2.3. Photolysis of nitrous acid (HONO) 
 

4. Production and detection of 
••••OH radicals in the laboratory, in the gas phase and in the 

aqueous phase 

4.1. Detection of 
••••
OH radicals in the gas phase by chemical ionization mass spectrometry (CIMS) 

4.2. Production and detection of 
•
OH radicals in the gas phase by LFP and LIF 

4.3. Production and detection of 
•
OH radicals in the aqueous phase by laser flash photolysis 

4.4. Detection of 
••••OH radicals by electron paramagnetic resonance 

4.5. Indirect 
••••OH detection with probes 

 

5. Kinetic properties of hydroxyl radical in aqueous solution 
5.1. Determination of reaction rate constants with the competition kinetics method 

5.2  Kinetics of formation and reactivity of 
•
OH radicals in surface waters 

 

6.   Reaction mechanisms of the hydroxyl radical in aqueous solution and in the gas phase 
6.1. Reaction mechanisms in aqueous solution 

6.1.1. Electron-transfer reactions with inorganic ions 

6.1.2. Hydrogen abstraction reactions with inorganic ions 
6.1.3. Electron-transfer reactions with organic compounds 
6.1.4. Hydrogen abstraction reactions with organic compounds 
6.1.5. Addition reactions to double bonds and aromatic rings 
6.1.6. Reaction kinetics as a function of the type of substituents 

6.2. Reaction mechanisms of the hydroxyl radical in the gas phase 

6.3. The comparison between aqueous phase and gas phase reactivity of 
•
OH radical 

 
7. Concluding remarks and outlook 



 
 

4

 

1. Introduction 

Ubiquitous occurrence of hydroxyl radicals (•OH) in various types of environments that include natural waters, 

atmosphere, biological systems and interstellar space is now well established. Hydroxyl radicals were first 

discovered in 1934 by Haber and Weiss 1 in what is known today as the Fenton reaction 2. It is now well known 

that under most atmospheric conditions, •OH radicals govern the oxidative capacity of the natural atmosphere. 

•OH radicals are composed of a hydrogen atom bonded to an oxygen atom which make them highly reactive, 

readily stealing hydrogen atoms from other molecules to form water molecule. •OH radical reactivity with 

various water pollutants, that include bacteria, organic and inorganic compounds, continues to be a subject of 

scientific and governing agency pollution prevention interest in waste water treatment processes. Water and 

waste water regulatory requirements have become more strict and demanding regarding the characterization 

and identification of toxic effects on humans and other living organisms of numerous xenobiotics that are 

released into the natural waters. Hazardous and toxic organic and inorganic pollutants present in waters and 

wastewater need to be removed, inactivated or transformed into secondary by-products that are less toxic than 

the parent molecules. Advanced oxidation processes (AOPs) are techniques with this capacity. AOPs are near 

ambient temperature water treatment processes that use highly reactive •OH radicals among others as primary 

oxidants. In AOP processes, •OH radicals are generated usually by coupled chemical and/or physical systems 

that include H2O2/FeII or H2O2/FeIII (Fenton), H2O2/catalyst or peroxide/catalyst (Fenton-like), O3 (ozonation), 

and H2O2/O3 (peroxone) that are often associated with an irradiation technique, namely Vacuum-UV radiation, 

UV radiation, pulse radiolysis or ultrasound. The gas, liquid and heterogeneous phase reactions of •OH radicals 

with organic compounds are often complex chemical processes that proceed through a number of partially 

oxidized radical intermediates. To directly identify these reaction transients in different media, they have to be 

studied in “real time”, that is, on the time scale that they actually exist. Therefore, diagnostic techniques must 

respond to rapid changes in radical concentration and life-time. Pulse radiolysis combined with competition 

kinetics methods, laser induced fluorescence and electron spin resonance (ESR) associated with the spin 

trapping technique are a few of the sophisticated diagnostic tools with this capacity. Alternatively, •OH radicals 

may be detected indirectly using scavengers and the derived products or adducts may then be analyzed using 
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more conventional techniques. All of the above listed •OH radical detection techniques are discussed in this 

review paper. 

The postulated mechanisms of •OH radical reactions are highly complex and many atmospheric reactions 

remain uncertain. However, in general, under most conditions, •OH reacts via an addition to a carbon-carbon 

unsaturated bond, aromatic ring substitution, hydrogen atom abstraction or monoelectronic oxidation. All of the 

above listed hydroxyl radical oxidation processes are discussed in this review.  

1.1. Scope of the review 

The scope of this review is confined to •OH radicals’ occurrence and reactivity in the laboratory setting and in 

the natural environment that includes natural waters and the indoor and outdoor atmosphere. The •OH radical 

production and detection techniques both in the liquid and gas phase will be discussed. The review is divided 

into 7 chapters and aims to critically asses recent developments reflecting •OH radical formation, scavenging 

and detection methods in different environments and under laboratory conditions. The authors follow a 

multidisciplinary approach underlying the abundant nature of hydroxyl radicals in the natural environment and 

under laboratory conditions.  

The first chapter introduces •OH radical as one of the most important reactive oxygen species (ROS). The 

second chapter gives an overview of •OH radical formation and scavenging in diverse natural environments. 

The •OH radicals are key oxidant species responsible for the oxidative capacity of the atmosphere and of 

surface waters, which are involved in the chemical transformation of an important number of primary pollutants 

into secondary compounds. The third chapter discusses the generation of •OH radicals under laboratory 

conditions, in both aqueous solution and the gas phase. A number of existing methods and recent techniques 

and developments involved in direct and indirect •OH radical production in the laboratory are reviewed. 

Because some of these methods can also be used in AOPs, a chapter paragraph briefly outlines the role of •OH 

generation in advanced oxidation techniques. The fourth chapter reviews several •OH radical detection and 

production/detection methods that can be used under controlled laboratory conditions to study the reactivity of 

•OH, namely, laser flash photolysis (where the laser pulse generates •OH in the presence of a substrate S and 

one then monitors a radiation-absorbing intermediate of the reaction S + •OH), laser induced fluorescence and 
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spin trapping coupled with electron spin resonance spectroscopy, as well as the use of probe molecules in more 

conventional detection techniques. The fifth chapter reviews •OH radical reaction kinetics in aqueous solution, 

including the use of competition kinetics to derive the second-order reaction rate constants and the kinetics of 

formation and reactivity of •OH in surface waters. The •OH reaction mechanisms with selected organic and 

inorganic compounds in both aqueous solution and the gas phase are discussed in the sixth chapter. Concluding 

remarks will be given in the seventh chapter.  
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2. Formation and scavenging of 
••••OH radicals under different conditions 

 
2.1. 

••••OH radicals in an aquatic environment 

Major aqueous phase •OH radical sources include the solar irradiation of nitrate (NO3
-) and nitrite (NO2

-) ions 

as well as chromophoric dissolved organic matter (CDOM).  The •OH radical production mechanism by nitrite 

photolysis is similar to the nitrate photolysis one. However, since the NO2
− ion has a greater absorption cross 

section that is known to extend into longer wavelengths than the NO3
− ion absorption spectrum, and because the 

quantum yield for the photochemical •OH radical production from NO2
− ions is greater than the quantum yield 

for the photochemical •OH radical production from NO3
− ions, NO2

− ions are about two orders of magnitude 

more efficient in producing •OH radicals in aqueous phase than NO3
− ions given equivalent concentrations. 

This issue partially compensates (or more than compensates) for the often lower levels reached by nitrite 

compared to nitrate in natural waters.3 Further, the photogenerated •OH can react with nitrite to yield NO2 that 

can further produce NO2
− and NO3

−, thereby coupling the dynamic cycles of NO2
− and NO3

− photolysis.4  

The liquid phase oxidative attack of H2O2 on dissolved metals in their reduced forms, such as Fe(II) and Cu(I) 

can also lead to the production of •OH radicals in the liquid phase. However, this process is limited to waters 

where important concentrations of reduced metals are observed.5,6 The photolysis of H2O2 in natural waters 

represents a less important •OH radical liquid phase source, although the quantum yield of •OH radical 

generation (ΦOH) is in the range between 0.96 and 0.98 for the wavelength region 308 < λ(nm) < 351.7 This is 

due to the very poor overlap of H2O2 absorption spectrum with the ground-level solar spectrum irradiance.  

Another potential source of •OH radicals in natural waters arises from the direct (UV-vis) photolysis of 

chromophoric dissolved organic matter (CDOM).8,9 Recently, it has been shown that •OH radicals may be 

formed in a photosensitized reaction process.10,11 Clifford et al. 10 and Reeser et al. 11 have shown that the 

uptake of non-radical oxidants such as ozone and its interaction with photo-activated organic material such as 

chlorophyll can lead to a production of secondary oxidants, namely •OH, O3
−, Cl/Cl2

•−, Br/Br2
•− and I/I2

•−.  



 
 

8

In the presence of solar light irradiation, the •OH radical production is a result of a modified reaction process 

between ozone (O3) and chlorophyll where O3 accepts an electron from the photoexcited chlorophyll yielding 

an •OH radical.  

O3 + H+ + e−  → •OH + O2            (R 2-1) 

In the presence of ozone, another reaction that could be significant involves O3 + O2
−•. If these processes take 

place in seawater, •OH radicals may then react directly with dissolved organic matter, dissolved halogen ions 

and halogen-containing organic compounds.11 In the oceans, •OH radicals react rapidly with Br− (R 2-2) to 

produce ultimately Br2
−• (R 2-3), which in turn reacts with carbonate to generate carbonate radicals (R 2-4).12  

•OH + Br− → Br• + OH−    k = 1.1 · 1010 M-1 s-1            (R 2-2) 

Br• + Br− → Br2
•−    k = 1.1 · 1010 M-1 s-1         (R 2-3) 

Br2
−• + CO3

2− → 2 Br− + CO3
−•        (R 2-4) 

The carbonate radicals, on the other hand, may self-terminate in competition with oxidation by organic 

compounds (OC). 

2 CO3
−• + 2 H+ → 2 CO2 + H2O2  k = 106 to107 M-1 s-1    (R 2-5) 

CO3
−• + OC → OCox + CO3

2−         (R 2-6) 

 

2.2. ••••OH radicals in the atmosphere 

It is well recognized that under most atmospheric conditions, the oxidative capacity of the atmosphere is 

governed by the reactions that involve •OH radicals.13 Hydroxyl radicals, known as the “detergent” of the 

atmosphere are important reaction chain initiators in most oxidation processes involving organic compounds. 

•OH radicals initiate chain reactions in both polluted and clean atmospheres, where the rates of termination are 

comparable with the rates of propagation. The atmospheric lifetime of •OH radicals ranges between 0.01 and 1 

s, and it has been argued that their mixing ratio and vertical profile are controlled only by the local 

concentrations of longer-lived species such as O3, VOCs, and NOx, independent of atmospheric transport.14 

Although the mixing ratio of •OH radicals is less than one part per trillion (ppt), the global levels of an 
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important greenhouse gas (CH4) would be many orders of magnitude higher in the absence of •OH.15 The •OH 

concentrations are strongly affected by ozone, and in turn they affect substantially the ozone concentration.16 

In the upper troposphere, the •OH radicals are produced by photolysis of gaseous ozone.17  

O3 + hν (λ≤310 nm) → O(1D2) + O2          (R 2-7) 

O(1D2) + H2O → 2 •OH            (R 2-8) 

In the lower troposphere, the photo-initiated reaction of ozone as a source of •OH radicals is less important due 

to the weaker overlapping between ozone’s absorption band and the solar spectrum.  

However, Ravishankara et al. 18 indicated that contrary to what was previously believed, oxygen atoms in their 

excited state, O(1D2), can be formed at wavelengths λ≤330 nm by the photolysis of internally excited ozone 

molecules O3 (IE). 

)(O)D(O)IE(O 1
22

1nm310
3 g∆+ → ≤λ

        (R 2-9) 

The importance of R 2-9 is emphasized by a threefold increase in solar radiation light intensity at the sea level 

in the wavelengths region 310 ≤λ (nm) ≤ 330.  

In the rural unpolluted areas under low NOx concentrations (NOx< 10 ppb) the •OH radicals are mainly 

consumed by reaction with either carbon monoxide (CO) or methane (CH4) to produce peroxy radicals such as 

HO2
• and CH3O2

•. 

•OH + CO → H + CO2          (R 2-10) 

H + O2 → HO2
•           (R 2-11) 

•OH + CH4 → •CH3 + H2O          (R 2-12) 

•CH3 + O2 → CH3O2
•           (R 2-13) 

Then the formed hydroxyl peroxy radicals (HO2
•) can further react with ozone (O3) leading to the formation of 

•OH radicals.  

HO2
• + O3 → •OH + 2O2          (R 2-14) 

•OH + O3 → HO2
• + O2          (R 2-15) 

HO2
• radicals can also recombine with themselves leading to the formation of hydrogen peroxide (H2O2), which 

in turn represents a source of •OH radicals by the photolytic cleavage of the O-H bond. 
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HO2
•
 + HO2

• → H2O2 + O2          (R 2-16) 

Alternatively, hydrogen peroxide reacts with •OH: 

H2O2 + •OH → HO2
• + H2O          (R 2-17) 

or with NO which leads to catalytic production of NO2 

HO2
• + NO → •OH + NO2          (R 2-18) 

The photolysis of NO2 leads to the formation of ozone, as follows: 

)()420( 3
2 PONOnmhNO +→<+ λν         (R 2-19) 

32
3 )( OOPO →+            (R 2-20) 

which in turn leads to the formation of •OH radicals through R-2-7. 

The ozone production efficiency is a balance between the propagation of the free radical interconversion cycle 

and the rate of termination of the cycle. Under polluted conditions when the ratio between NOx and VOCs 

concentrations is high, the competing chain propagation and termination reactions are given as follows: 

•OH + RH → R• + H2O          (R 2-21) 

•OH + NO2 + M→ HNO3 + M         (R 2-22) 

where R 2-21 leads to the ozone generation and R 2-22 represents an effective loss mechanism of both HOx and 

NOx.  

Alternatively, Li et al. 17 suggested that •OH radicals can be photo-chemically formed through the fast reaction 

of electronically excited NO2 and water vapor, as follows: 

*
22 )420( NOnmhNO →>+ λν          (R 2-23) 

HONOOHOHNO 2
*
2 +→+ • (k = 1.7 · 10-10 cm3 molecule-1 s-1)     (R 2-24) 

However, Carr et al. 19 demonstrated that this reaction is feasible only in the boundary layer of the Polar 

Regions when the sun is mostly laying low on the horizon. Hence, this reaction may efficiently explain the 

discrepancy between the model and the real-life observations only with respect to the Polar Regions. To a lesser 

extent, the reaction of O3 with alkenes can also contribute to the production of •OH radicals, particularly in 

forested and urban environments.20 In addition, in the remote (and particularly the upper) troposphere, 
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photodissociation of volatile organic compounds such as peroxides, acetone and some other ketones, alcohols 

and aldehydes may produce atmospheric •OH radicals.21–25  

Other very important •OH radical sources in the lower troposphere include the photolysis of nitrous acid 

(HONO),26 which occurs at wavelengths smaller than 390 nm 27 according to the following reaction: 

HONO + hν → NO + •OH                (R 2-25) 

This •OH source is particularly important in urban polluted areas with high NOx levels.34 •OH radicals may also 

react with atmospheric HONO to generate nitrogen dioxide (NO2): 

•OH + HONO → NO2 + H2O               (R 2-26) 

The back reaction of •OH radicals with nitrogen oxide (NO) in the presence of a third body (N2 or O2) (R 2-27) 

regenerates HONO: 

NO + •OH + M → HONO + M         (R 2-27) 

In polluted urban area the high NOx levels suppress the •OH concentrations through the following reaction:28  

NOHONOOH 22 +→+
••                 (R 2-28) 

It is worth mentioning that one alternative important pathway of •OH radical formation in the lower atmosphere 

is the ozonolysis of alkenes. The reactions of ozone with alkenes leads to the generation of •OH radicals at 

yields between 7–100% depending on the structure of the alkene.  

 

2.2.1. •OH radical budget in the lower troposphere 

The •OH concentrations on a global level determine the oxidative capacity of the atmosphere. As described 

above the HOx and NOx are intimately linked, which implies that the influence of NOx on HOx can be expressed 

by a simple conversion ratio between •OH and HO2
•, as follows: 

][][

][][][

][
][

3

342

32

324

OkNOk

OkCHkCOk

OH

HO

OOHNOHO

OHOCHOHCOOH

++

+++

•

•

••

•••

+

++
=       (R 2-29) 

This conversion ratio simply shows that the reaction of •OH with CO, CH4 and O3 converts •OH into HO2
• and 

the reactions of HO2
• with NO or O3 convert HO2

• into •OH. 
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As mentioned in the previous section, under polluted urban conditions •OH is primarily formed by photolysis of 

HONO (R 2-25). Recent studies 29–34 estimated that the contribution of HONO photolysis to the integrated •OH 

radical yield is 60%.  

Soergel et al. 35 have shown that even in unpolluted forested regions the contribution of HONO photolysis to 

the •OH formation is higher than the contribution of ozone photolysis (R 2-8). Namely, the contribution of 

HONO is higher in the morning and evening hours, due to the longer wavelengths (up to ∼400 nm) associated 

with HONO photolysis, compared to the contribution of ozone photolysis which occurs at λ≤310nm (R 2-7). 

Although the average HONO mixing ratios (ca. 30 ppt) are three orders of magnitude lower than mean O3 

mixing ratios around noon (ca. 35 ppb), and although •OH production rates by O(1D) exceed those of HONO 

photolysis by about 50% around noon, •OH radical production from HONO photolysis is about 20% larger than 

ozone photolysis in the lower troposphere, when integrated over the duration of a day (Figure 2).  

Insert Figure 2 

It has been shown that in highly polluted cities such as Santiago de Chile 36,37 the most important primary 

source of •OH radicals is the photolysis of HONO, comprising 81% and 52% of the •OH initiation rate during 

winter and summer, respectively, followed by ozonolysis of alkenes (12.5% and 29%), photolysis of 

formaldehyde (6.1% and 15%), and photolysis of ozone (<1% and 4%). During both winter and summer 

periods there was a balance between the •OH secondary production (HO2
•+NO) and destruction (•OH +VOCs), 

showing that initiation sources of RO2
• and HO2

• are no net •OH initiation sources. Therefore, the total rates of 

radical initiation and termination can be calculated by considering only the net radical sources and sinks which 

are implemented in the simple photostationary steady state model (PSS). 36,37 

( ) 















+

+Φ+Φ+
=

++

+•

••

••∑
[NO]k][NOk

])[(2])[(]O[alkenes][k[HONO] (HONO) J
OH

NOOH2NOOH

3
1

OH3alkenesO
PSS

2

3
HCHOHCHOJODOJ radicalOH  (Eq 2-1) 

where J(HONO), J(O1D) and J(HCHOradical) are the photolysis frequencies of nitrous acid, ozone and 

formaldehyde (radical channel), respectively. For the ozonolysis of alkenes, 
OH

•Φ  is the formation yield of •OH 

radicals which describes the amount of •OH produced when 1 molecule of ozone reacts with 1 molecule of a 

given alkene. For the photolysis of ozone, 
OH

•Φ  is defined as the fraction of O1D that will react with H2O 
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rather than being quenched to ground state O3P. alkenesO3
k + , 

2NOOH
k

+•  and 
NOOH

k
+•  are the rate constants for the 

reactions between ozone and alkenes, •OH and NO2 and •OH and NO, respectively. 

An excellent agreement between the •OH concentration profiles obtained by the more elaborate MCM (master 

chemical mechanism) model and PSS models confirmed that indeed the main •OH radical sources and sinks are 

integrated in the PSS model, with respect to the polluted urban areas.  

