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Abstract 

This review discusses the properties of strongly oxidizing radicals in organic and aqueous media and 

highlights the challenges in obtaining accurate values of their reduction potentials. Transient redox 

equilibrium methods based on the use of strong photooxidants or initiated by pulse radiolysis are shown to 

provide versatile approaches for decoupling electron transfer reactions from follow-up reactivity of unstable 

radical species, resulting in accurate values of reduction potentials of very positive couples, including some 

solvent radical cations. We also show that correlations of reduction potentials with Hammett Σ𝜎𝜎𝑝𝑝+ 

parameters, as well as gas phase ionization potentials, can be used to estimate the redox properties of 

unknown couples within a homologous series of compounds. The effects of ion pairing and hemicolligation 

on redox properties of organic and inorganic radicals are also discussed. 

Introduction 

Redox active radical intermediates play an important role in a wide range of chemical transformations, 

including biological activity, synthetic chemistry or energy generation and storage processes. Among those, 

oxidizing radical species are often involved in redox catalysis, e.g., for water oxidation,1-3 operation of 

redox flow batteries,4, 5 nuclear fuel processing,6 environmental remediation,7 photoredox catalysis,8, 9 

molecular machines10 and many other practical applications. However, despite wide utilization of oxidative 

radical reactivity, some fundamental properties of highly energetic radicals, especially those of high 

reactivity, remain underexplored. The transient nature of unstable radical intermediates prevents the use of 

voltammetry techniques commonly utilized for studying redox properties, which rely on unperturbed redox 

equilibrium between couples in solution and, for example, an electrode. Fortunately, there are alternative 

transient methods capable of resolving redox reactions and follow-up radical chemical transformations, 

which provide a more versatile probe into the properties and reactivity of oxidative intermediates. Our 

group has been utilizing the technique of pulse radiolysis, together with transient photochemical methods, 

for the generation of powerful oxidation reagents and their use in the study of charge transfer reactions in 

systems relevant to redox catalysis and electron (proton coupled) transfer relays.3, 11 This brief overview of 
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the oxidative chemistry of transient radicals highlights some challenges related to the generation and 

characterization of radical species, summarizes the redox properties of several classes of organic and 

inorganic radicals, and presents some trends in their redox properties, together with examples of 

mechanistic inquiries into catalytic reactions using oxidative radical chemistry. 

Reduction potentials of reactive radicals determined electrochemically. The reduction potential of a 

redox reagent is arguably its most important property, which is not only linked to the thermodynamics of 

an electron transfer reaction, but also influences its kinetics. For example, Marcus theory of electron 

transfer12 points to an exponential dependence of the electron transfer rate coefficient on the driving force 

(and hence the reduction potentials of a donor and an acceptor), and this dependence is strongest near an 

equilibrium, with reaction rates doubling about every ten millivolts. Consequently, the precise 

determination of reduction potentials is critical for an accurate description of electron transfer reactions, 

especially when theoretical models are based on free energy relationships. Electrochemical methods13, 14 

are widely used for obtaining reduction potentials, but they have their own limitations, including: a) possible 

interference from chemical reactions following an initial electron transfer; b) necessity for an electrolyte; 

c) limited electrochemical window of certain solvents. The electrochemical behavior of a heterogeneous 

redox process (E, equation 1) coupled to a homogeneous chemical reaction (C, equation 2) has been 

thoroughly investigated by Savéant.14 Savéant has shown that the shape of a cyclic voltammogram (CV) 

depends on the interplay of electrode scan rate (ν), the equilibrium constant of a follow-up chemical reaction 

(K), and the rate of achieving the equilibrium (k = kf + kr, where kf and kr are the forward and reverse rate 

coefficients, respectively). The graphical form of such dependence ‒ a so-called “kinetic zone diagram” 

(Figure 1), depicts cyclic voltammogram waves in the logarithmic space determined by the equilibrium 

constant and a dimensionless parameter, λ as defined in eq. 3. The reversible Nernstian wave (red CVs in 

Figure 1) can be observed only if the contribution of the follow-up chemical reaction is small (low value of 

K) or the scan rates are high (large ν), conditions represented by the leftmost and uppermost sections of the 

zone diagram. The value of E1/2 can be obtained from such CVs, which can be closely approximated to the 

standard reduction potential of a given redox couple. However, if the contribution of a chemical equilibrium 

is significant, or the scan rate is too low, the resulting quasi-reversible (purple CVs, Fig. 1) or irreversible 

(blue CV, Fig. 1) waves can provide only approximate values of reduction potentials. Interestingly, when 

the rate at which equilibrium is established is sufficiently high, a reversible wave is observed even if the 

contribution of the chemical reaction is significant. 
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Figure 1. Kinetic zone diagram demonstrating the dependence of the cyclic voltammogram (CV) shape on the 

electrode scan rate (ν) and the equilibrium constant (K) and rate of establishment of equilibrium (k = kf + kr) for the 

following chemical reaction. The red shaded CVs correspond to reversible Nernstian waves; the red shaded CV with 

a star represents a reversible Nernstian wave with contribution of chemical equilibrium; purple waves are for quasi-

reversible and the blue wave is for irreversible electron transfer. The diagram is constructed based on the work by 

Savéant.14 

 

Unfortunately, the observed reduction potential (𝐸𝐸𝑜𝑜𝑜𝑜𝑜𝑜 
∘ in eq. 4, where R is universal gas constant, F is 

Faraday constant and T is temperature) will contain a contribution of the equilibrium constant for the 

chemical process and can differ significantly from the standard reduction potential. The last situation can 

be especially misleading in the determination of reduction potentials if additional care is not taken to 

examine the diagnostic behavior of peak potential and current in a wide range of scan rates15, 16 or if other