Regarding the moderately polluted areas such as the pristine rainforest of Amazon, a recent study 38 revealed 

that the photo-oxidation of unsaturated hydroperoxy-aldehydes (HPA, products of isoprene oxidation) 

represents an important •OH source. These investigators suggested that the HPA photolysis initiates a hydroxyl 

radical production cascade that is limited by the reaction of HPA with the •OH radical itself. Significantly 

higher •OH radical concentrations than expected by the model calculations were also detected during chamber 

experiments, providing direct evidence for a strong •OH radical enhancement due to the additional recycling of 

radicals in the presence of isoprene. 39 However, the •OH recycling observed in the chamber study is not 

sufficient to explain the unexpectedly high concentrations of •OH radicals reported in moderately polluted areas 

such as the Amazon basin, the Pearl River Delta and Borneo, among others.38,40–42 

However, the proposed •OH recycling mechanism could contribute significantly to the oxidizing capacity of the 

atmosphere under isoprene-rich conditions. 

Petters and his coworkers43 proposed novel peroxy radical pathways in isoprene oxidation at low and moderate 

NO levels, with the aim of justifying the observed •OH regeneration in moderately polluted regions.  

The suggested isomerization reactions of isoprene peroxy radicals were found to result in an increase of the 

modeled •OH levels in the planetary boundary layer by up to a factor of 3, in agreement with the experimental 

observations during the field campaign in the Amazon basin. 

A recent study 44, however, estimated negligible variations of •OH concentrations (ranging from 2 to 3%) on a 

global level. These estimations were based on atmospheric measurements, in the period 1998-2007, of a trace 

gas (methyl chloroform) whose predominant sink is the reaction with •OH.  

Regarding the global •OH levels, another study 45 determined the Northern to Southern Hemispheric (NH/SH) 

•OH concentration ratio with the help of methyl chloroform data and an atmospheric transport model, which 
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accurately describes interhemispheric transport and modeled emissions. These investigators found that for the 

period 2004-2011, the model predicted an annual-mean NH-SH gradient of methyl chloroform that is a linear 

function of the modeled NH/SH ratio in annual-mean •OH. They 45 determined a NH/SH •OH ratio of 

0.97±0.12 during this time period, by optimizing global total emissions and mean •OH abundance to fit methyl 

chloroform data from two surface measurements networks and aircraft campaigns.  

In a short period of time, the large emissions of reactive gases such as methane could swamp the •OH radicals 

and induce large variations. For example, variations in •OH concentrations of up to 20% have been estimated 

from 14CO, in the period of few months. 46 However, a long-term study carried out between 1999 and 2003 17 at 

the Meteorological Observatory Hohenpeissenberg in southern Germany revealed that the •OH concentrations 

are linearly dependent on solar ultraviolet radiation. These authors claimed that the intensity of UVB radiation 

is sufficient to predict •OH concentrations more accurately than current, complex atmospheric models that take 

into account factors such as temperature, ozone and the concentrations of the atmospheric pollutants, pointing 

to the fact that the current theory fails to explain the oxidative chemistry of the lower atmosphere.   

A comprehensive understanding of the •OH radical behavior in the atmosphere and its reactions with other 

organic and inorganic compounds is of paramount importance to improving the accuracy of atmospheric 

models. In the future, the increased pollution induced by the anthropogenic factor coupled with a climate 

change could lead to significant changes in the •OH radical budget. To better understand these issues, 

investigators need models that have higher resolution, include interactive coupling with biosphere processes 

and climate change, and draw on improved emission inventories. 

Clearly, further studies need to be performed in order to make a conclusion about the •OH radical budget in the 

troposphere. With this respect recent advances regarding the measurements of •OH reactivity allow deeper 

understanding of the •OH radical budget. The measurements of •OH reactivity can be performed with three 

existing techniques (laser induced fluorescence, differential optical absorption spectroscopy and chemical 

ionization mass spectrometry) that have been detailed in a review by Heard and Pilling.47 
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2.3. 
•
OH radicals in the indoor atmospheres 

Whereas the •OH radical concentrations in the troposphere have been a topic of intense research, the •OH 

radical within indoor environments has received little attention. Considering the extremely short lifetime of 

•OH radicals, the outdoor-to-indoor transport can be neglected. However, the possibility must not be ignored 

that •OH radicals can be formed by indoor chemistry. A modeling study by Nazaroff and Cass 48 suggested that 

•OH radicals with concentration of 5.4 · 104 cm-3 can be generated indoors by gas-phase reactions between 

ozone and alkenes. Their overall kinetic mechanism included a generic reaction that yields •OH radicals, as 

follows: 

Alkenes + O3 → RCHO + HCHO + HO2
• + RO2

• + •OH + RO•               (R 2-30) 

The model of Weschler and Shields 49 predicted an •OH concentration of 1.7 · 105 cm−3, at ozone mixing ratio 

of 20 ppb and assuming average indoor mixing ratios of the alkenes. Based on the idea that ozonolysis of 

alkenes represents an important indoor •OH source, Weschler and Shields 50 performed the first indirect •OH 

measurements by use of 1,3,5-trimethylbenzene as a reactive •OH radical tracer. To determine an average •OH 

concentration, 1,3,5-trimethylbenzene was emitted into the indoor environment at a known rate assuming that it 

reacts exclusively with •OH. These measurements were performed applying rather high ozone mixing ratio, in 

the range between 62 and 192 ppb. As a result an average •OH concentration of 7 · 105 cm−3 was obtained, that 

is about six times higher than the previous model calculations 49. Sarwar et al. 51 using the comprehensive 

SAPRC-99 atmospheric chemistry model predicted an •OH concentration of 1.2 · 105 cm−3 for a base case 

scenario, again assuming that gas-phase reaction between ozone and alkenes is a main •OH source. A MCM 

chemistry model performed by Carslaw 52 predicted maximum daytime •OH concentration of 4 · 105 cm−3. 

Although this value is similar to the •OH levels obtained by chemical tracers, the initial ozone mixing ratios 

which were considered in the model were much lower, hence more realistic (3-13 ppb). White et al. 53, based on 

chemical tracers of indoor •OH radical, performed indirect measurements in two seminar rooms in UK.  These 

measurements confirmed that the indoor •OH concentrations range in the order between 104 to 105 cm-3 in 

agreement with all the previous modeling and indirect studies. 
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It was believed 48 that the sunlight that penetrates indoors through the windows is largely attenuated, especially 

in the UV region. Consequently, the photochemical formation of •OH radicals within indoor environments has 

been completely ignored until 2013, when Gligorovski and his coworkers 54 directly measured •OH 

concentrations of 1.8 · 106 cm−3 in a real-life indoor environment. This elevated •OH level was associated with 

the photolysis of HONO (Figure 3) and it is an order of magnitude higher than former indoor •OH radical 

concentration estimates. Indeed, it is comparable to the •OH levels of a typical urban environment 14.  

Insert Figure 3 

The work of Gligorovski et al. presented some truly innovative results since it tested all the previous theories 

and models mentioned above. Another study performed by the same investigators 55 with chamber experiments 

showed that even higher •OH concentrations (up to 1.6 · 107 cm−3) emerge from the photolysis of HONO 

directly emitted by combustion processes such as burning candle.  

These results are not surprising considering that HONO has strong absorption bands in the near-UV region 

extending up to ~390 nm.27 Recent studies 56,57 demonstrated that these wavelengths (λ>340nm) are available 

indoors and that they can initiate efficient photochemistry. Moreover, significant HONO levels can be directly 

emitted by combustion processes which exceed those in the polluted urban regions.58 The heterogeneous 

reactions of gaseous NO2 towards adsorbed water layers on various indoor surfaces (R 2-31) can also contribute 

to the indoor HONO levels.59 

32 HNOHONOOH2NO +→+           (R 2-31) 

Bartolomei et al. and Gomez Alvarez et al. 60,61 revealed a “new” source of high levels of indoor HONO in the 

photosensitized heterogeneous reactions of gas-phase NO2 with indoor surfaces such as glass, detergent, paint 

and lacquer. In the case of lacquer, one of its constituents is benzophenone that is a known photo-sensitizer 62 

and was suggested as a reason for the enhanced HONO production. The generated HONO surface flux under 

light irradiation of the surface covered with lacquer was 2.8 · 1010 molecules cm−2 s−1, which is of similar 

magnitude to 2.5 · 1010 molecules cm−2 s−1 obtained by the heterogeneous reactions of NO2 with humic acid, 

that is a soil constituent 63. Gandolfo et al. 64 reported an HONO surface flux of 2.9 · 1010 molecules cm−2 s−1 

produced under realistic indoor integrated UV (340 nm<λ<400nm) light irradiation (10 W m-2) of a surface 
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covered with photocatalytic paint. The latter contained 7 % of TiO2 (w/w) at 30 % relative humidity, in the 

presence of 40 ppb of NO2. Applying this HONO surface flux in a dynamic mass balance model and 

considering the photolysis of HONO as a main sink, a steady day-time state mixing ratio of HONO of 5.6 ppb 

has been obtained 65. While our understanding of indoor photochemistry is still in its infancy, these results 

suggest that it is an area that warrants further studies. 66 

 

2.3.1. Estimation of the 
••••OH radical budget in the indoor air  

•OH radical concentrations in the order of 106-107 cm−3 produced by the photolysis of HONO can control the 

oxidative capacity of indoor atmospheres. During the reactions of •OH radicals with the indoor VOCs, reactive 

intermediate species are formed. Finally, secondary pollutants such as ozone, secondary aerosols and VOCs 

oxidation products would be produced within indoor environments.  In order to accurately describe the oxidative 

capacity of indoor atmospheres and effectively evaluate human exposure to the reactive intermediates and secondary 

organic pollutants, a quantitative knowledge of •OH radical concentrations is of paramount importance. 66 The •OH 

radical budget can be determined using the zero dimensional photochemical box model based on the Master 

Chemical Mechanism, MCMv3.1 67,68 and a simple quasi-photostationary state model (PSS) 36,37,54. Regarding a 

polluted urban atmosphere, in Santiago de Chile (see section 2.2) it has been established 36,69 an excellent 

agreement between the •OH concentration profiles obtained by both the MCM and PSS models. Therefore, the 

main •OH radical sources and sinks are incorporated in the PSS model. Photolysis of ozone and formaldehyde 

can be neglected within indoor environments because the glass window filters out the wavelengths λ< 340 nm 

56,57. Therefore, with respect to the indoor atmospheres, Eq 2-1 can be reduced to Eq 2-2:   

( ) 
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[NO]k][NOk
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OH3alkenesOHONO
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2

3      (Eq 2-2) 

Gomez Alvarez et al. 54 tested the PSS model for the indoor atmosphere by plotting the measured •OH radical 

concentrations against the •OH values estimated by Eq 2-2. The obtained slope of 0.6 indicated an 

underestimation of the measured •OH concentrations. This underestimation emerged from the photolysis 

frequencies (J) of HONO (J(HONO)) which were spanning in the range between 1.0 and 1.5 · 10−4 s−1. These 
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values were calculated based on direct measurements of the spectral irradiance by a spectroradiometer with flat 

collector (LiCOR Li-1800). The measured spectral irradiances were used to estimate the actinic fluxes 

assuming that the solar flux reflected by the indoor surfaces is isotropous, in the case when the 

spectroradiometer was in the shed. When the spectroradiometer was irradiated, only the direct solar flux was 

considered and the reflected flux was neglected. The estimated actinic flux was then used to determine the 

J(HONO) values. Despite the possibility of using advanced algorithms to convert the spectral irradiance into 

actinic flux, it has been recommended that if the actinic flux is the primary radiation quantity of interest, it 

should be measured in preference to the irradiance because there can be a factor of 3 to 5 difference depending 

on the surface.70 Indeed, Bartolomei et al. 55 demonstrated an excellent agreement between the measured •OH 

concentrations and the PSS model, whereas the J(HONO) values were measured by Metcon 2π spectral 

radiometer with an electronically cooled Charge Coupled Device (CCD) detector, confirming that the PSS 

model is an appropriate tool to model the measured •OH concentrations in indoor atmosphere with NOx levels 

higher than 10 ppb, which is common in the urban environment. 

Moreover, these investigators demonstrated that in indoor environments in the presence of combustion sources 

such as burning candle, the photolysis of HONO is the main source of •OH radicals. Hence, the Eq-2-2 can be 

rewritten as follows:66  
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   (Eq-2.3) 

 

Considering that the photolysis of HONO is a primary •OH source and using the photolysis frequency J(HONO)= 

7.2 · 10−4 s−1 64 of a typical indoor environment under direct solar radiation, the obtained •OH production rate of 10.4 

ppb h−1 is 10 times higher than the value of 1.1 ppb h−1 resulting from the fastest reaction between ozone and d-

limonene, assuming a typical ozone mixing ratio of 10 ppb, in the absence of ozone-based air purifiers. For this 

calculation, an average mixing ratio of ca. 7 ppb of d-limonene was applied considering that, typically, the 

background indoor mixing ratio of d-limonene is between 5 and 10 ppb. 71 

A similar •OH production rate of 0.9 ppb h−1 was obtained by Weschler and Shields 49 based on the reaction 

between ozone and d-limonene, assuming a relatively high ozone mixing ratio (20 ppb) and 2.9 ppb of d-limonene. 
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This comparison of the •OH formation rates emphasizes the importance of nitrous acid towards the oxidative 

capacity of indoor atmospheres. 72 

 

 

3. Generation of 
•
OH radicals under controlled laboratory conditions 

This section compares and contrasts the laboratory methods currently employed to produce •OH radicals under 

controlled conditions, that is, experimental conditions where the quantum yield of •OH radicals produced is 

known. It is not possible to provide an all-inclusive description of all datasets, therefore, this section will focus 

on representative techniques used in atmospheric and environmental sciences that include water and wastewater 

treatment technologies.  

Heterogeneous and photocatalytic •OH radical production processes are not reviewed since these •OH radical 

reaction mechanisms remain largely uncertain and the •OH radical production quantum yields cannot be 

established with certainty.73–75 In addition, there have been a number of recent publications and reviews that 

specifically cover heterogeneous photocatalytic and other similar •OH radical production processes.76,77 

However, few advanced oxidation process (AOP) techniques that involve heterogeneous photocatalytic •OH 

radical production of environmental interest will be discussed at the end of this chapter.  

 

3.1. Generation of 
••••OH radicals in the aqueous phase 

3.1.1. Nitrate ( −

3NO )/UV 

The nitrate anion −

3NO  absorbs UV radiation up to around 340 nm, with absorption maxima in the UVC and 

UVB. Radiation absorption by nitrate produces •OH through several pathways that can be activated in different 

wavelength intervals. A general overview of the •OH radical formation processes that result from nitrate 

photolysis is the following: 78,79 

NO3
− + hν → [O−• + •NO2]cage → O−• + •NO2       (R 3-1) 

O−• + H+ � •OH          (R 3-2) 

NO3
− + hν → ONOO−           (R 3-3) 
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ONOO− + H+ � ONOOH         (R 3-4) 

ONOOH → •OH + •NO2          (R 3-5) 

The process that is described by reactions (R 3-1, R 3-2) plays an important role as •OH source in natural 

waters (vide infra, section 5.2).80 Note that •OH has pKa ≈ 12, thus its conjugated base O−• would not occur to a 

significant extent at lower pH values. Therefore, the •OH production process by (R 3-1, R 3-2) would not show 

a significant pH dependence in the ∼neutral range, despite the involvement of H+ in reaction (R 3-2).81 Possible 

pH effects in such a range have to be explained differently (vide infra). 

A major feature of reaction (R 3-1) is the fact that the photoproducts O−• + •NO2 are initially formed inside a 

cage of water molecules, where they can either recombine to nitrate or diffuse into the solution bulk.82 The 

quantum yield of bulk O−•/•OH generation in (R 3-1) has been found to vary with wavelength, from 0.2 at 200 

nm to 0.01 at 300 nm 83 and above, 84 probably because of the involvement of different transitions connected to 

different nitrate absorption bands.85 The reported values actually represent the yield of •OH that reaches the 

solution bulk by diffusion/protonation after escaping recombination with •NO2. The quantum yield of the 

primary process that gives [O−• + •NO2]cage would be higher, and it can be assessed by using hydroxyl 

scavengers in excess that should be able to react with cage O−• in addition to reacting with bulk •OH. By 

monitoring either the oxidation products of the •OH scavengers (suitable scavengers may be e.g. 2-propanol and 

bromide) 86 or the transformation of compounds undergoing selective reactions with •NO2 (e.g. phenol → 2-

nitrophenol),87 it was possible to determine that the quantum yield of [O−• + •NO2]cage would be 3-5 times 

higher than that of bulk •OH. Indeed, the recombination of [O−• + •NO2]cage to nitrate would be faster than their 

diffusion into the solution bulk.87 

When studying the formation of •OH upon nitrate photolysis as a function of pH, it is often found that the 

relevant yield decreases with increasing pH in the ∼neutral range. This issue cannot be accounted for by 

reaction (R 3-2), which would rather cause a pH dependence in the basic range (around pH 12). The ∼neutral 

pH trend would reflect the formation of ONOO−/ONOOH in reactions (R 3-3, R 3-4) and the homolysis of the 

latter in (R 3-5).88 Indeed, ONOOH has pKa ≈ 6.6-7 that is consistent with the observed pH trend. Moreover 

ONOO−, differently from ONOOH, does not yield •OH upon further transformation.89  
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In the presence of irradiated nitrate, organic compounds would mainly undergo transformation because of 

reaction with •OH.90 However, the process also yields nitrating agents such as •NO2 and ONOOH, which can 

induce the formation of nitroderivatives in the presence of electron-rich substrates (e.g. phenol) or even with 

unsubstituted aromatics.90,91 Photonitration reactions induced by •NO2 are enhanced by elevated concentration 

values of •OH radical scavengers that can react with cage O−•, inhibit the recombination of O−• + •NO2 to 

nitrate, and favor the release of •NO2 in the solution bulk.87 The nitrating agent ONOOH operates with higher 

yields in acidic conditions, possibly because of the formation of ONOOH2
+.92 A further nitrating (and 

nitrosating) agent that is produced by irradiated nitrate in acidic solution is HNO2, 
92 which is particularly 

effective towards electron-rich aromatics such as some phenols and anilines.93 The production of nitrous acid is 

due partially to the direct photochemical generation of nitrite (R 3-6, minor process with quantum yield 0.001) 

84 followed by protonation, and partially to the hydrolysis of photogenerated •NO2: 

NO3
− + hν → NO2

− + O      (R 3-6) 

NO2
− + H+ � HNO2        (R 3-7) 

2 •NO2 � N2O4  → OH2  NO3
− + H+ + HNO2    (R 3-8) 

 

3.1.2. Nitrite ( −
2NO ) /UV 

The nitrite anion ( −
2NO ) absorbs UV radiation with maxima in the UVC and UVA. In the UV range nitrite has 

actually three absorption bands, but the intermediate one (which spans UVC and UVB) is the least intense and 

only gives a shoulder between 270 and 300 nm. The presence of multiple bands can explain why the quantum 

yield of •OH production upon nitrite photolysis varies with wavelength, from ∼0.065 at or below 300 nm to 

∼0.025 above 350 nm. The production of •OH upon nitrite photolysis can be described as follows:78,81  

NO2
− + hν → O−• + •NO          (R 3-9) 

O−• + H+ � •OH            (R 3-10) 

Also in this case, pH would play an important role in the O−•/•OH equilibrium only in the basic range (∼12). 

Under neutral conditions, reaction (R 3-10) equilibrium is shifted toward products, that is, toward •OH radical 

production. Contrary to nitrate anions, nitrite anions react with •OH radicals to produce nitrogen dioxide:81 
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NO2
− + •OH → •NO2 + OH−           (R 3-11) 

The above reaction is responsible for the effective formation of nitroderivatives, when nitrite is irradiated in the 

presence of organic and most notably of aromatic molecules.92,94  

Under UV irradiation, nitrite can additionally undergo photoionization with very low quantum yield (< 

10−3):81  

NO2
− + hν → •NO2 + e−          (R 3-12) 

The most interesting effect of pH on nitrite photolysis is observed in the acidic range and it is the consequence 

of the acid-base equilibrium between HONO and NO2
− (pKa ≈ 3.3). Because nitrous acid exhibits much higher 

•OH quantum yield (0.35) compared to nitrite, and because it absorbs radiation to a comparable extent 

(although with a significantly different absorption spectrum, which shows clear vibrational bands even in 

solution), the formation of •OH radicals upon photolysis of HONO/NO2
− significantly increases below pH 

5.95,96 

HONO + hν → •OH + •NO           (R 3-13) 

A major consequence of the production of •OH upon nitrite photolysis is the hydroxylation of dissolved organic 

compounds. However, irradiated nitrite is also an effective nitrating and nitrosating agent.92,96,97 These 

processes are induced by •NO2/N2O4 and N2O3 
98 and they require the formation of •NO2, which is produced by 

nitrite oxidation (R 3-11). Nitrogen dioxide (formed in R 3-11) can in fact dimerize or react with •NO (formed 

in R 3-9) to give the nitrosating agent N2O3. Interestingly, aromatic nitroderivatives can also be formed through 

a nitrosation/oxidation pathway.92 Moreover, HONO is also an effective nitrating agent for phenolic 

compounds in the dark.92  

Photonitration and photonitrosation reactions induced by nitrite are strongly favored at elevated nitrite 

concentrations, which enhances (R 3-11), and they are inhibited by •OH radical scavengers that inhibit the same 

reaction.94 
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3.1.3. Hydrogen peroxide (H2O2)/UV 

Hydrogen peroxide absorbs radiation in the UVC (100-280 nm) region of the solar spectrum, but it features an 

absorption tail that spans the UVB (280-315 nm) and part of the UVA (315-400 nm) regions of the solar 

spectrum. However, the molar absorption coefficient above 300 nm is quite low, and competition for irradiance 

with other radiation-absorbing compounds is often unfavorable toward H2O2 photolysis. Therefore, for practical 

purposes the photolysis of H2O2 is mostly exploited under UVC irradiation, and the Hg emission line at 253.6 

nm is the most popular photolysis wavelength source because of its low cost.  A more expensive method to 

generate •OH radicals by H2O2 photolysis includes a discharge-pumped KrF laser that operates at 248 nm 

wavelength.  

The photolysis of a H2O2 molecule yields two •OH radicals. Given a rather elevated photolysis quantum yield 

(Φ ≈ 0.5 in an aqueous solution), the H2O2 photolysis is a fairly attractive way of generating •OH in an aqueous 

solution.99 A potential drawback is the scavenging of •OH by H2O2 itself. However, the •OH by H2O2 reaction 

has been reported to have a relatively low rate constant (kR3-15 = 2.7⋅107 M−1 s−1).100 To maximize the 

effectiveness of solute degradation by •OH radicals, the concentration of H2O2 should be maintained at values 

where its ability to scavenge hydroxyl radicals is limited compared to the other water constituents and the 

reaction should be carried out at pseudo steady-state-conditions, that is, [•OH]<<[Reactant]. By further 

increasing the concentration of H2O2, the degradation rates of substrates/pollutants would reach a “plateau” or 

even decrease with increasing H2O2 concentration.101,102  

H2O2 → νh
 2•OH        (R 3-14) 

H2O2 + •OH → HO2
• + H2O         (R 3-15) 

Interestingly, the quantum yield of •OH radicals in the photolysis of H2O2 (R 3-14) is reported to be 

OH
•Φ =2.09±0.36 in the gas phase 103 and 

OH
•Φ ∼1 in an aqueous solution. The primary event of H2O2 

photolysis yields two •OH, which are “free” in the gas phase but are surrounded by the solvent molecules in an 

aqueous solution. This solvent “cage” favors geminate recombination (2 •OH → H2O2) that competes with •OH 

diffusion into the solution bulk (R 3-16). Measurements of photolysis quantum yields usually consider bulk 
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•OH, thus the geminate recombination within the solvent cage would decrease the observed yield of the 

photolysis process.3 

H2O2

hν
OH +  OH

cage

2   OH        (R 3-16) 

The kinetics of the transformation reactions induced by photogenerated •OH radicals depend on the 

concentration of H2O2, because absorbed radiation (and photolysis rate as a consequence) reaches saturation 

with increasing [H2O2], while •OH scavenging does not.104 The generation rate of •OH upon H2O2 photolysis 

can be expressed as follows:105 
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In equation 3-1 above, p°(λ) is the photon flux emitted by the radiation source (which for simplicity could be 

considered monochromatic), 1
2222 )][)()((])[)(( −+⋅ OHbAOHb λελλε  is the fraction of the solution absorbance 

that is accounted for by H2O2, ε(λ) is the molar absorption coefficient of H2O2, A(λ) is the total absorbance of 

the solution before the addition of H2O2, and b is the optical path length within the irradiated solution. The 

steady-state [•OH] depends on the formation-transformation budget, because •OH is consumed by both H2O2 

and the other scavengers and impurities present in solution (with S as the relevant scavenging rate constant).106 

The transformation rate of a generic pollutant would be proportional to [•OH], which can be expressed as 

follows: 
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 (Eq 3-2) 

Considering that p°(λ) will vary under different experimental conditions, one can define the ratio ℜ = [•OH] 

[p°(λ)]−1 that would make modeling easier. The equation that describes ℜ is the following: 
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At a given value of p°(λ), ℜ is directly proportional to the decay constant observed upon reaction of the 

dissolved substrate with •OH. Assuming that irradiation is monochromatic, one can use ε(λ) b = 50 M−1 (which 

is a reasonable value under UVC irradiation with b in the cm range), a scavenging rate constant S ≤ 2⋅105 s−1, 

and the total absorbance of the solution before the addition of H2O2, A(λ) = 1.107,108 Under these assumptions, 

the plot of [H2O2] and S versus ℜ is shown in Figure 4. 

Insert Figure 4 

As shown in Figure 4, the maximum value of ℜ vs. [H2O2] is located at higher H2O2 concentration values when 

S is higher. This is reasonable because the higher the S, the less important is the relative role of H2O2 as a 

scavenger. The reason for having a maximum is that elevated [H2O2] values tend to saturate absorption and to 

induce important •OH scavenging. Indeed, at [H2O2] > 0.02 M, )(][)( 22 λλε AOHb > . Also, as shown in Figure 

3, ℜ decreases with increasing S, which measures the overall •OH scavengers that are present in solution (with 

the exception of H2O2).  

 

3.1.4. Fenton reaction 

The name of “Fenton reaction” encompasses a complex and to date only partially understood reaction sequence 

that involves the reaction of hydrogen peroxide in an acidic solution with metal ions, namely Fe2+ ion and (to a 

lesser extent) Fe3+ or Cu2+ ions. Similar processes (Fenton-like) take place in the presence of other peroxides 

and/or of iron (hydr)oxides.109,110 

Back in the 30's, the Fenton process was essentially regarded as a variant of the Fe-catalyzed Haber-Weiss 

reaction (O2
−• + H2O2 → •OH + OH− + O2). Today, the simplest and most widely accepted (but also strongly 

discussed and questioned) Fenton reaction sequence is still the following:111 

Fe2+ + H2O2 → FeOH2+ + •OH (or Fe3+ + OH− + •OH)     (R 3-17) 

Fe2+ + •OH → FeOH2+ (or Fe3+ + OH−)       (R 3-18) 

H2O2 + •OH → HO2
• + H2O          (R 3-19) 

FeOH2+ + HO2
• / O2

•− → Fe2+ + O2 + H2O / OH−      (R 3-20) 

FeOH2+ + H2O2 → Fe2+ + H2O + HO2
•       (R 3-21) 
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Reaction sequence (R 3-17) to (R 3-21) is not exhaustive but a reasonable representation of what is expected to 

take place under given experimental conditions for the Fenton reaction (pH ∼ 3). Here, dissolved pollutants will 

be degraded or transformed by •OH radicals generated in the Fenton reaction sequence (R 3-17) to (R 3-21) 

listed above.112,113 Note that in reaction (R 3-18), the Fe2+ cation scavenges •OH radical in competition with 

other solutes, and it is detrimental to degradation processes. In reaction (R 3-19), H2O2 also scavenges •OH 

radical, but it yields HO2
•/O2

−• that enhances the recycling of FeOH2+ to Fe2+ in reaction (R 3-20). Further 

recycling takes place in reaction (R 3-21), but the reaction (R 3-20) is faster. Therefore, the scavenging of •OH 

by H2O2 in reaction (R 3-19) would partially inhibit and partially favor (the net outcome depending on the 

experimental conditions) the overall Fenton degradation.114 The recycling of Fe(III) to Fe2+ can be enhanced by 

some dissolved organic compounds including humic substances, which could increase the rate of the Fenton 

degradation of pollutants despite their ability to act as •OH scavengers.115,116 

The Fe2+ cation is typically used as a catalyst in the Fenton process, despite the fact that reaction (R 3-17) 

between Fe2+ and H2O2 is stoichiometric. Indeed, a high amount of Fe2+ would induce significant •OH 

scavenging (R 3-18) and thus decrease the process efficiency. If the initial [Fe2+] < [H2O2], excess H2O2 would 

still occur after Fe2+ oxidation. However, recycling of FeOH2+ to Fe2+ in reactions (R 3-20, R 3-21) ensures 

continued production of •OH until H2O2 is completely consumed. Anyway, because the reaction (R 3-17) is 

much faster than reactions (R 3-20) and (R 3-21), the rate of the Fenton process decreases considerably after 

Fe2+ consumption.114  

Reaction (R 3-21) accounts for the fact that the Fenton process also works in the presence of Fe(III) + H2O2. 

This approach to Fenton degradation is supported by the lower cost of ferric compared to ferrous salts, but it 

has the substantial drawback that the generation rate of •OH by the Fe(III) + H2O2 reaction is much lower 

compared to Fe2+ + H2O2 process.117 For this reason, several approaches have been attempted to increase the 

rate of •OH generation by the Fe(III) + H2O2 reaction that are based on an enhanced Fe(III) reduction 

(application of light, electrical potential or ultrasound as discussed later). 

An important issue to be considered is that the reactions (R 3-17) to (R 3-21) are just an approximation to the 

actual system. For example, the reaction (R 3-17) between Fe2+ and H2O2 is actually far more complex and 
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proceeds through formation of highly oxidized iron species (e.g. ferryl, often indicated as FeO2+ by omitting 

several ligands), which might or might not result in the •OH radical formation.118 The conversion efficiency of 

ferryl to •OH is highly uncertain but is estimated to be around 60% at pH 2,119 and it becomes very low under 

∼neutral conditions.120 Further, although less than •OH radicals, ferryl is also reactive and it can be involved in 

electron-transfer processes. To maximize the yield of •OH at the expense of less reactive ferryl species the 

Fenton reaction process is carried out under acidic conditions.121,122 Actually, the details of the reaction depend 

strongly on solution pH, as well as on the ligands around the Fe ions.111 

 

3.1.5. Photo-Fenton processes 

Several Fe(III) complexes are able to absorb UV light and even visible radiation of the solar spectrum to 

produce Fe2+ by ligand-to-metal charge transfer. In this way, the Fe(III) + H2O2 system under irradiation can 

photochemically produce the Fenton reagent. In the most general case the photo-Fenton system involves 

reaction (R 3-22) plus all the typical Fenton processes described in section 3.1.4, and most notably reaction (R 

3-17):123–125 

FeIII-L + hν → Fe2+ + L+•         (R 3-22) 

The •OH radical production of the reaction (R 3-17) is greatest at pH 3. At this value of pH, the Fe(III) ions are 

largely present in the form of the hydroxocomplex FeOH2+. The UV photolysis of the FeOH2+ ions results in 

the •OH radical production quantum yield of around 0.2:126 

FeOH2+ + hν → Fe2+ + •OH          (R 3-23) 

The main drawback to use the FeOH2+ ion as an •OH radical source in the aqueous phase is that this ion has an 

absorption maximum in the UVB region of the solar spectrum and can absorb only a limited fraction of the 

natural sunlight. Therefore, other aqueous phase •OH radical sources have been proposed that include Fe(III) 

ion complexes with oxalate, citrate, ethylenediaminetetraacetic acid (EDTA) and ethylenediamine-N,N'-

disuccinic acid (EDDS).127 These Fe(III) ion complexes undergo photolysis (see reaction (R 3-22)) through 

one-electron oxidation of the organic ligand (L). The reaction (R 3-22) does not directly produce •OH radicals. 

•OH is only generated via reaction (R 3-17) that follows (R 3-22). However, the Fe(III) ion complexes with 
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organic compounds (Fe(III)-L) absorb in the visible region of the solar spectrum and extend the solubility of 

Fe(III) ions to higher pH values. Because, in addition, the •OH radical production quantum yields from Fe(III)-

L complex photolysis can be higher compared to FeOH2+ ions,128,129 there is a definite advantage in the use of 

organic complexes of Fe(III) in the photo-Fenton process. 

After Fe2+ has been photochemically generated, the reactions taking place in the photo-Fenton system are quite 

similar to those involved in the dark Fenton process. Similarities include optimum pH and the possible 

formation of ferryl. However, in the photo-Fenton system, Fe2+ reaches a relatively low steady-state 

concentration 130 and the scavenging of •OH by ferrous iron (reaction (R 3-18)) is not important. 

 

3.1.6. Other Fenton systems 

The photochemical conversion of the Fe(III) ion into Fe2+ is only one of the means needed to activate the 

Fenton reaction. Other activation approaches include the electro-Fenton system.131–133 The electro-Fenton 

system reaction mechanism is believed to proceed through the simultaneous generation of Fe2+ and H2O2 upon 

cathodic reduction of Fe(III) and O2, respectively.131  

Fe(III) + e− → Fe2+        (R 3-24) 

O2 + 2 e− + 2 H+ → H2O2       (R 3-25) 

In the electro-Fenton system, a small amount of the Fe2+ catalyst salt is added to initiate the process. The 

ferrous salt reacts with the electrochemically generated H2O2 and the additional reduction of Fe(III) to Fe2+ 

becomes important when a large fraction of the initial Fe2+ has been consumed.134 Reaction (R 3-24) is 

important because it accelerates the recycling of Fe(III) to Fe2+ compared to reactions (R 3-20) and (R 3-21). 

Cathodes in electro-Fenton system are usually made up of graphite or glassy carbon.135 The anodic reaction 

(oxidation of water to O2) is often carried out in the laboratory using Pt electrodes.136 

2 H2O → O2 + 4 e− + 4 H+        (R 3-26) 

 
An alternative approach does not require the addition of any Fenton reactant, because Fe2+ is produced by 

oxidation of sacrificial Fe anodes. In this case, reactions (R 3-25) and (R 3-27) are followed by the classic 

Fenton cycle (see section 3.1.4), and most notably by reaction (R 3-17). Recycling of Fe(III) to Fe2+ by reaction 

(R 3-24) is also operational.137 
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Fe → Fe2+ + 2 e−         (R 3-27) 

Another way to produce the Fenton reagent is the application of high-frequency ultrasounds within aqueous 

solutions to split water into •OH + H• (sonochemistry is discussed in section 3.1.8).138 Briefly, ultrasound is 

applied to solutions containing Fe(III) ions, allowing for sonochemical production of both Fe2+ and H2O2:
139 

H• + Fe(III) → Fe2+ + H+          (R 3-28) 

H• + O2 → HO2
•           (R 3-29) 

HO2
• � O2

•− + H+           (R 3-30) 

Fe(III) + O2
•− → Fe2+ + O2          (R 3-31) 

HO2
• + O2

•− + H+ → H2O2 + O2          (R 3-32) 

Often, ferrous salts are initially added to the reaction system followed by ultrasound irradiation. Here, H2O2 is 

generated sonochemically and reactions (R 3-28) to (R 3-31) have been postulated to play a role in the Fe2+ 

cation regeneration after the initial amount of added Fe2+ has been largely consumed.140,141 In this system, •OH 

is produced both by water sonochemistry and the Fenton reaction. Interestingly, there is evidence that the two 

•OH sources may have comparable importance.132 

The Fenton reaction may also play some role in the context of the zero-valent iron reduction (ZVI).142 The ZVI 

technique has been proposed to detoxify target pollutants such as chlorinated organics by means of 

dechlorination carried out by metallic Fe, Fe°.143,144 It may be surprising that a strong oxidant such as •OH 

radical can be produced in a reductive environment, but the addition of Fe° to an aerated aqueous solution 

enables the following reactions to take place:145,146 

2 Fe° + O2 +4 H+ → 2 Fe2+ + 2 H2O         (R 3-33) 

Fe2+ + O2 → Fe(III) + O2
•−          (R 3-34) 

2 O2
•− + 2 H+ → H2O2 + O2           (R 3-35) 

The above reaction sequence (R 3-33) to (R 3-35) is not complete and, several additional reactions occur in the 

presence of ZVI and organic compounds.147 The reaction sequence (R 3-33) to (R 3-35) is not considered to be 

a “clean” •OH radical source. However, the possibility to generate hydroxyl radicals in aerated aqueous solution 

should be taken into account when using ZVI for reductive purposes.148 
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3.1.7. Ozonation  

Ozone is a widely used disinfectant in the fields of drinking water production and wastewater treatment.149 

Ozone disinfectant qualities have gained in popularity in recent years given that chlorination water treatment 

produces a wide range of potentially harmful disinfection by-products.150 However, ozone water treatment is 

not free of inherent by-product formation.151,152 

The production of ozone is energy intensive because it requires the vacuum ultra-violet (VUV) irradiation of, or 

the application of high-voltage electric discharges to, dry air or oxygen.153 Ozone is an effective disinfectant, 

but its instability and elevated toxicity make it unsuitable as residual disinfectant for drinking water. Therefore, 

in water treatment plants the primary ozonation has to be associated to a secondary disinfection stage.154 

Despite these drawbacks, ozone is reported to be effective in the depollution of water from selected organic 

contaminants.155 Ozone is particularly reactive toward alkenes (leading to the breaking of C=C bonds), amines 

and electron-rich aromatic compounds.156 

However, ozone shows negligible reactivity toward saturated organic compounds, electron-poor aromatics and 

several functional groups, which strongly limits the O3 ability to act as a generic solution for water depollution. 

A possible way to extend the action of ozone towards a wider range of water pollutants is to use techniques that 

produce •OH radicals from ozone itself.157 The relevant processes will be described in the next paragraphs. 

 

3.1.7.1. Reactivity of O3 under alkaline conditions 

The reactivity of O3 toward dissolved organic pollutants can be further enhanced by inducing the formation of 

•OH under alkaline conditions. Two different mechanisms (R 3-36 + R 3-37 or R 3-38 + R-3.39, see below) 

have been proposed for the reaction sequence:158,159 

O3 + OH− → HO2
• + O2

−•           (R 3-36) 

O3 + O2
−• + H2O → [HO3

• + O2 + OH−] → •OH + 2 O2 + OH−    (R 3-37) 

O3 + OH− → HO2
− + O2           (R 3-38) 

O3 + HO2
− + H2O → [HO2

• + O3
−• + H2O] → •OH + O2 + HO2

• + OH−    (R 3-39) 



 
 

31

A further proposal (O3 + OH− → O3
−• + •OH) looks less likely because •OH is a much stronger oxidant than O3. 

The formation of •OH under alkaline conditions usually causes an increase of the transformation rate of 

dissolved compounds, and particularly of those that react poorly with O3.
160 One of the limits of oxidation by 

ozone alone (e.g. under pH conditions where the reactions (R 3-36) to (R 3-39) are negligible) is that, while 

decreasing the Chemical Oxygen Demand (COD) of treated wastewater, the Total Organic Carbon (TOC) is 

affected to a much lesser extent.161 In other words, ozone oxidizes but it does not totally eliminate (mineralize) 

organic compounds, with an additional possibility to form harmful transformation intermediates.151,162 In 

contrast, •OH-induced processes cause both the COD and the TOC of wastewater to decrease, even leading up 

to total mineralization.163 

 

3.1.7.2. O3 /H2O2   

Another technique to produce •OH in the presence of O3 includes the addition of hydrogen peroxide, H2O2. The 

following reactions (R 3-38) and (R 3-39) are involved in the ozone-peroxide system (note than R 3-41 is a 

short-hand way to indicate R 3-39):164 

H2O2 � H+ + HO2
−           (R 3-40) 

HO2
− + O3 → •OH + O2 + O2

•−          (R 3-41) 

Also note that in the presence of •OH, H2O2 would be oxidized to HO2
• / O2

−• (R 3-15), thus also reaction (R 3-

37) would be operational. The •OH radical is both consumed and produced by the latter reactions, thus the 

reaction sequence (R 3-15) + (R 3-37) would correspond to H2O2 + O3 → 2 O2 + H2O, catalyzed by •OH. 

 

3.1.7.3. O3 /UV   

As in the gas-phase, the photolysis of O3 in aqueous solution occurs at λ≤320 nm yielding O(1D2). In water the 

process yields H2O2, thus reactions (R 3-40) and (R 3-41) would follow to produce •OH. Moreover, depending 

on the irradiation wavelength, the photolysis of H2O2 to •OH (R 3-14) can occur to some extent.  

O3 → νh  O2  + O(1D2)          (R 3-42) 

O(1D2) + H2O → H2O2           (R 3-43) 
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The photochemical formation of oxygen atoms in their electronically excited state (O1D2) is essential for •OH 

generation. The UV photolysis of ozone can also be used to produce •OH radicals in water treatment facilities, 

to obtain a more powerful reactant than O3 towards the degradation of organic compounds.164 

 

3.1.7.4. O3 /H2O2 /UV 

This process is a combination of the already described O3/UV, H2O2/UV and O3/H2O2, thus the relevant 

reactions involved are the sum of those operational in the three separate systems. The advantage is that the 

production of •OH is both chemical and photochemical, which can overcome the shortcomings of either system. 

Moreover, the poor radiation absorption of H2O2 is compensated for by the fact that its photolysis is not the 

only •OH source.165 

 

3.1.8. Water sonolysis 

The application of high-frequency ultrasound (in the approximate range of 100 kHz to 1 MHz) to aqueous 

solutions induces the formation of cavitation bubbles containing dissolved gases and water vapor. Bubbles 

undergo various cycles of expansion and compression until implosive collapse. The sudden collapse of the 

bubbles is adiabatic and causes the internal temperature to reach extremely high values of the order of several 

thousand Kelvin. Under such conditions, the compounds present in the gas phase of the imploding bubbles 

(including poorly hydrophilic and/or volatile solutes and water vapor) undergo pyrolysis processes.166 High-

temperature pyrolysis of H2O yields •OH radicals and H• atoms, the steady-state concentration of which reaches 

quite high values in a confined volume.167–169 For this reason, differently from the vast majority of the other 

techniques used to produce •OH radicals (in which the hydroxyl radicals are predominantly scavenged by 

organic and inorganic solutes), radical-radical recombination reactions prevail in sonochemistry.170  

The main primary processes occurring in aqueous solutions exposed to ultrasound (represented by “)))” in 

reaction (R 3-44)) are listed below. Reactions (R 3-48) to (R 3-49) apply in air-equilibrated solutions, before 

the prolonged application of ultrasounds removes dissolved gases, or in systems where continuous air supply is 

provided.171  

H2O →)))  •OH + H•          (R 3-44) 
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•OH + H• → H2O         (R 3-45) 

2 •OH → H2O2          (R 3-46) 

2 H• → H2          (R 3-47) 

H• + O2 → HO2
•         (R 3-48) 

2 HO2
• → H2O2 + O2         (R 3-49) 

The radical-radical recombination occurs in the gas phase or at the air-water interface of collapsing bubbles, 

and it constitutes a considerable limit to the energy efficiency by which sonochemistry can carry out the 

degradation of dissolved compounds. Indeed, most of the energy required to form reactive radicals is lost 

during recombination. Degradation processes of solutes involve either pyrolysis of gas-phase molecules within 

the bubbles, or migration of •OH to the solution bulk, where transformation of hydrophilic and/or poorly 

volatile compounds can take place.172 

The application of sonochemistry to induce pollutant degradation has been the focus of several recent studies.166 

Investigation in the field of sonochemistry has been further stimulated by the finding that cavitation processes 

such as those caused by ultrasound can also be induced by hydrodynamic phenomena, a technique that is more 

energy-effective.173,174 

Dissolved inorganic solutes such as HCO3
−, CO3

2−, NO2
−, Br− and I− can act as •OH scavengers, but their 

occurrence is not always detrimental to sonodegradation processes. Indeed, such species are also present at the 

air-bubble interface where they can “intercept” a fraction of •OH that would otherwise undergo radical-radical 

recombination. The relevant scavenging process yields reactive transients upon anion oxidation (CO3
•−, •NO2, 

Br2
•− and I2

•−, much less reactive than •OH), which can take part in the transformation of easily oxidized 

compounds. Therefore, depending on the reactivity of organic pollutants toward the radical species mentioned 

above, the anions HCO3
−, CO3

2−, NO2
−, Br− and I− could in some cases even enhance the degradation 

reactions.170,175 However, particular attention is to be paid to the possible formation of secondary pollutants in 

the presence of transients such as •NO2, Br2
•− and I2

•−, which have the potential to respectively nitrate and 

halogenate aromatic compounds.176 
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3.1.9. VUV photolysis of water 

Water and air are almost transparent above 200 nm, but the picture changes dramatically for wavelengths 

shorter than 190 nm. This spectral range is usually called vacuum ultra-violet (VUV) because radiation of this 

wavelength cannot travel in air due to absorption by oxygen, which is subsequently transformed into ozone by 

photolysis. Therefore, spectral measures in the VUV range are usually carried out under vacuum or in an inert 

(non-absorbing) gas atmosphere.177 In addition to being a possible source of ozone by air (or oxygen) 

irradiation, as an alternative to electrochemical O3 generation,178 VUV radiation is also a suitable technique to 

produce •OH upon water photolysis.179 

Historically, VUV photolysis has first been applied to water vapor as a source of gas-phase hydroxyl radicals 

for kinetic studies.180,181 The VUV photolysis of water vapor results in the following process:182,183 

H2O + hν → H• + •OH     (R 3-50) 

Water vapor can be photolyzed using a VUV flash lamp that was first developed by Norrish and Porter in 

Cambridge in the late 1940’s and for which they received the Nobel prize in 1967.184 The flash lamp is operated 

using an inductive energy store and the discharge occurs through a spark gap 185 or a hydrogen thyratron.186,187 

The lamp discharge flash is coupled into the reaction volume through a LiF window that transmits radiation 

longer than 104 nm. 

Reaction (R 3-50) would also take place in the presence of liquid water, but here the photolysis of OH− (R 3-51) 

would be operational as well: 

OH− + hν → •OH + e−         (R 3-51) 

The production of •OH from H2O/OH− by VUV irradiation has been made easier by the availability of cost-

effective excilamps, based on excimers or exciplexes of Xe2, Cl2, I2, XeBr, KrCl and XeCl.188 These lamps also 

opened up the possibility for water photolysis to be considered among the potential oxidation processes for 

wastewater treatment, although the Hg emission line at 185 nm is more often used in laboratory 

applications.189,190 Absorption of VUV radiation splits H2O/OH− into •OH and H• or •OH and e−. The reductive 
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character of hydrogen atoms and solvated electrons, which could compensate for the oxidizing activity of •OH, 

is minimized in aerated aqueous solutions by O2 scavenging to yield HO2
•/O2

−•.191 

A consequence of the fact that •OH is produced by irradiation of the solvent is that the water ability to absorb 

VUV radiation, combined with its high molar concentration, make H2O an optically thick medium in the VUV 

range. This means that VUV radiation penetrates only sub-mm water layers, and that the optical path length of 

the illuminated solution has to be kept to a minimum to avoid important diffusion-limitation effects.192 Another 

issue is that air is also non-transparent in the VUV, thus the irradiation lamps should be immersed in solution 

193 and not placed over it, as is allowed for instance in the case of UV (including UVC) irradiation. 

 

3.1.10 The 
•
OH radical in advanced oxidation processes (AOPs) 

Several of the techniques that can be used to produce •OH in the laboratory, and that are described in this 

chapter, can also be applied to the decontamination of polluted water and wastewater. This section will give a 

brief overview of the present applications of •OH-based advanced oxidation processes (AOPs) in the field of 

water treatment.  

Ozone is a widespread oxidant that is extensively used for the disinfection of water and wastewater. Its 

applications have increased enormously since the discovery that the reaction between chlorine and organic 

matter yields harmful trihalomethanes as disinfection by-products.194 Not surprisingly, the diffusion of the 

ozone-based technologies provides a considerable advantage to the techniques that produce •OH from ozone 

(i.e. operation in basic solution, UV irradiation, addition of H2O2). From this point of view, the generation of 

•OH from ozone can be seen as a useful upgrade that considerably enhances the O3 depollution 

potential.157,195,196 

The Fenton reaction is also extensively used in water treatment. In addition to the thermal process, much 

interest has recently been raised by the solar photo-Fenton techniques. They consist in Fe(III)-based systems 

where the addition of ligands extends radiation absorption into the visible range. One such ligands is citrate, 

which is particularly useful thanks to its environmental friendliness. The solar photo-Fenton technology has 

recently proven its considerable potential in water treatment.197–199 Moreover, a very important application is 
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related to the cheap production of safer water for human use in developing countries, the so-called solar 

disinfection (SODIS) technique. The SODIS operation is very simple: raw water (usually contaminated by 

potentially harmful bacteria and viruses) is placed in a clear, transparent polyethylene bottle and placed under 

sunlight over an inclined undulated metal plate surface (e.g. a roof).200 The disinfection carried out by UV 

radiation and heating can be enhanced with additives such as H2O2 and/or juice from a squeezed lemon. The 

latter, in addition to creating pH conditions that are unfavorable to bacteria, can aid the solar photo-Fenton 

process. The iron that is naturally contained in water is complexed by citrate, thereby absorbing sunlight and 

yielding Fe2+ upon photolysis, which reacts with H2O2 to yield •OH.200–202 Day-long water treatment under 

sunlight considerably reduces the potential of water to induce disease, because •OH and related oxidants kill 

bacteria, viruses, parasite larvae and eggs. Although the final product could not be really considered as drinking 

water by western standards and legislation, SODIS is currently the only feasible treatment option in several 

rural communities in developing countries. Therefore, it could give a considerable help to reduce the worldwide 

diffusion of waterborne disease.200 

Heterogeneous photocatalysis (especially that based on titanium dioxide, TiO2), while not a “clean” system to 

produce •OH in laboratory conditions, is another potentially important technique to photodegrade pollutants. 

Presently its application to water treatment suffers from the successful competition by ozone-based systems and 

the solar photo-Fenton, but titanium dioxide is becoming an important tool for the abatement of airborne 

pollutants. Indeed, many commercial applications concern air rather than water treatment.203,204 

The heterogeneous photocatalysis makes use of semiconductor materials (usually metal oxides) that absorb 

radiation in the UV-visible range. The most successful material to date is anatase TiO2, which can absorb the 

UVB and UVA components of sunlight. Radiation absorption promotes electrons from the valence to the 

conduction band of the semiconductor, leaving electron vacancies (holes) in the valence band. Most 

photogenerated electrons and holes recombine in the semiconductor bulk, which constitutes the main limit of 

the photocatalytic process. However, some electrons and holes escape bulk recombination and migrate to the 

semiconductor surface, where they can be trapped by surface and sub-surface groups. Recombination of 

(sub)surface-trapped electrons and holes is possible but it is much slower than in the bulk, which enables 

chemical reactivity. Holes can be trapped by surface ≡TiIV-OH− and sub-surface ≡TiIV-O2−-TiIV≡ to produce 
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oxidizing agents (≡TiIV-•OH and ≡TiIV-O•−-TiIV≡, respectively). Electrons can be trapped by surface =TiIV= to 

produce =TiIII-, a reducing agent. The latter could for instance react with dissolved O2 to yield superoxide. 

Interestingly, such a reductive pathway finally yields free •OH through the following reaction scheme:205,206 

=TiIII- + O2 → =TiIV= + O2
•−        (R 3-52) 

2 O2
•− + 2 H+ → H2O2         (R 3-53) 

H2O2 + hν → 2 •OH        (R 3-54) 

H2O2 + =TiIII- → =TiIV= + •OH + OH−      (R 3-55) 

The species ≡TiIV-•OH, ≡TiIV-O•−-TiIV≡ and •OH are all involved in pollutant degradation (and in some cases, 

also the reducing agent =TiIII- can play an important role). The main limits of the process are the poor use of 

sunlight (TiO2 does not absorb visible radiation) and the low quantum yield/photon efficiency, because of the 

effective bulk recombination processes between electrons and holes.207,208 

The irradiation of H2O2 alone, despite its straightforwardness and the high •OH quantum yield, is not so 

frequently used in remediation processes. The main reasons are the limited ability of hydrogen peroxide to 

absorb sunlight, and its not-so-high absorption coefficients in the UVC region. In the latter spectral interval, 

important spectral interference with the natural water matrix may take place.209 However, H2O2 under 

irradiation is often used in combination with O3 or in photo-Fenton processes. 

The practical applications of sonochemistry are strongly limited by the elevated costs of the technique, which 

presently has very low energy efficiency. However, sonochemical cavitation is often proposed in combination 

with other techniques (e.g. those based on irradiation) to improve the treatment efficiency and keep operational 

costs to a reasonable level.210,211 In these cases as well, however, the development of the technique has not gone 

far beyond the laboratory stage.  

The VUV photolysis of water also has a limit represented by the operational costs. While the use of mercury 

lamps emitting at 185 nm allows a cost-effective production of VUV photons, a major problem is connected 

with the elevated cross section of water that allows only limited volumes to be treated. Therefore, further 

development and an additional decrease of the radiation energy costs could be required before the technique 

reaches operational maturity.212 
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3.2. The laboratory 
•
OH production in the gas phase 

3.2.1. Reaction of ozone with alkenes 

The reaction of ozone with alkenes represents an important source of •OH radicals in the gas-phase, especially 

in the urban and forested regions.  In 1992, Paulson et al. 213, Paulson and Seinfeld 214, and Atkinson et al. 215 

demonstrated that the •OH radical can be efficiently generated under laboratory conditions produced from the 

gas-phase reaction of ozone with isoprene, 1-octene, ethene, and a series of monoterpenes. The •OH radicals are 

formed in a multistep process whose chemistry has been detailed by Atkinson et al. 216. Briefly, an ozonide is 

formed during the ozonolysis of the alkenes that rapidly decomposes into one of two possible combinations of a 

carbonyl and a biradical. The energy rich biradical then rearranges or reacts via a number of different pathways. 

Two of the possible pathways, the ester channel and the hydroperoxide channel, lead to the formation of •OH. 

The yield of •OH formation describes the •OH quantity produced while one molecule of ozone reacts with one 

molecule of a given alkene. On the other hand, the alkenes are removed by •OH; hence, the concentrations of 

•OH radical are governed by competition between the production rate of the ozone/alkene reaction and the 

elimination rate by the •OH /alkene reaction. The steady state concentration of •OH radical can be presented as 

a ratio between the source and the sink: 217 
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Φ
=         (Eq 3-4) 

where alkeneO3
k +  is the rate constant for the reaction between the ozone and the alkene, 

OH•Φ  is the yield of •OH 

formation, 
alkeneOH

k
+•  is the rate constant for the reaction between the •OH and the alkene, and 

3OOH
k

+•  = 7.3 · 

10−14 cm3 molecule−1 s−1 218 is the rate constant for the reaction between ozone and •OH. The •OH yield is 

highly variable between 0.08 for the reaction between ozone and 1,3-butadiene and 0.91 for the reaction 

between ozone and α-terpinene.219 The accuracy of this method depends on associated uncertainties of the rate 

constants and ozone concentrations measured with commercial ozone analyzers. 
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3.2.2. Photolysis of hydrogen peroxide (H2O2) 

The photolysis of hydrogen peroxide (H2O2) is a very common method used for laboratory generation of •OH 

radicals in the gas phase. This method is unique because under dark conditions, H2O2 acts as an •OH radical 

scavenger, converting •OH to HO2
• but under light irradiation efficiently generates •OH radicals. 

H2O2 is photolyzed in a 248 nm excimer laser pulse to produce ground state •OH radicals with a quantum yield 

of 2 (R 3-54).220 The generated •OH radicals will then react quite rapidly with the remaining excess of H2O2, 

with the rate constant k = 1.7 · 10−12 cm3 molecules−1 s−1.218 The exponential decay of •OH allows one to 

estimate the [H2O2]. The temporal evolution of [•OH] can be described by the integrated rate law for first-order 

kinetics. 

 

3.2.3. Photolysis of nitrous acid (HONO) 

Photolysis of gaseous HONO at wavelengths below ~ 400 nm is another important •OH source, especially in 

the chamber experiments of atmospheric relevance (R 2-25).221  

However, this source is insufficient to maintain an effectual •OH concentration, especially in the presence of 

high concentrations of VOCs. Therefore, a regeneration of •OH from HO2
• radicals is crucial. 

HO2
• + NO → •OH + NO2                             (R 3-56) 

HO2
• + O3 → •OH + 2O2                       (R 3-57) 

HO2
• can be formed during the reactions of •OH with the VOCs or indirectly from the organic peroxy radicals 

(RO2
•) after another reaction step involving NO: 

•OH + VOC → RO2
•            (R 3-58) 

RO2
• + NO → RO• + NO2           (R 3-59) 

RO• + O2 → R’O + HO2
•           (R 3-60) 
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The presence of NO leads to a propagation of the radical chain and counteracts terminating HO2
• and RO2

• self- 

and cross-reactions. The •OH radicals can be also recycled during the reactions of HO2
• with RO2

•: 

RO2
• + HO2

• → RO• + O2 + •OH         (R 3-61) 

An important number of simulation chamber studies observed a significant so called “background” •OH 

production in a clean environment that could not be attributed to known •OH radical precursors 222. A 

heterogeneous formation of HONO and its subsequent photolysis was suggested to explain this so called 

background reactivity within the simulation chambers 223–226. It was postulated that HONO is formed, at least in 

part, by the heterogeneous dark hydrolysis of NO2 on the humid chamber surfaces 
227–232 and by a photo-

enhanced HONO formation 223–226, the mechanism of which is still under discussion. 

This background HONO production could differ at varying lighting conditions. Higher irradiation conditions 

would increase the photo-enhanced HONO formation but would also cause higher photolysis of the HONO 

formed. The balance can only be determined by especially dedicated experiments in identical conditions, not 

only of light irradiation but also of other experimental parameters, such as RH (%).221 

Therefore, the investigations on •OH radical budget in the chamber experiments have to be performed under 

well controlled conditions. 
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4. Production and production-detection of 
••••OH radicals in the laboratory, in the gas phase and in the 

aqueous phase 

 
Hydroxyl radicals have a very short lifetime because of their high reactivity, and consequently their 

concentration in aqueous solution is very low, typically below 10−12 M.233 In order to study aqueous-phase •OH 

chemistry, certain precautions must be taken. First, radical species must be produced using the cleanest possible 

way (e.g. Fenton and photo-Fenton reactions may generate potential interferences). Second, transient radical 

concentrations ought to be low enough in order to avoid unwanted complications from the secondary chemistry 

(e.g. recombination reactions). Such considerations have led over the years to the development and validation 

of well established experimental methods such as pulse radiolysis and laser flash photolysis techniques. These 

laboratory techniques, coupled with spectroscopic or competition kinetics methods, combine the production and 

the detection of •OH radicals and they allow, inter alia, the study of reaction kinetics.  

The approaches used to investigate the reaction kinetics in the liquid phase are similar to those in the gas phase, 

that is, the use of diverse spectroscopic techniques to follow the loss of one reactant (or the build-up of one 

product) in the presence of a large excess of the second reactant. UV-visible spectroscopy is a primary tool for 

following both stable species and radicals in solution. 

The exciplex laser is used to generate •OH radical, which is located in a cell configured with white optics used 

to obtain long total pathlengths using a shorter base path. The time dependence of the concentrations of the •OH 

radical can be followed by using the absorption of light from a laser. According with the nature of the 

investigations the detection system can be a photodiode, a monochromator-photomultiplier or a photodiode 

array detector spectrometer. 

Due to the very low concentrations of •OH (< 5×107 cm−3) and HO2
• (< 5×109 cm−3) and to the very high 

reactivity of the •OH radicals, their in situ measurements are rather difficult. In the last 20 years, two techniques 

have been developed that are suitable to measure •OH with sufficiently high sensitivity (about 105 cm−3) and 

time resolution (less than 1 min): laser induced fluorescence, LIF, also known as fluorescence assay by gas 

expansion (FAGE), and chemical ionization mass spectrometry (CIMS). Being very sensitive, both methods 

require meticulous field calibration that limits the accuracy of the measurements, which is normally about 30%. 
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In addition, a number of factors have been identified for both techniques that may interfere with radical 

measurements and influence their accuracy, e.g. the influence of high NO concentrations for the CIMS 

technique or humidity variability for the FAGE. The role of such interferences may be more important for the 

measurements conducted in polluted environments in the presence of a large number of organic compounds at 

high concentrations. Under such conditions, the intercomparison of the two techniques becomes the only 

method to test their reliability.  

The concept of laser flash photolysis (LFP) is very simple. A short pulse of light at a certain wavelength is 

made to interact with a sample that has been placed in the optical path of a spectrometer. The result of this 

interaction can be either a transient absorption or an emission process. The changes in detector signal that 

follow laser excitation may be due to a variety of processes such as electronic excitation producing a triplet 

state, cleavage of a molecule producing radicals, electron transfer, molecular rearrangement etc. 

The laser flash photolysis technique can be applied for kinetic analysis and for transient absorption 

measurements. In both cases an excimer laser is used as an excitation and probe source, and a combination of 

monochromator, photomultiplier or CCD spectrograph can be used as a detection system. 

A common LFP •OH radical precursor is hydrogen peroxide, H2O2. The H2O2 is typically photolyzed using an 

excimer laser at λ=248 nm. The •OH radicals are generated via the following reaction with a quantum yield of 

∼2 in the gas phase and ∼1 in aqueous solution.103 

H2O2 + hν (λ=248 nm) → •OH + •OH      (R 4-1) 

The combination of LFP and laser-induced fluorescence (LIF) is a suitable method to study the •OH reactions 

in the gas phase, while LFP can be used to study comparable processes in aqueous solution. Detection of •OH 

by electron paramagnetic resonance (EPR) and with probe molecules are more often used in solution. 
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4.1. Detection of 
•
OH radicals in the gas phase by chemical ionization mass spectrometry (CIMS) 

 

The •OH radical in the gas phase can be effectively measured by chemical ionization mass spectrometry 

(CIMS) The measurement of the hydroxyl radical by CIMS is carried out by titrating •OH into H2SO4 in a 

timescale that is shorter compared to the •OH lifetime. The isotopically labeled 34SO2 is used to distinguish 

between the H2SO4 and H2
34SO4 which is derived by •OH.  

The titration takes place in a 1.9 cm diameter tube by adding 34SO2 through two transverse and opposed 0.011 

cm ID injectors. The titration reactions are given as follows234  

•OH + 34SO2 +M → H34SO3
• + M        (R 4-2) 

H34SO3
• + O2 → 34SO3 +HO2

•        (R 4-3) 

34SO3 + H2O + M → H2
34SO4 + M        (R 4-4) 

As was emphasized by Eisele and Tanner, the interference from the •OH regeneration may be reduced by 

shortening the •OH to H2SO4 conversion time, which is of the order of several tens of milliseconds. Considering 

the importance of CIMS for the •OH measurements, it is important to optimize a CIMS instrument for polluted 

conditions. In this sense, a more recent version of this analytical technique was successfully applied in several 

field and chamber measurements235,236. In brief, the •OH radical is measured by titrating sampled •OH radicals 

into H2SO4 by addition of SO2 into a chemical conversion reactor in the presence of water vapor and oxygen. 

H2SO4 is detected by using mass spectrometry as an HSO4
─ ion, produced by chemical ionization with NO3

─ in 

an ion-molecule reactor. The concentration of total peroxy radicals (RO2
•) is measured by converting them into 

•OH radicals via reactions with NO. The short conversion time of •OH to H2SO4 employed in this instrument 

(about 3 ms) ensures minimum interference on the •OH measurements by high NO ambient concentrations. The 

calibration of the instrument for the •OH and RO2
• measurements is based on the production of controlled 

concentration of •OH and RO2
• radicals in a turbulent flow reactor by photolysis of water vapor at 184.9 nm. 

The calibration uncertainty (2σ) is estimated to be of 25% for •OH and of 30% for HO2
•. A lower limit of 
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detection for •OH radical measurements is 8 × 105 molecule cm−3 for one 2-min •OH point at a signal-to-noise 

ratio of 3. The typical precision of the 15-min averaged data corresponds to a standard random deviation better 

than ± 15% for •OH concentrations higher than 106 molecule cm−3, and better than ± 5% for RO2
• levels higher 

than 108 molecule cm−3. Accounting for the calibration uncertainties and measurement precision, the overall 2σ 

uncertainty of the 15 min averaged measurements of •OH and RO2
• is estimated to be 30% and 36%, 

respectively. 

 

4.2. Production and detection of 
•
OH radicals in the gas phase by LFP and LIF  

LFP can be carried out using lasers with specific wavelengths and pulse durations of nanoseconds to 

femtoseconds. The intense light pulse of the laser creates short lived photo-excited intermediates such as 

excited states, radicals and ions. The advantages of lasers reside in the use of specific wavelengths, which 

minimizes the simultaneous photolysis of reactants or products that can occur with broadband light sources, and 

in the availability of higher light intensities to generate larger radical concentrations. Excimer lasers such as 

ArF at 193 nm, KrF at 248 nm, XeCl at 308 nm and XeF at 351 nm have been proven especially useful in the 

characterization and generation of free radicals. 

The LFP technique has been proven as one of the most frequently used methods for the production of •OH 

radicals in the gas phase. Whilst flash lamp photolysis is still used in kinetic experiments to produce •OH 

radicals, the laser flash photolysis (LFP) technique offers high-energy shorter pulse durations, higher repetition 

rates, a narrow, precisely defined wavelength range and a well-defined profile, at the cost of greater 

experimental complexity and price tag. Since the laser pulse duration is much shorter than the flash lamp pulse, 

LFP has an advantage to study reactions on much smaller timescales. That is, it is the duration of the photolysis 

pulse that places a limit on the timescale of reactions that can be studied. The high beam energies of excimer 

lasers are also of great importance because high amounts of •OH radicals can be produced from low precursor 

concentrations which, in turn, simplify the overall secondary reactions of the transient with the precursor. 

Disadvantages of LFP include ionization and superexcitation of the photolyzed species caused by high-energy 

laser pulse.  
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A KrF excimer laser at λ = 248 nm, causes decomposition of HNO3 and H2O2 to generate •OH radicals and the 

third harmonic of Nd:YAG laser at λ = 355 nm induces dissociation of HONO and produces •OH radicals.  An 

ArF excimer laser which operates at 193 nm can be used to generate •OH radicals by decompositon of N2O, as 

follows: 

N2O + hυ (λ=193 nm) → O(1D2) + N2       (R 4-5) 

O(1D2) + H2O →  2 •OH         (R 4-6) 

The laser induced fluorescence can be used to detect the •OH radical in the gas phase. Typically, the gas phase 

LIF experiments involve time-resolved detection of •OH (X2π, v”=0) by pulsed laser-induced fluorescence 

spectroscopy at λ ~ 282 nm (1-0 band of the A2Σ+ - Χ2π system). Temporal profiles of ground state •OH 

radicals are then mapped out by varying the time delay between the photolysis laser flash and the 282 nm probe 

pulse. The geometry of the experimental system is such that it allows for the photolysis laser and the probe laser 

beams to enter perpendicular to one another and the photomultiplier tube (PMT) detector to be orthogonal to 

the overlapping beams.  

In a typical LIF experiment, an excimer laser (λ = 308 nm) is used to pump a second probe dye laser. When 

Coumarin-540A dye is employed, the dye laser output at λ ~ 564 nm is frequency doubled to obtain tunable 

radiation at λ ~ 282 nm.  The tunable radiation excites the Q11, Q11’ and R2
3 lines in the (1,0) band of the 

(A2Σ+, v’=1) ← (X2π, v”=0) transition of the •OH radical around 282 nm. The probe laser is triggered at a 

variable delay time after the photolysis pulse. Fluorescence in the 0-0 and 1-1 bands at λ = 308 - 314 nm is 

collected by a quartz lens on the axis normal to both the photolysis laser beam and the probe laser beam, passed 

through one or two 309 nm interference filters, then through another lens that images the transmitted radiation 

onto the photocathode of a PMT. 

A LFP system coupled to a LIF apparatus is commonly used technique for measuring the rate constants of gas 

phase reactions of •OH radical.237,238 Ambient or artificial air is introduced into a reaction cell. •OH radicals are 

generated by the photolysis of O3 (see R 2-7 and R 2-8) with a pump laser beam passing through the flow tube. 

The generated •OH radicals are mixed and react with the reactants in the reaction cell.  
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The change in concentrations of •OH radicals generated by the pump laser (LFP) is probed by using a time-

resolved LIF technique. 239 Considering the reaction of •OH with acetone as a typical example of atmospheric 

relevance, the decay of •OH concentrations can be described with the following equation:
 

}])][])([(exp[][OH][ 2330t
233

tdNOkCHCOCHkOH
NOOHCOCHCHOH

++−=
++

••
••    (Eq 4-1) 

where [•OH]t is the concentration of •OH at time t and [•OH]0 is the initial concentration of •OH radicals at t = 

0, while d is the rate coefficient for diffusion out of the reaction area. When the concentrations of acetone 

which reacts with •OH are in excess compared to those of •OH radicals, the decrease of the •OH concentration 

can be expressed by the pseudo-first order decay rate constant k’, and it is related to the desired rate constant, 

33COCHCHOH
k

+• , as follows: 

dNOkCHCOCHkk
NOOHCOCHCHOH

++=
++ •• ][])([' 233

233
      (Eq 4-2) 

The decay rate of •OH due to the reaction with NO2 emerges from the intercept in the plot of k’ versus 

[CH3COCH3].  

 

 

4.3. Production and detection of 
•
OH radicals in the aqueous phase by laser flash photolysis  

The formation of •OH radicals in the aqueous phase is based on the laser flash photolysis of three possible 

precursors, i.e. nitrate, nitrite and hydrogen peroxide in the range between 248 and 390 nm. The absolute 

quantum yields for the above-mentioned •OH precursors are reported in a review article by Herrmann.78 It has 

been shown that in general the absolute values for the •OH-quantum yield at 298 K, based on the photolysis of 

hydrogen peroxide, are one order of magnitude higher compared to the quantum yields obtained from the 

photolysis of nitrate and nitrite.  

Herrmann and his coworkers largely used the LFP technique to study the •OH reactivity in aqueous phases of 

atmospheric relevance. A series of reactions with various classes of organic compounds were studied and the 

results were summarized in a review article by Herrmann. 240 

To overcome the limits associated with the weak absorption of •OH radical in the aqueous phase, the group of 

Herrmann developed a “direct” method to study the •OH reactivity by monitoring the build-up of the associated 
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peroxy radicals, formed by the reaction between •OH and target organic substrates.  In this case, the •OH 

radicals are formed by photolysis of water at 193 nm by an excimer laser based on ArF as an active medium. 

H2O + hν (λ=193 nm) → H• + •OH          (R 4-7) 

The absorption spectra of •OH radicals were detected by CCD camera. The obtained extinction coefficient of 

•OH radical in the aqueous phase at 244 nm is then used to observe the formation of peroxy radicals (RO2
•), 

taking into account the interference by HO2
• radicals that absorb light at 244 nm and the decay of •OH radicals. 

An internal frequency doubled Argon-ion laser with an output at λ=244 nm is used as an analyzing source of 

•OH radicals and a sensitive photo-diode connected to a digital osciloscope is used as a detection system. 

This methodology was applied to study the aqueous phase reactions of •OH radicals with a series of organic 

compounds at different temperatures and ionic strengths.  
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4.4. Detection of 
••••OH radicals by electron paramagnetic resonance 

 
Electron paramagnetic resonance (EPR) or electron spin resonance (ESR) spectroscopy 241,242 offers the 

possibility to detect free radicals directly. Similarly to nuclear magnetic resonance (NMR) spectroscopy, this 

technique is based on the interaction between the electronic magnetic moment of radicals, placed in the EPR 

cavity of the spectrometer, and the externally applied magnetic field. One condition for observing an EPR 

signal is that the stationary state concentration of radicals has to rise above the detection limit of the 

spectrometer. However, •OH radicals are short-lived species reacting fast and often at a rate close to the 

diffusion-control limit: their direct detection is then rather difficult. The spin trapping technique overcomes this 

dilemma by transforming short-lived radicals into more persistent paramagnetic species, thus permitting EPR 

detection. It consists upon the addition to the reaction system of a diamagnetic acceptor agent (spin trap) having 

high affinity for reactive radicals, in order to produce a sufficiently persistent adduct (spin adduct) that can be 

readily observed by ESR spectroscopy at room temperature.243,244 Analysis of EPR spectra provides 

characteristic parameters that are the hyperfine coupling constants and the g-factor, permitting to identify the 

initial trapped radicals. 

The spin traps are generally nitroso or nitrone compounds that yield aminoxyls (or nitroxides) after trapping the 

radical Y (Scheme 1). Nitrones are generally preferred to nitroso compounds, which are less soluble in water 

and unstable because of their high sensitivity to light and temperature. The most common used nitrones are the 

cyclic nitrones dimethypyrroline N-oxide (DMPO), N-t-Butyl-Phenylnitrone (PBN) and 2,2,6,6-

Tetramethylpiperidine-N-Oxyl (TEMPO). More than 100 derivatized DMPO/PBN spin trap agents have been 

synthesized and they have been compiled by Tordo and Clément,245 who reported that phosphorylated 

(DEPMPO) and ethoxycarbonylated (EMPO) analogues of DMPO enhanced the spin adducts life-time. The 

rate constant of •OH trapping by DMPO has been determined as 3.3 · 109 M−1s−1.246 The apparent rate constants 

of •OH trapping by DEPMPO and EMPO in competition with ethanol were determined to be (4.83±0.34) · 109 

and (4.99±0.36) · 109 M-1 s-1, respectively.247 Half-lives of the •OH adducts of DMPO, DEPMPO and EMPO 

were measured as 55, 127 and 132 min, respectively. 247 It has also been reported that the signal half-time of 

trifluoroacetate may be enhanced at pH 6.15,248 or in the presence of dihydroxybenzene.249 A compilation of 



 
 

49

hyperfine coupling constants characterizing various spin trap/•OH adducts for different experimental conditions 

has been provided by Buttner.250 

Scheme 1. Spin trapping by nitroso and nitrone compounds 
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Scheme 2. Example of common spin traps (DMPO, PBN, TMPO) and more recent spin traps (DEPMPO, EMPO) 
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Spin trapping experiments coupled with EPR analysis require careful handling due to possible artifact signals 

which could lead to wrong attribution of the •OH spin adduct. For example, reverse spin trapping can occur in 

oxidant milieu in the presence of spin trap (ST). The ST can undergo electron abstraction into the radical cation 

ST�+, which can add water by nucleophilic addition yielding a ST/•OH-like spin adduct.251 Spin trap/•OH-like 

spin adduct can also occur from intramolecular rearrangement of the nitrone into the corresponding oxaziridine 

which, similarly to the ring opening of epoxide, may be hydrolyzed. The resulting hydroxylamine is then 
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readily oxidized into the same aminoxyl as formed by •OH trapping.252,253 Conventional methods permitting to 

eliminate artifact events and to verify the presence of •OH use classical inhibitors such as alcohols. 

The first application of spin trapping coupled with EPR spectroscopy for identifying •OH generated from the 

catalyzed photodecomposition of water in the presence of TiO2 was reported by Jaeger and Bard.254 This 

technique has been particularly used in the 90’s to characterize •OH radicals in the photooxidation of 

chlorophenols in the presence of H2O2,
255 in TiO2-H2O2-photocatalytic systems for the decomposition of p-

toluenesulfonic acid 256 or alkylphenols,257 in TiO2-water-oxygen systems for the mineralization of p-cresol,258 

or to demonstrate the implication that •OH produced in Fenton system originates exclusively from hydrogen 

peroxide.259 More recently, intermediates in wet air oxidation, including •OH, were successfully identified from 

real effluent containing Nuclear-Fuel-Chelating compounds 260 or model effluent containing cellulose.261 

 

4.5. Indirect 
••••OH detection with probes 

Here, a selection of probes aimed to characterize the •OH radicals in the aqueous phase, is presented. The 

method of indirect •OH detection is based on the introduction of a molecular probe which reacts selectively 

(trapping) with •OH to form stable hydroxyl radical-derived adducts. Thus, the monitoring of the probe 

decreasing or of the derived by-product increasing is an indirect method to measure the •OH concentration. The 

probe should be easy to measure and especially stable, as well as non-reactive with the surrounding matrix, 

which may contain other organic and non-organic compounds which may interfere with or inhibit the 

identification. The choice of the probe is determined by the system under study, taking into account the 

solubility of the probe, the complexation properties with possible elements in the matrix (metals), and its 

toxicity toward microorganisms (for biological systems). Compared to the direct detection techniques, the 

probe-trapping method is a readily available and economically useful technique, permitting identification and 

measurement of the •OH radical concentration for routine analysis. Common probes are salicylic acid, para-

chlorobenzoic acid, benzoic acid, terephthalic acid, benzene or more generally aromatic compounds, and 

alternatively dimethylsulfoxide (DMSO). The product resulting from the reaction of hydroxyl radicals with the 

probe is generally separated by high performance liquid chromatography (HPLC) coupled with detection 
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techniques, which generally include ultra-violet spectrophotometry and/or fluorescence, chemiluminescence, 

and mass spectrometry (MS). Electrochemical detection (ECD), developed in 1984,262 has been also proposed 

particularly in biological-related systems,263 allowing high sensitivity and selectivity. The sensitivity of ECD 

was reported to be 1000 times higher than the optical detection. Other separation techniques have also been 

described, particularly capillary zone electrophoresis (CZE) coupled with electrochemical detection 264,265 and 

micellar electrokinetic capillary chromatography (MECC) coupled with UV detection.266 However, the CZE-

ECD technique requires a precise pH control for the separation and analysis of components.267 

The detection of •OH by hydroxylation of aromatic compounds has been known for a long time,268 and salicylic 

acid (SA) represents probably one of the most popular probes in free-radical experiments. SA is known to react 

with hydroxyl radicals at a rate constant of 2.2 · 1010 M−1s−1,269 producing quantitatively 2,3-dihydrobenzoate 

(2,3-DHBA), 2,5-dihydroxybenzoate (2,5-DHBA) and, to a lesser extent, pyrocatechol (Scheme 3).  

Scheme 3. Hydroxylation of salicylic acid (SA) 
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The quantitative determination of the primary hydroxylated derivatives of SA allows to assess, in a relative 

way, the •OH radical concentrations. SA has often been used in free radical research,267 and in particular in 

studies related to biological systems where the absolute amount of 2,3-DHBA and 2,5-DHBA was measured to 

assess free radical damage. As example, Coudray et al. used SA as an in vivo marker of oxidative stress,263 

obtaining quite low detection limits (0.37 nM and 0.62 nM for 2,3-DHBA and 2,5-DHBA, respectively) with an 

electrochemical detector (ECD). Recently, this technique was applied for the detection of •OH in the 

atmosphere where lower detection limits were reached (0.3 nM and 0.15 nM for 2,3-DHBA and 2,5-DHBA, 

respectively) with a coulometric detector. 270 SA has been used successfully in AOPs by Jen et al.,271 who 

determined indirectly the relative concentration of •OH generated from a Fenton system (Table 1), and by 

Karnik et al. in an ozone-membrane filtration hybrid process.272 
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Table 1. Probes, detected adducts with detection limit, and experimental conditions for indirect detection of hydroxyl radical 

(Yan et al. 
2005)Probe 

Detected species Separation/detection Observation conditions pH Detection limit Ref. 

SA (245-729 µΜ)  2,3-DHBA 

2,5-DHBA 
HPLC/ECD 

In Vivo (plasma)  0.37 nM (2,3-DHBA) 
0.62 nM (2,5-DHBA) 

273 

SA (250 µg/mL) 2,3-DHBA 
2,5-DHBA 
Pyrocatechol 

HPLC/UV Fenton: H2O2 (50 µg/mL), Fe2+ (5 
µg/mL) 

2.0-5.0 
Optimum: 
3.5 

0.1 ng 271 

SA (20 mΜ) 2,3-DHBA  
2,5-DHBA 

CZE/AD Fenton: H2O2 (2 mM), Fe2+ (1 mM), 
EDTA (1 mM) 

7.4 20 nM (2,3-DHBA) 
20 nM (2,5-DHBA)  

266 

SA (50 µΜ) 2,3-DHBA  
2,5-DHBA 

HPLC/ECD Atmosphere  3 nM,a 0.3 nMb (2,3-DHBA) 
2 nM,a 0.15 nMb (2,5-
DHBA) 

270 

p-HBA (0.3 mΜ) 3,4-DHBA CZE/ECD Fenton-type: CuSO4 (1 mM), Vitamin C 
(2 mM), H2O2 (10 µΜ) 

7.1-8.6 
 

1.5 µM 274 

p-CBA (1.92 µM) p-CBA HPLC/UV TiO2 (0.1-2.0 g.L-1/hν(300-420 nm) 5.7,7.1,8.2  275 
DMSO (250 mM)/ 
DNPH (240 µM) 

HCHO HPLC/UV AOPs:c 

H2O2 (8 mM), Fe2+/3+ (0.2 mM) 
2-6 0.54 µM 276 

TA (4.25 mM) 2-HOTA /FL Fenton: H2O2 (2.5-50 µM), Fe2+ (50 
µM) 

 5 nM 277 

TA (5 mM) 2-HOTA /FL Fenton: H2O2 (1-30 µM), Fe2+ (1-30 
µM) 

7.4 0.2 pM 278 

Luminol (0.2 µM) Aminophtalate /CL Catalyst: DPC (20 µM), H2O2 (100 pM) 11 41 pM 279 
Abbreviations: SA: Salicylic acid, DHBA: Dihydroxybenzoic acid, HPLC: High pressure liquid chromatography, ECD: Electrochemical detection, p-HBA: parahydroxybenzoic acid, p-CPA: parachlorobenzoic 
acid: DMSO: Dimethysulsoxide, DNPH: 2,4-Dinitrophenylhydrazine, TA: Terephthalic acid, HOTA: Hydroxyterephthalic acid, FL: Fluorolumunescence, CL: Chemiluminescence.  
aAmperometric detection. 
bCoulometric detection. 
cFe2+/H2O2; Fe3+/H2O2; Fe2+-EDTA/H2O2; Fe3+-EDTA/H2O2; Fe2+-bipyridine/H2O2; Fe3+-bipyridine/H2O2; UV/H2O2; UV-Fe2+/H2O2. 
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A number of other aromatic compounds have been employed to identify •OH radicals, and we give here some 

examples like benzene for the identification of •OH sources and sinks upon irradiation of natural waters,280–282 

phenol in Fenton systems,283 para-chlorobenzoic acid (p-CBA) to correlate •OH with the inactivation of E. Coli 

bacteria in TiO2 photocatalysis disinfection,275 benzoic acid in natural water for the evaluation of •OH in 

aqueous iron-hydrogen peroxide reaction,284 and para-hydroxybenzoic acid (p-HBA) for the determination of 

the antioxidant capacity of flavonids compared to the CuSO4-Vitamin C system.265  

Dimethylsulfoxide (DMSO) reacts rapidly with •OH at a rate constant k = 6.6 · 109 M−1 s−1,285 yielding 

methanesulfinic acid and methyl radical (reaction 4-8).  

Scheme 4. Reaction of DMSO with hydroxyl radical  

 •• +→+ CHHSOCHSOCHOH 32323)(   (R 4-8) 

 •• +→−+ RCHRHCH 43   (R 4-9) 

 •• →+ OOCHOCH 323   (R 4-10) 

 2332 OOHCHHCHOOOCH ++→•   (R 4-11) 
 

Methanesulfinic acid detection and quantification after derivatization with diazonium salts has been used by 

Babbs and Gale to identify the •OH action on DMSO.286 Tai et al.276 proposed an alternative and sensitive 

method for the determination of hydroxyl radicals based on their reaction with DMSO in the presence of 2,4-

dinitrophenylhydrazine (DNPH). The •OH radical reacts with DMSO to produce formaldehyde (HCHO), which 

then reacts with DNPH to give the corresponding hydrazone. The authors indicated the experimental conditions 

satisfying the optimal •OH detection by measuring the HCHO-DNPH derived-byproduct by HPLC (detection 

limit of 0.54 mmol L-1 - Table 1), avoiding side reactions like the scavenging effect of methanol (reaction 4-

11). In addition, methanol itself has been used to detect •OH radicals, instead of DMSO. In this case, •OH reacts 

with methanol producing HCHO which is detected, in the same way as previously reported, in the presence of 

DNPH.287 

In the last decade, the fluorescence spectroscopy technique has attracted considerable attention as a highly 

sensitive detection tool for reactive oxygen species.288–290 Numerous fluorescent probes have been used to 
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identify •OH radicals generated by Fenton 291 or Fenton-like 292 systems, or by photoexcitation of catalyst.293 

Terephthalic acid (benzene-1,4-dicarboxylic acid) has been reported to add hydroxyl radical in ortho-position 

yielding the stable and fluorescent hydroxylated 2-hydroxy terephthalate (Scheme 5A).294–296 Other probes have 

been described as specific •OH markers and they have been reviewed by Gomes et al.,288 including the relevant 

4-(9-Anthroyloxy)-2,2,6,6-tetramethylpiperidine-1-oxyl (ATPO), coumarin-3-carboxylic acid (3-CCA), 3-

CCA’s succinimidyl ester (SECCA), 2-[6-(4’-hydroxy)phenoxy-3H-xanthen-3-on-9-yl]benzoic acid (HPF), 2-

[6-(4’-amino)phenoxy-3H-xanthen-3-on-9-yl]benzoic acid (APF), and Fluorescein (Scheme 5B-D). Several of 

these specific fluorescence probes are the so-called “positive” fluorogenic probes, consisting in non-fluorescent 

(or weakly fluorescent) compounds yielding fluorescent adducts upon reaction with ROS. The probe ATPO 

shows an indirect sensitive response to •OH radicals in the presence of DMSO. The reaction of •OH with 

DMSO produces quantitatively the methyl radical, which then combines with ATPO to produce stable 

fluorescent O-methylhydroxylamine. The compounds 3-CCA and SECCA react directly with •OH yielding an 

aromatic hydroxylation product (Scheme 5C),297 similarly to terephthalic acid. According to Setsukinai et al.
291

 

the probes HPF and APF are capable of detecting •OH radicals generated by a Fenton reaction with high 

selectivity. The authors reported that the reactive species H2O2, NO, O2
•−, 1O2 and ROO• did not influence the 

fluorescence intensity of the probes. The mechanism of the reaction involves the O-dearylation of HPF and 

APF that originate fluorescein (Scheme 5D). On the other hand, fluorescein (FL) is a so-called “negative” 

fluorogenic probe, a well-known fluorescent compound that is prone to be oxidized by •OH into a non-

fluorescent product. This probe was used by Ou et al.,292
 who assessed the antioxidant activity of natural 

compounds. The measurements were performed by monitoring the decrease of fluorescence induced by •OH, 

generated by a Fenton-like system using Co(II) with an antioxidant. Rhodamine has also been proposed as 

spectrophotometric indicator of •OH scavenging in Fenton systems, in order to compare the antioxidant free-

radical scavenging capacity of various flavonids, ascorbic acid 298 or some tea, using the resonance scattering 

and synchronous fluorescence technique.299 

The •OH addition rate constant and yields of fluorescent products have been determined for some benzoate, 

coumarin and phenoxazine derivatives. They range between 2·109 - 2·1010 L mol−1 s−1 and 5-11%, 
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respectively.300 Fluorescent probes are very sensitive and generally permit very low detection limits for [•OH], 

e.g. 0.5 pM for in vitro measurement of •OH generated by a Fenton system.278 However, the detection 

conditions are sensitive to pH and, generally, fluorescent probes require precise pH control.288  

Scheme 5. Fluorescent probes 
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The chemiluminescence (CL) technique has been applied for the detection of ROS 289,301 and has received 

increasing interest because of its high sensitivity, simplicity, and a wide linear detection range. Luminol-

amplified CL represents a common way to identify the involvement of hydrogen peroxide, superoxide radical 

anion and peroxynitrite in reaction mechanisms. According to Baj and Krawczyk,279 luminol combined with a 

strong oxidant including horseradish peroxidase (HRP) and H2O2, cobalt, iron, and copper undergoes catalytic 

oxidation to yield the luminol radical. The latter reduces O2 to superoxide, yielding an unstable intermediate 

(diazaquinone) that subsequently reacts with O2
•− and decomposes, after an intramolecular substitution, into N2 

and electronically excited aminophthalate, which originates luminescence upon decay to the ground state 

(Scheme 6).  
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Scheme 6. Simplified mechanism of luminol oxidation by hydrogen peroxide (adapted from White et al. 
302

) 
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To the best of our knowledge, there is only one paper related to the indirect quantification of •OH produced in 

ultrasonic systems with luminol/HRP, which permitted the quantification of H2O2 originated from •OH 

recombination.303 Other CL probes have been proposed, but they concern in their majority the detection of O2
•−, 

H2O2, 
1O2 or ONOO−. In 2001, the first CL probe specific for hydroxyl radicals was proposed by Tsai et al.304 

The authors used the indoxyl-β-glucuronide (IBG) (Scheme 7) to characterize •OH produced by the Fenton 

reagent, and they detected 16200±200 count/s for a system containing 3 µM IBG, 1 mM Fe2+, 3% H2O2 in 

phosphate buffer (pH 7.4) with the presence of EDTA (10 mM). The controls demonstrated that this probe was 

insensitive to Fe2+, O2
•− and H2O2. 

Scheme 7. Chemiluminescent probe 
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Recently, a qualitative test for the nearly immediate detection of hydroxyl radical generated by a Fenton 

system, based on methylene blue (MB) dye was described by Satoh et al.305 The reaction proceeds via an 

electron transfer from MB to •OH producing the corresponding colorless MB radical cation and hydroxyde ion, 

respectively. Otherwise, yeast RNA was used as a probe for generation of hydroxyl radicals by earth 

minerals.306 The authors have compared the effect on the RNA degradation of various mineral samples having 

an equivalent Brunauer-Emmett-Teller (BET) surface area. After having positively characterized the mineral-

induced production of ROS in the presence of the fluorescent probe APF, the authors demonstrated the use of 

yeast RNA as a probe for mineral-generated hydroxyl radical. 
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5. Kinetic properties of hydroxyl radical in aqueous solution 

 
5.1 Determination of reaction rate constants with the competition kinetics method 

 

The •OH radical absorbs weakly in the UV region of the spectrum, with only a small extinction coefficient (ε ~ 

600 L mol−1cm−1 at λ ~ 235 nm).307 Thus, it is extremely difficult to follow the •OH radical concentration (see 

section 4.2). Usually, competition kinetics method is applied, in which the relative concentration, rather than 

the rate, of a product formed is determined. In this way, the reaction rate constant with •OH of a studied 

compound can only be expressed relative to some other reference rate constant, which itself has to be 

determined absolutely by some other method. Therefore, the reliability of the obtained rate constant depends 

strongly on the accurate knowledge of the overall reaction system. Despite these difficulties, the competition 

kinetics method was used in many studies and very useful kinetic data sets have been obtained. In principle, 

two methods are employed for the determination of the relative •OH rate constants in stationary state systems. 

In the first method, the kinetic analysis is based on the effect of an additive on the yield of a stable product, 

which results from the reaction of •OH with the reactant. In the second method, the competition is measured by 

the effect of the additive on the rate of removal or modification of the reactant. 

Few competition methods are also available when the pulse radiolysis and the laser flash photolysis technique 

are used to obtain the relative •OH rate constants. As in the case above, the validity of the absolute rate constant 

depends on the accuracy with which the •OH reactivity towards the reference compound can be determined. In 

principle, two spectrophotometric methods are available. If the reference compound has suitable absorption 

properties, the reaction of •OH can be measured by monitoring the bleaching of this absorption, provided the 

transient product has a weaker absorption in the relevant region of the spectrum. The reaction of a competitive 

reactant is indicated by the reduction in the extent of the bleaching, provided that the competitive reactant does 

not produce spectral interferences when reacting with •OH. Alternatively, the reference compound may react 

with •OH to form a transient product with a much stronger absorption than the stable reactant. In this case, 
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provided that the product of •OH reaction with the competitive reactant does not absorb strongly in the same 

region, the competition is followed by measurement of the transient absorption. 

In such system, the •OH radicals react with either reactant in proportion to the products of the concentration 

multiplied by the rate constant of the respective reactions: 

→+• Ck
COH absorbing product         (R 5-1) 

→+• Sk
SOH non-absorbing product        (R 5-2) 

Where C is the reference compound and S is the reactant of interest, kC is the reference rate constant and kS is 

the required rate constant. 

At a definite reaction time, if A0 is the absorbance of the absorbing product when the reactant S is absent and A 

is the absorbance when the reactant S is present in the reaction system, then it follows that:  

][
][

10

Ck

Sk

A

A

C

S+=            (Eq 5-1) 

A plot of A0/A against the ratio of the reactant concentrations is linear with the slope equal to kS/kC. The 

required rate constant kS can be derived assuming that the reference rate constant kC can be measured directly. 

A widely used competition kinetics system based on the thiocyanate anion (SCN−) as a reference reactant was 

comprehensively explained in the two consecutive studies by Chin and Wine.308,309 Basically, a dianion 

(SCN)2
•− is formed in the multistep reaction pathway that is described by the following sequence: 

•OH + SCN−  SCNOH•−           (R 5-3) 

SCNOH•−  SCN• + OH−           (R 5-4) 

SCN• + SCN−  (SCN)2
•−           (R 5-5) 

•OH + Reactant → products           (R 5-6) 

The product (SCN)2
•− absorbs strongly in the blue region of the spectrum, with peak absorbance at λ = 475 nm 

and extinction coefficient ε = 7600 M−1 cm−1.310,311 Assuming a complete conversion of the initial •OH radicals, 

it can be concluded that the resulting (SCN)2
•− concentration is equal to the initial [•OH]0. Calculations based 

on available data for the reactivity of intermediate species such as SCNOH•− and SCN• radicals indicate that 

their possible side reactions do not have influence on the final (SCN)2
•− yield. By the addition of a reactant the 
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yield of (SCN)2
•− is reduced by the fraction of •OH consumed by (R 5-6).  

Therefore, the yield of (SCN)2
•− can be calculated by (Eq 5-2) and the equations (Eq 5-3) and (Eq 5-4) can be 

derived. 

0
52

5
∞2 OH][ 

[reactant]k+][SCNk
][SCNk

=][(SCN) •

•

•
−•       (Eq 5-2) 

][SCNk
[reactant]k

+1=
][(SCN)

OH][

2

5

∞2

0
−−•

•

        (Eq 5-3) 

or 

][SCNk
[reactant]k

+1=
][(SCN)

][(SCN)

2

5

2

02
−

∞

−•

−•

        (Eq 5-4) 

where [(SCN)2
•−]0 represents the maximum concentration of (SCN)2

•− without any additional reactant and 

[(SCN)2
•−]∞ corresponds to the maximum concentration of (SCN)2

•− when a reactant is added to the solution. 

Applying the Lambert-Beer's Law,312 the absorbance A is proportional to the concentration of (SCN)2
•−: 

 

A = 
I
I

log 0 = ε ·  [(SCN)2
•−] · d         (Eq 5-5) 

 

and correspondingly the concentration [(SCN)2
•−] can be expressed as follows: 

 

[(SCN)2
•−] = A / (ε·d)          (Eq 5-6) 

 

where: 

ε = 7600 M−1 cm−1 at λ = 475 nm 310,311 

d = absorption path length (e.g. 84 cm) 

 

Combining (Eq 5-4) and (Eq 5-6), the ratio of the rate constants k5 / k2 is obtained by linear regression of the 

ratio of the absorbances (A0 / A) vs. the ratio of the concentrations ([Reactant] / [SCN−]).  
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][SCN
[reactant]
 

k
k

+1=
A
A

2

50
−            (Eq 5-7) 

 

where A0 is the peak transient absorption of (SCN)2
•−, and A is the reduced absorbance when the reactant is 

present. From the slope of a plot of A0 / A against [reactant] / [SCN−], by knowing the reference rate constant 

(k2), one can obtain the required second-order rate constant (k5) for the •OH radical reaction. The reaction 

system (R 5-3)-(R 5-6) has extensively been studied by Chin and Wine at low SCN− concentrations. 308,309 Such 

experiments are sensitive to the reference •OH + SCN− rate constant.313–316  

As an example, Table 2 compares the rate constants for the reaction between •OH and 2-propanol in the 

aqueous phase, obtained with the competition kinetics method by employing various reference compounds.  

Table 2. The rate constants for the reactions of 
••••OH with 2-propanol in aqueous solution, at 298 K. 

Compound 
k 

[l mol
-1

 s
-1

] 
Methods Technique References 

1.6 · 109 •OH + C6H5CO2
− PR 317 

2.4 · 109 •OH + SCN− PR 318 

1.9 · 109 •OH + ABTS2− PR 319 

2.3 · 109 •OH + [Fe(CN)6]
4− PR 320 

1.9 · 109 •OH + I− PR 321 

2-propanol 

(2.2 ± 0.9) · 109 •OH + SCN− LFP 322 

Remarks to the Table: PR = pulse radiolysis; LFP = laser flash photolysis 

 

To study the aqueous phase reactions of •OH radical, Herrmann et al. 323 in their review article suggested an 

average rate constant, k = 1.13 · 1010 M-1 s-1 which probably describes best the •OH + SCN− reaction. For 

detailed discussion about the reference reaction •OH + SCN− the readers are referred to the cited review.323 

The pulse radiolysis is another technique that can be applied to study the •OH reactivity in the aqueous phase. 

In the pulse radiolysis technique, SCN− is widely used as the most common reference compound. In addition, 

ferrocyanide ion is also used as a reference compound.321,324 This ion is oxidized by •OH rapidly and 

quantitatively in a one-electron transfer reaction: 
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−−−• +→+ 3
6

4
6 ])([])([ CNFeOHCNFeOH        (R 5-7) 

This reaction is almost certainly diffusion-controlled, so that if an intermediate adduct of •OH and [Fe(CN)6]
4− 

is formed it must be very short-lived. Secondary standards are then chosen on the basis that their rate constants 

can be related directly or indirectly to the observed rate constant for (R 5-7). The product ferricyanide ion is 

stable and has a characteristic absorption band with maximum at 410 nm (ε = 1000 M−1 cm−1).320 −4
6 ])([ CNFe  

can be used over the entire range of pH. Although the radicals produced by the reaction of •OH with the 

competitive reactant may in some cases react rapidly with the ferricyanide ion formed in (R 5-7) depending on 

the concentration of the competitive reactant, such reactions are still too slow to prevent an accurate 

measurement of the initial values of the absorption.  

Another competition kinetics method used to study the •OH reactions in the aqueous phase is based on 

continuous UV photolysis of a mixture of H2O2 and two organic compounds, an organic compound of interest 

and the reference compound. When the reaction with •OH radicals is the only sink for the organic compound of 

interest and for the reference compound, the kinetic system can be described with the equation (Eq 5-1). 

Compared to the laser flash photolysis system, the disadvantage of using a continuous broadband UV source, is 

the possibility to photolyze the organic compound of interest. 

→+ J
hC ν  products                       (R 5-8) 

where J is the photolysis frequency of the organic compound. 

In this case, when the reaction with •OH radicals is the only sink for the reference compound S, but the reactant 

C is oxidized by •OH radicals and photolyzed at the same time, the kinetic system can be described as follows: 

J
C

C

tk

k

S

S

t tC

S

t

+







=








][

][
·ln

1
·

][

][
ln

1 00          (Eq 5-8) 

where [S]0, [C]0, [S]t, [C]t are the concentrations of the reactant and the reference compound at times 0 and t, 

respectively. By plotting (1/t) ln([S]0/[S]t) versus (1/t) ln([C]0/[C]t) one obtains a linear curve with a slope of kS 

kC
−1 and an intercept of J. 

This competition kinetics method based on several reference compounds such as ethanol, 1-propanol, methanol, 

2-propanol and formaldehyde, was successfully employed by Monod et al 325 to study the reactions of •OH 
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radicals with oxygenated organic compounds. 

It has to be noted that the competition kinetics method is employed equally in studying aqueous phase reactions 

and gas-phase reactions, as well. Pulse radiolysis, for instance, is of great importance in understanding gas-

phase reactions between •OH radical and organic compounds 326. 

 

5.2  Kinetics of formation and reactivity of 
•
OH radicals in surface waters 

 

The formation of •OH radicals in surface waters is a consequence of the absorption of sunlight by photoactive 

molecules called photosensitizers. The main •OH-producing photosensitizers in surface waters are 

chromophoric dissolved organic matter (CDOM), the ions nitrite and nitrate, and Fe (hydr)oxides and 

complexes.327 The pathways of •OH photochemical generation are known in full detail for nitrate and nitrite 

alone, which produce hydroxyl radicals by direct photolysis upon absorption of UV radiation:328 

NO3
− + hν + H+ → •OH + •NO2          (R 5-9) 

NO2
− + hν + H+ → •OH + •NO          (R 5-10) 

In the case of nitrate, a further pathway is the photoisomerization to peroxynitrite, which at pH < 7 would 

mainly be present as peroxynitrous acid (HOONO). In solution, HOONO quickly decomposes into either NO3
− 

+ H+, or •OH + •NO2.
329 The latter reaction probably accounts for the higher •OH photoproduction by NO3

− at 

acidic pH.330 

NO3
− + hν → ONOO−            (R 5-11) 

HOONO � ONOO− + H+           (R 5-12) 

HOONO → NO3
− + H+           (R 5-13) 

HOONO → •OH + •NO2           (R 5-14) 

The issue of the photoproduction of •OH by CDOM is much more complex and it is still not completely 

understood. It is very likely that the process involves at some level the excited triplet states, 3CDOM*, which 

could take part to two alternative pathways. The triplet states of aromatic carbonyls and quinones, which are 

representative of the photoactive moieties of CDOM, have usually an oxidizing character and could abstract 



 
 

63

electrons or hydrogen atoms from oxidizable solutes (S-H).331,332 In aerated solution the reduced CDOM 

species could react with dissolved O2 to produce HO2
•/O2

•−, which are then able to disproportionate to H2O2. 

Hydrogen peroxide can yield •OH by photolysis or through the Fenton reaction,333 and the latter process could 

link the photochemistry of Fe with that of CDOM. Note that in reaction (R 5-15), ISC = inter-system crossing. 

CDOM + hν  (ISC) → 3CDOM*         (R 5-15) 

3CDOM* + S-H → CDOM°− + S-H•+         (R 5-16) 

3CDOM* + S-H → CDOM-H• + S•         (R 5-17) 

CDOM•− + O2 → CDOM + O2
•−         (R 5-18) 

CDOM-H• + O2 → CDOM + HO2
•         (R 5-19) 

HO2
• � O2

•− + H+          (R 5-20) 

HO2
• + O2

•− + H+ → H2O2 + O2          (R 5-21) 

H2O2 + hν → 2 •OH           (R 5-22) 

Fe2+ + H2O2 → FeOH2+ + •OH         (R 5-23) 

It has recently been shown that the H2O2 pathway is not the only one that is involved into the photochemical 

production of •OH by CDOM.334 Among the possible alternatives, the oxidation of H2O or OH− by 3CDOM* 

might be a reasonable possibility.  

3CDOM* + H2O → CDOM-H• + •OH        (R 5-24) 

3CDOM* + OH− → CDOM•− + •OH        (R 5-25) 

While it is well known that many excited triplet states have an hydroxylating power that has nothing to do with 

the actual •OH generation,335,336 it has recently been found that the excited triplet state of 1-nitronaphthalene 

(1NN) is able to oxidize OH− (presumably to •OH), and at the same time that 1NN under irradiation really 

produces •OH.337,338 Note that the reduction potential of 31NN* is around 2 V, thus the oxidation of OH− to •OH 

would be allowed and that of H2O would depend on pH conditions. However, even with a reaction potential E = 

-0.2 V for the oxidation of water by 31NN* at pH 6.5, which corresponds to an equilibrium constant as low as 

0.03, one would obtain a production rate of •OH that is compatible with the observed values.338 As an 
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alternative, the production of •OH by irradiated CDOM could involve the photolysis of -OH containing 

functional groups (as in the case of e.g. organic peroxides).323 

As far as Fe is concerned, unfortunately its speciation in surface waters is insufficiently known or understood, 

which prevents a clear assessment of the role of Fe (hydr)oxides and complexes (with OH−, including FeOH2+, 

or with organic ligands) to the photochemical •OH production. However, there is some evidence that Fe species 

can be substantial •OH sources in Fe-rich waters, where the Fenton reaction can be important, 339 and under 

acidic conditions.340,341 The latter are relevant to water bodies that are strongly affected by acidic atmospheric 

depositions or acidic mine drainage. 

At the present state of knowledge it is possible to model the •OH production by CDOM, nitrite and nitrate, 

which depends on the photon flux absorbed by these species. The compounds would compete for sunlight 

irradiance, with CDOM being by far the main absorber in the UVB and UVA regions. In a mixture made up of 

CDOM, nitrate and nitrite, the quantities that are easiest to be determined with a simple Lambert-Beer approach 

are the total absorbance at the wavelength λ, Atot(λ), and the corresponding total absorbed spectral photon flux 

density, pa
tot

(λ): 

Atot(λ) = ACDOM(λ) + εNO3−(λ) d [NO3
−
] + εNO2−(λ) d [NO2

−
]     (Eq 5-9) 

]101[)()( )(λλλ totAtot

a pp
−−°=          (Eq 5-10) 

where d is the optical path length (which can be approximated as the water column depth) and p°(λ) is the 

sunlight spectral photon flux density. If the quantity ACDOM(λ) is not known, it is possible to obtain an 

approximate assessment on the basis of the dissolved organic carbon (DOC) content of water, as follows:342 

( ) ( ) λλ ⋅±−⋅⋅⋅±= 0.0020.015e0.040.45)(A DOCdCDOM       (Eq 5-11) 

In a mixture of absorbing compounds under the Lambert-Beer law, the absorbance of each species i (Ai(λ)) 

does not vary compared to the absorbance that the same species i has when it is alone in solution. In contrast, 

the absorbed spectral photon flux density (pa
i
(λ)) is lower in the mixture. However, the ratio between pa

i
(λ) and 

the total spectral photon flux density absorbed by the solution, pa
tot

(λ), is equal to the ratio of the respective 

absorbances:343 

111 )]([)()()()]([)()]([)( −−− =⇒= λλλλλλλλ toti

tot

a

i

atoti

tot

a

i

a AAppAApp    (Eq 5-12) 
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The difference is that pa
i
(λ) varies from 0 to p°(λ), while Ai(λ) could vary, at least theoretically, from 0 to 

infinity. Equation (Eq 5-12) holds with i = CDOM, NO3
− or NO2

−. The photon flux absorbed by i (Pa
i) is: 

∫=
λ

λλ dpP i

a

i

a )(           (Eq 5-13) 

Assume ΦOH
i
(λ) as the quantum yield of •OH photoproduction by the species i at the wavelength λ. The •OH 

formation rate by i is thus: 

∫∫
−Φ=Φ=

λλ

λλλλλλλλ dAApdpR toti

tot

a

i

OH

i

a

i

OH

i

OH

1)]([)()()()()(    (Eq 5-14) 

However, the values of ΦOH
i
(λ) are generally not known, particularly if i = CDOM. A more common approach 

is that of assuming ROH
i = ηOH

i
 Pa

i, where the values of ηOH
i are measured under simulated sunlight. It has been 

found that:341,342,344 

ηOH
CDOM = 510)4.00.3( −⋅±         (Eq 5-15) 

ηOH
NO2− = 210)3.02.7( −⋅±         (Eq 5-16) 

ηOH
NO3− = 

0075.0][25.2
0075.0][

10)2.03.4( 2

+

+
⋅⋅± −

DIC

DIC
     (Eq 5-17) 

where [DIC] = [H2CO3] + [HCO3
−] + [CO3

2−] is the total amount of dissolved inorganic carbon. Therefore, the 

formation rate of •OH by the species i can be expressed as follows: 

λλλλη
λ

λ
dAApR toti

Ai

OH

i

OH
tot 1)( )]([)(]101[)( −− ⋅−⋅°⋅= ∫      (Eq 5-18) 

where ηOH
i is expressed by equations (Eq 5-15 – Eq 5-17) (with i = CDOM, NO3

− or NO2
−) and Atot(λ) is 

described by equation (Eq 5-9). Furthermore, ANO2−(λ) = εNO2−(λ) d [NO2
−
], ANO3−(λ) = εNO3−(λ) d [NO3

−
], and 

ACDOM(λ) is expressed by equation (Eq 5-11) or it is otherwise known. At the present state of knowledge there 

is no reason to believe that the •OH photoproduction rates by CDOM, nitrate and nitrite may be interdependent. 

By treating them as independent quantities one obtains ∑=
i

i

OH

tot

OH RR . After formation, •OH radicals would 

quickly react in surface waters with the main scavengers (DOM, carbonate, bicarbonate and, to a far lesser 

extent, nitrite). In saltwater, the main •OH scavenger is bromide. The •OH scavenging rate constant [s−1] can be 

expressed as follows:327 
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∑ ⋅=
j

jOHjOH Ckk ,           (Eq 5-19) 

where Cj is the concentration of the scavenger species j and kj,OH is the second-order reaction rate constant 

between •OH and j. It is kj,OH = 8.5 ⋅ 106 M−1 s−1 for bicarbonate, 3.9 ⋅ 108 M−1 s−1 for carbonate, 1.0 ⋅ 1010 M−1 

s−1 for nitrite, and 1.1 ⋅ 1010 M−1 s−1 for bromide.285 In the case of DOM, which can be quantified as DOC 

(Dissolved Organic Carbon, expressed in mg C L−1), the value of kj,OH has been found to vary between 2 ⋅ 104 

and 5 ⋅ 104 L (mg C)−1 s−1.342,345 

The steady-state [•
OH] = ROH

tot
 (kOH)

−1, thus one obtains the following equation: 

∑

∑ ∫
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    (Eq 5-20) 

Figure 5 reports as an example the steady-state [•OH] as a function of the concentration values of nitrite and 

DOM (expressed as NPOC, which is a measure of DOC), assuming constant values of nitrate, bicarbonate and 

carbonate and with d = 1 m. Note that [•OH] increases with increasing NPOC at low nitrite (where CDOM is 

practically the only •OH source) and that it decreases with NPOC for higher nitrite values (where organic 

matter plays a more important role as •OH sink than as source). The increase of [•OH] with nitrite concentration 

is more important at low NPOC, where organic compounds have a lower impact on either the production or the 

consumption of •OH. 

Insert Figure 5 

In surface waters, the hydroxyl radicals contribute to the photochemical degradation of pollutants. In the 

presence of a solute S with a second-order reaction rate constant kS,OH with •OH, the pseudo-first order 

degradation rate constant of S induced by •OH is kS = kS,OH [
•
OH]. A major issue is that the described approach 

is straightforward only for a constant spectral photon flux density of sunlight, p°(λ), which produces a constant 

[•OH]. This is obviously not the case for the natural environment, where sunlight irradiance changes. Therefore, 

conversion strategies between constant irradiation and the actual outdoor days have to be found.280 After doing 

this, a good agreement can be obtained between the calculated rates of pollutant phototransformation and the 

reaction kinetics that are actually observed in the field.346–349  
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6.   Reaction mechanisms of the hydroxyl radical in aqueous solution and in the gas phase 

 

6.1. Reaction mechanisms in aqueous solution 

 
The hydroxyl radical is one of the most reactive transients in aqueous solution. It is a very strong oxidant 

( o

OHOH
E −• /

 = 1.90 V; o

OHHOH
E

2/+• +
 = 2.73 V) 350 and, additionally, it can take part in a variety of reaction 

pathways with organic and inorganic molecules.285 

It is interesting to compare the reduction potential and the reactivity of •OH with those of another very reactive 

radical species, the sulfate radical SO4
−• ( o

SOSO
E −•− 2

44 /
 = 2.43 V). 350 In comparison to o

SOSO
E −•− 2

44 /
, the reduction 

potential of •OH is strongly pH-dependent. Therefore, SO4
−• can oxidize OH− and, depending on the pH 

conditions, it oxidizes water as well:351 

SO4
−• + OH− → SO4

2− + •OH          (R 6-1) 

SO4
−• + H2O → SO4

2− + •OH + H+          (R 6-2) 

In contrast, •OH is able to oxidize HSO4
− that occurs in aqueous solution at pH < 2: 285 

•OH + HSO4
− → H2O + SO4

−•          (R 6-3) 

The •OH radical can be involved in the following reaction mechanisms in aqueous solution: 

(i) One-electron abstraction. This is the only possible pathway for many inorganic ions that react with •OH, 

but it can also take place in the presence of some easily oxidized organic compounds. In some cases the 

relevant reactions exhibit very fast, diffusion-controlled kinetics, with second-order reaction rate constants 

around 2-3 ⋅ 1010 M−1 s−1.285 

(ii) Hydrogen atom (H) abstraction. This reaction pathway is often slower than the previous one, but it is the 

only possible route for the oxidation of many saturated hydrocarbons.313 It is probably the less likely type of 

reactions to show diffusion-controlled kinetics. Interestingly, •OH reacts by H-abstraction much faster 

compared with other oxidizing radicals such as SO4
−• and CO3

−•.285,351  

(iii) Addition to double bonds or aromatic rings. 285 This pathway obviously involves organic molecules and it 

can be very fast, sometimes controlled by the diffusion. It ensures rapid •OH reactions also in the presence of 

kinetic limitations toward one-electron oxidation or H transfer. Together with H abstraction, the addition 
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processes may explain why •OH reacts faster with many organic compounds compared with other strong 

oxidants of comparable reduction potential, such as SO4
•−.285,351,352 

The following sections introduce the main reaction pathways between •OH and water-dissolved compounds. 

Considerations concerning the •OH reaction kinetics will be given at the end of the chapter. 

 

6.1.1. Electron-transfer reactions with inorganic ions 

One-electron transfer reactions can take place between •OH and some oxidizable inorganic anions such as 

chloride, bromide, carbonate and nitrite. These processes have a non-negligible importance in surface waters 

and in technological systems, because they produce radical species that are themselves reactive. The radicals 

Cl2
•−, Br2

•−, CO3
•− and •NO2 that are formed by oxidation of the anions can be involved in monoelectronic 

oxidation, but they can also be chlorinating (Cl2
•−),353 brominating (Br2

•−)354 or nitrating (•NO2) 
355 agents. 

Interestingly, the reaction between Cl− and •OH involves a pre-equilibrium and requires an acidic solution to 

finally produce Cl•/Cl2
•−.285 For this reason, the generation of chlorine and dichlorine radicals from chloride and 

•OH can be of higher importance in atmospheric waters and in some technological systems than in surface 

waters. Bromide is the main •OH scavenger in seawater (R 2-2), differently from freshwater where the main 

scavenger of •OH is the dissolved organic matter.356 

•OH + Cl− � HOCl•−           (R 6-4) 

HOCl•− + H+ � H2O + Cl•         (R 6-5) 

Cl• + Cl− � Cl2
•−           (R 6-6) 

•OH + Br− → OH− + Br•           (R 6-7) 

Br• + Br− � Br2
•−           (R 6-8) 

•OH + CO3
2− → OH− + CO3

•−          (R 6-9) 

•OH + NO2
− → OH− + •NO2          (R 6-10) 

The hydroxyl radical can also react with inorganic cations: the oxidation of Fe2+ to Fe(III) can be important in 

Fenton systems and it may explain (together with the cost of Fe2+) why the catalytic Fenton reagent ([Fe2+]o < 
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[H2O2]o) is preferred over the stoichiometric one ([Fe2+]o = [H2O2]o): in the latter case, Fe2+ can become a non-

negligible •OH scavenger and decrease the degradation kinetics of pollutants.357  

 

6.1.2. Hydrogen abstraction reactions with inorganic ions 

This is a first demonstration of the remarkable versatility of the •OH chemistry. For instance, •OH can abstract a 

hydrogen atom from HSO4
− (which is the prevailing sulfate form at pH < 2) to produce the sulfate radical (R 6-

3), while it is not reactive with the sulfate ion via electron abstraction (moreover, at sufficiently elevated pH, 

the latter process would be thermodynamically forbidden).285,350 A similar H-transfer reaction takes place with 

bicarbonate, but it is about 20 times slower than the electron abstraction from carbonate. 285 

The possibility for •OH to react through multiple pathways means that it is usually possible to find at least a 

kinetically favored reaction route for the vast majority of dissolved molecules. 

 

6.1.3. Electron-transfer reactions with organic compounds 

Organic molecules are usually not the most likely substrates to undergo one-electron oxidation processes, but 

such reactions have been shown to take place with •OH in some particular cases. Examples are disulphides, 

sulphide anions and organic cations such as methylene blue, promazine and promethazine.285 Electron transfer 

mechanism also occurs during the reaction of •OH radicals with oxalate, which is not the case regarding the 

formate anion that proceeds through the hydrogen abstraction mechanism. A major issue is that the abstraction 

of one electron from an organic compound yields a radical cation that often has to undergo a deprotonation step 

in aqueous solution to reach a more stable form (R 6-11).358,359 In contrast, H abstraction directly yields the 

more stable unprotonated radical (R 6-12). Therefore, the activation energy barrier of (R 6-12) can be lower 

compared to (R 6-11). 

R-H + •OH  →
−

transfere  R-H•+ + OH− → R• + H2O       (R 6-11) 

R-H + •OH  → transferH  R• + H2O        (R 6-12) 

The further reaction of R• oxidation could be induced by a second •OH, but other species such as dissolved 

oxygen are more likely to be involved. Indeed, R• radicals often have relatively low activation energy barriers 
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for reaction with O2 and, as a consequence, they show quite elevated reaction rate constants. In these cases, 

because the steady-state [•OH] is much lower than the concentration of dissolved oxygen, the hydroxyl radical 

cannot be a competitive reactant. The situation is completely different for stable molecules. Organic compounds 

(see R-H above) usually have singlet ground states that are hardly reactive with the triplet ground state of 

molecular oxygen.360 Therefore, R-H would not react with O2 while R• does. 

The following Scheme 8 shows some examples of electron-transfer reactions of •OH with organic compounds. 

285 The case of formate, which could react either by electron or H transfer but where the latter process prevails, 

is also shown. 

 

Scheme 8. Electron-transfer pathways involving •OH and organic compounds. In the case of formate the main 

pathway (H abstraction) is indicated by the solid arrows, the minor one (e− transfer) is dashed. 
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6.1.4. Hydrogen abstraction reactions with organic compounds 

Most aliphatic compounds without double C=C bonds react with •OH upon hydrogen abstraction, including 

carboxylic acids and carboxylates where applicable (an exception is oxalate that has no H atoms). The case of 

acetate is quite indicative: •OH could in theory abstract an electron from the carboxylate, or a H atom from the 

methyl group, and the latter process prevails. It is also interesting to consider the H-abstraction reactions when 

different hydrogen atoms might take part to the process.314 For instance, acetic and formic acids undergo 

abstraction of the H atoms linked to carbon, and not the abstraction of the carboxylic ones: 285 

CH3COOH + •OH → CH2
•COOH + H2O      (R 6-13) 

HCOOH + •OH → •COOH + H2O       (R 6-14) 

Scheme 9 shows the reaction percentages for H abstraction by •OH on the alcohols 1-propanol, 2-propanol and 

methanol. 

 

Scheme 9. Importance of the abstraction by •OH of different H atoms for methanol, 1-propanol and 2-propanol. 
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Interestingly, the most reactive hydrogens are those bound to the C atoms bearing the alcoholic function, while 

the alcoholic hydrogens are the least reactive. A similar issue is also observed with ethanol ( γβα
OHCHCH 23 − ): 

84.3% of abstraction occurs on the β hydrogens, 13.2% on the α and only 2.5% on the γ one. 285 

The presence of heteroatom-containing groups in aliphatic compounds introduces competition for H abstraction 

between different functionalities. Interestingly, reaction with hydrogen atoms bound to nitrogen is usually 

disfavored compared to the H atoms bound to carbon, while HS- groups are usually the first to react. 285 
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•OH + H2N-CH2-CH2-NH2 → H2O + H2N-•CH-CH2-NH2    (R 6-15) 

•OH + H2N-CH2-CO-NH2 → H2O + H2N-•CH-CO-NH2    (R 6-16) 

•OH + H2N-CH2-COO− → H2O + H2N-•CH-COO−      (R 6-17) 

•OH + HS-CH2-CH2OH → H2O + •S-CH2-CH2OH    (R 6-18) 

•OH + HS-CH2-CH2-COO− → H2O + •S-CH2-CH2-COO−   (R 6-19) 

•OH + HS-CH2-CH(NH3
+)COO− → H2O + •S-CH2-CH(NH3

+)COO−   (R 6-20) 

Finally, in the case of alkenes and aromatic compounds, •OH addition to the double bond (see section 6.1.5) or 

to the aromatic ring usually prevails over H abstraction when competition is possible. In the case of toluene, 

combination of experimental data and quantum mechanical calculations enabled the understanding of the 

energetics of the reaction pathways in solution and the assessment of their relative importance (Scheme 10).344 

Scheme 10 shows that ring addition of •OH (more than 90% of the total process) strongly prevails over 

hydrogen abstraction from the methyl group (less than 10% of the process). Note that abstraction of H from the 

aromatic ring is always a very minor reaction pathway. 

Hydrogen abstraction is more likely in the presence of positively charged substituents. For instance, while 

aniline only undergoes ring addition of •OH, the anilinium ion can also react by H abstraction at the level of the 

-NH3
+ group: 285 

 

256256 NHHCHONHHCOH
•• →+       (R 6-21) 







+→

→
−+

+•

•
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HNHCOH
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Scheme 10. Branching ratios of the early reaction pathways between toluene and •OH, leading to the depicted 

transformation intermediates. 
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6.1.5. Addition reactions to double bonds and aromatic rings 

As already anticipated, addition is the main process taking place with •OH in the presence of alkenes and 

aromatic compounds. Ring addition prevails over H abstraction also in the case of phenols, although hydrogen 

abstraction from the phenolic group could yield the rather stable phenoxy radicals. After •OH addition to the 

unsaturated system, possible evolutions of the resulting radical intermediate are: (i) reaction with O2 to produce 

HO2
• and an unsaturated hydroxyderivative (substitution product); (ii) addition of O2 with the final formation of 

a saturated dihydroxylated compound (addition product), or (iii) a reduction pathway to give a saturated 

monohydroxylated molecule (another addition product). The substitution pathway (addition-elimination) is very 

common in the case of aromatic rings. 285 The cited processes are depicted in Scheme 11, and a typical pathway 

for the hydroxylation of an aromatic compound is also shown (here ortho addition is reported for simplicity, but 

meta and para additions are also very common). Although •OH shows some electrophilic character,361 it 

follows the typical orientation patterns to a far lesser extent than the actual electrophiles. For instance, while it 

is practically not possible to form 3-nitrophenol upon phenol nitration, such a compound is an important 

product of nitrobenzene hydroxylation that yields the three nitrophenol isomers in comparable amount.362 
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Scheme 11. Early and subsequent possible pathways of •OH addition to unsaturated hydrocarbons. The reaction 

marked by (*) can only take place if one of the substituents is H. 
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6.1.6. Reaction kinetics as a function of the type of substituents 

Substituents can increase or decrease the electron density at particular reactive sites of molecules, thereby 

modulating the reaction rate constants. The substituent effects can be important in the presence of significant 

activation energy barriers, but they are minor if a class of reactions is under diffusive control. The latter means 

that the activation energy is so low that the reaction rate merely depends on the ability of the reactants to diffuse 

through the solvent until they come in contact and react. 

In the case of the hydroxyl radicals, the effects of substituents can be highlighted if the relevant reaction rate 

constants are sufficiently far from the diffusion control. For aromatic compounds, these effects can be in the 

form of a significant correlation of the reaction rate constants with the Hammett σ values.363 It has also been 

possible to predict several second-order reaction rate constants between dissolved compounds and •OH by 

using a group contribution method. Here the rate constant is expressed as the sum of the contribution of the 

different parts (e.g. aromatic rings, double bonds, primary, secondary and tertiary carbons, heteroatoms) that 

make up the relevant molecule.364 
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The situation changes radically if the reaction rate constants approach the diffusive control limit. Figure 6 plots 

the second-order reaction rate constants with •OH and SO4
−• (base-10 logarithms) for benzoates and anisoles, as 

a function of the ring-substituents' Hammet σ.365 Significant correlation can be found for SO4
−•, for which the 

one-electron oxidation reactions are favored over competitive reaction pathways.351 In this case, electron 

abstraction by SO4
−• is easier if the substituents have an electron-donating character, and more difficult if the 

substituents withdraw electron density from the aromatic ring. The situation is completely different in the case 

of •OH, for which no correlation is highlighted. For the benzoates one could assume that the hydroxyl radical is 

more reactive than SO4
−•, and that the reaction rate constants with electron-rich compounds cannot increase 

above the diffusion limit. The possible correlation would, therefore, be lost. Moreover, •OH reacts with 

aromatics by ring substitution that could depend on substituent effects less than one-electron oxidation. Indeed, 

when Hammett correlation is observed for •OH, the relevant line slopes are much lower than for SO4
−•.363,366  

In the case of anisoles the Hammett trend of •OH is opposite of expected, although without significant 

correlation. In this case the diffusion control cannot be the only explanation, and possibly the steric hindrance 

of substituents may be more important than the electronic effects. 

Insert Figure 6      

The involvement of different mechanisms with different compounds, which is very likely in the case of •OH, 

may also account for the lack of correlation. The reactions between •OH and many inorganic anions proceed by 

one-electron oxidation, but H abstraction or addition (e.g. in the case of chloride) are also possible. 

Monoelectronic oxidation (X− → X• + e−) should be easier if the radical/anion couple has low reduction 

potential. However, Figure 7 shows a complete lack of correlation between the second-order reaction rate 

constants of •OH with inorganic anions (•OH + X−) and the corresponding monoelectronic reduction potentials, 

Eo(X•/X−).285,350 On the one side, diffusive control would make it difficult for the rate constants of easily 

oxidized anions to be much higher than those of more refractory species. On the other hand, different reaction 

pathways with different anions could completely mask any correlation between reactivity and reduction 

potential. They could also explain why the rate constants between •OH and hardly oxidized species (e.g. Cl−) 

are not so far from the diffusive control. 
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Insert Figure 7     

 

6.2. Reaction mechanisms of the hydroxyl radical in the gas phase 

 

The mechanisms of •OH radical reactions in the gas-phase, or subsets of these reactions, have been reviewed 

and evaluated previously. 367,368 Therefore, only brief description of the •OH reaction mechanism in the gas-

phase is given here. The initial reaction of •OH radicals with alkanes proceeds by initial H-atom abstraction, 

and the consequent reactions in the troposphere are shown in Scheme 12. 

 

Scheme 12:  Simplified illustration of the reaction mechanism between •OH radical and volatile organic 

compounds (VOCs) in the atmosphere 
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•OH radicals react with alcohols by a H-atom abstraction mechanism either from the C−H bonds of the CH3−, 

−CH2−, and >CH− groups in the alkyl chain or from the −OH group. The oxidation of ethers, polyethers, and 

cyclic ethers in the troposphere is predominantly governed by gas-phase reaction with •OH radicals. The 

reaction of •OH radicals with aliphatic ethers proceeds via abstraction of a hydrogen atom from CH3, −CH2−, or 

>CH− groups in the alkyl chain.367 The available kinetic data set for the reaction of •OH radicals with aliphatic 
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ethers shows that ethers are considerably more reactive than the corresponding alkanes. The reactions between 

•OH radicals and the cyclic esters proceed through H-abstraction mechanism. 

The available kinetic and mechanistic data suggest that the reaction of •OH radicals with aldehydes proceeds 

predominantly by overall H-atom abstraction from the -C(O)H group 369 to form an acyl radical and water, as 

follows: 

RC(O)H + •OH → RC•(O) + H2O       (R 6-23) 

The reactions of •OH with carboxylic acids proceed through an overall H-abstraction mechanism. For example: 

•OH + CH3COOH → •CH2COOH + H2O      (R 6-24) 

However, the near-zero temperature dependence study by Dagault et al 370 have indicated that this reaction 

proceeds initially by •OH radical addition to form a complex which then presumably decomposes to products.  

With respect to the ketones the description of the reaction mechanism is more complex. In general it is assumed 

that the reaction of •OH radicals with ketones proceeds by H-atom abstraction mechanism. Reaction (R 6-25) 

represents an example for the reaction of •OH radical with acetone which leads to the formation of the 

•CH3C(O)CH2 radical: 

•OH + CH3(CO)CH3 → •CH2(CO)CH3 + H2O     (R 6-25) 

However, some studies suggested that the reaction of •OH with acetone proceeds through the addition of •OH to 

the carbonyl group, followed by methyl radical elimination which efficiently leads to the formation of acetic 

acid 371. On the other hand, Talukdar et al. 372 have provided compelling evidence that the reaction of •OH with 

acetone occurs through a hydrogen-bonded complex that leads almost exclusively to ketyl radical and water, 

independent of temperature between 242 and 350 K. The channel leading to acetic acid has been shown to be 

negligible at temperatures of atmospheric relevance. Wollenhaupt et al.238 suggested the formation of an 

association complex by electrophilic addition of •OH to the carbonyl C atom. The association complex can 

decompose by C-C bond fission to yield acetic acid, or it can go back to reactants. 

It has to be noted, however, that the reactions of •OH with the ketones proceed with rate constants that vary 

slightly with the temperature, and significantly less compared to reaction with the analogous alkanes, which 

provides support for the idea that these reactions proceed through different mechanisms.  
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The products studies with respect to the •OH reactions with the esters have demonstrated that these reactions 

proceed through the H-atom abstraction.368 Finally, the reactions of •OH with unsaturated organic compounds 

and aromatic compounds proceed through the •OH addition to the double bond (>C=C<) or the aromatic ring.368  

In the chapter below, the comparison between the reactions of •OH radical in the aqueous phase and in the gas 

phase, proceeding through the H-abstraction mechanism, is undertaken.  

 

6.3 The comparison between aqueous phase and gas phase reactivity of •OH radical 

 

The development of a gas/solution phase reactivity correlation allows one to predict the rates of reaction in one 

phase from those measured in the other and greatly simplifies the task of estimating atmospheric residence 

times for trace organics. This in turn helps to remove many of the measurement uncertainties associated with 

both gas phase and solution phase rate constant studies. Since many compounds with low volatility are often 

highly soluble (and, conversely, compounds with low solubility are often highly volatile), the use of a 

gas/solution phase reactivity correlation can circumvent many of the experimental difficulties encountered in 

conducting gas phase studies with compounds of low volatility and solution phase studies with compounds of 

low solubility. 

Therefore, in Figure 8 the gas phase rate constants from Table 3 are plotted versus the aqueous phase values for 

the same organic compounds.  
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Table 3. Comparison between the observed rate constants for the •OH reactions in aqueous solution and in the gas phase 

N
o
 Compound 

kAq.phase 

[l mol
-1

 s
-1

] 
Ref. 

kgas phase 

[l mol
-1

 s
-1

] 
Ref. 

1 acetone (2.1 ± 0.6) · 108
 

373 (5.3 ± 0.8) · 108 374 
2 acetonylacetone (7.6 ± 1.1) · 108 314 8.8 · 108 375 

3 methyl ethyl ketone (1.5 ± 0.7) · 109 314 2.0 · 109 376 

4 diacetyl (2.8 ± 0.6) · 108 314 1.5 · 108 375 
5 2-pentanone 2.1 · 109 377  (2.8 ± 0.18) ·109 378 
6 3-pentanone 1.5 · 109 377 (1.2 ± 0.09) ·109 379 

7 methyl isobutyl 
ketone 

2.5 · 109 380 8.5 · 109 326 

8 tert-butanol (5.0 ± 0.6) · 108 373 (4.9 ± 1.0) · 108 381 
9 ethanol (2.1 ± 0.1) · 109 373 (2.3 ± 0.2) · 109 382 
10 1-propanol (3.2 ± 0.2) · 109 373 (3.4 ± 0.3) · 109 383 
11 1-butanol (4.1 ± 0.8) · 109

 
384 9.4 · 109 383 

12 2-propanol (2.1 ± 0.9) · 109 373 (3.3 ± 0.3) · 109 382 
13 2-butanol (3.5 ± 0.4) · 109 384 (4.9 ± 1.2) · 109 385 
14 acetaldehyde 2.4 · 109 386 (1.0 ± 0.2) · 1010 387 

15 propionaldehyde (2.8 ± 0.3) · 109 388 1.2 · 1010 326 
16 butyraldehyde (3.9 ± 1.0) · 109 389 (1.4 ± 0.1) · 1010 390 
17 isobutyraldehyde (2.9 ± 1.0) · 109 314 (1.1 ± 0.2) · 1010 391 
18 2,2-dimethylpropanal  3.2  · 109 392 (1.6 ± 0.1) · 1010 390 

19 isovaleraldehyde 2.9 · 109 393 1.8 · 1010 394 
20 n-hexanal 2.5 · 109 393 (1.7 ± 0.1) · 1010 390 
21 glyoxal (1.1 ± 0.04) · 109 395 5.3 · 109 396 

22 methylglyoxal (1.1 ± 0.2) · 109  
 

380 7.1 · 109 397 

23 2-methybutanal 3.1 · 109 393 2.0 · 1010 390 
24 pentanal 3.9 · 109 380 (1.6 ± 0.1) · 1010 390 

25 Pyruvic acid (1.2 ± 0.4) ·  108 
 

373 7.4 · 107 398 

26 Formic acid 1.3 · 108 285 2.7 · 108 399 
27 Propionic acid 6.2 · 108 400 7.2 · 108 401 
28 Butyric acid 2.2 · 109 400 (1.1 ± 0.1) · 109 402 
29 ethyl formate (3.3 ± 0.8) · 108 314 5.3 · 108 403 
30 Ethyl acetate 4.1 · 108 377 9.0 · 108 404 
31 Methyl acetate 2.2 · 108 377 2.1 · 108 405’ 
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For a series of alcohols, ketones, esters, acids and aldehydes there is essentially a correlation between the rates 

in the two phases, as expected for reactions proceeding via a hydrogen abstraction mechanism (Figure 8) 

Insert Figure 8 

The solid line represents the regression line which corresponds to the following equation: 

lg (kgas/M
-1s-1) = (2.54 ± 2.19) + (1.31 ± 0.24) · lg (kaq/M

-1s-1)       (Eq 6-1) 

with n = 31; r = 0.90 

 

This empirical relationship can be used together with mechanistic information to estimate the •OH reactivity in 

one phase from the measured rate constant in the other. The dashed line in Figure 8 represents the 1:1 reactivity 

correlation. As can be seen, the fit according to equation (Eq 6-1) represents a line nearly parallel to the 1:1 

reactivity line. The comparison suggests that the order of magnitude of the rate constants in both phases are 

comparable, demonstrating that the reaction mechanism is the same. However, the rate constants in the gas 

phase are slightly faster than in the aqueous phase. A possible explanation comes from the solvation effects on 

the reactants and the activated complex. It has to be noted that the •OH rate constants for many organics in the 

gas-phase follow non-Arrhenius behavior which implies that the reaction mechanism can differ at other 

temperatures than 298 K, as was discussed in the chapter above.  

Concerning the aqueous tropospheric phase, Herrmann and co-workers have compiled large kinetic data 

set.240,323 Further extension of both data bases to compounds covering wider ranges of reactivity will improve 

such correlations. For the Table 3 the recommended values were chosen or the data from the more recent 

studies. 
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7. Concluding remarks and outlook 

 

Hydroxyl radicals dominate the daytime chemistry in the troposphere and (at a definitely lesser extent) in 

natural waters. Due to its high oxidative capacity, •OH radical is called a “detergent of the atmosphere”. High 

reactivity of hydroxyl radicals with respect to other oxidative species leads to oxidation and chemical 

conversion of most tropospheric trace compounds or pollutants. The chemistry of •OH radical in the 

atmospheric gas phase and aqueous phase were recently discussed by Mellouki et al.406 and Herrmann et al.407 

respectively, in the special issue “Chemistry in Climate” published in Chemical Reviews. The •OH radical also 

plays an important role in surface waters, although its importance in that compartment is limited by the 

contemporary presence of other reactive species such as CO3
−•, 1O2 and 3CDOM*. We provide an extensive 

view on the role of hydroxyl radical in different environmental compartments and in laboratory systems, with 

the aim of drawing more attention to this emerging issue. Further research on processes related to the hydroxyl 

radical chemistry in the environmental compartments is highly demanded. A comprehensive understanding of 

the sources and sinks of •OH radicals including their implications in the natural waters and in the atmosphere is 

of crucial importance, including the way irradiated CDOM in surface waters yields •OH through the H2O2-

independent pathway, and the assessment of the relative importance of gas-phase vs. aqueous-phase reactions 

of •OH with many atmospheric components. Moreover, to date, the advanced oxidation processes were 

characterized based on their ability to produce •OH. Despite this, the exact role of •OH in several AOPs is still 

an object of investigation because different oxidants can be produced at the same time. This complication is 

crucial in heterogeneous processes (e.g. the heterogeneous photocatalysis) and most notably in the first •OH-

involving reaction that was studied, the Fenton process. Here the controversy about the reactive species 

involved is particularly significant at pH values around neutrality, as in most Fenton applications proposed 

recently. Therefore, there is still wide room for fundamental studies on this old reaction. 

A particular attention should be paid to the chemical processes involving hydroxyl radicals within indoor 

environments. This is extremely important considering that people in Western societies spend on average 80-

90% of their life indoors and that the indoor environment has recently been demonstrated by Gligorovski and 
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his coworkers 57 to be an active reaction chamber as far as •OH occurrence is concerned, a fact which 

consequences remain to be explored hereafter 66,72,408
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Figure 1:  Production of superoxide anion induced by NADPH oxidase/Neutrophil during 

phagocytosis and possible routes evolution 
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Figure 2: Comparison of the estimated •OH production by HONO and ozone photolysis 

during the campaign conducted in southwest Spain, 4 meters above the forest canopy for the 

seven clear days of the campaign.  
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Figure 3: Plot of ℜ = [•OH] [p°(λ)]−1, as a function of H2O2 concentration ([H2O2]) and of 

the first-order rate constant of •OH scavenging, S. The trend of ℜ is described by equation (3-

3), with the numerical values given in the text. 
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Figure 4.  Steady-state [•OH] as a function of nitrite and NPOC (nonpurgeable organic 

carbon), which is a measure of DOC (dissolved organic carbon). Other conditions: 1 μM 

nitrate, 2.1 mM bicarbonate, 26 μM carbonate, d = 1 m, and 22 W m−2 sunlight UV 

irradiance 
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Figure 5. Correlation between second-order reaction rate constants of benzoates and anisoles 

with •OH and SO4
−•, and the corresponding σ values of the ring substituents.365
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Figure 6. Reaction rate constants between •OH and inorganic anions (•OH + X− → OH− + X•) 

as a function of the reduction potentials Eo(X•/X−).100,350 
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Figure 7: Plot of measured room temperature gas phase rate constants for the H-abstraction 

reactions of OH with a series of organic compounds versus corresponding aqueous phase rate 

constants. (—): Regression line, (---): 1:1 reactivity correlation. 
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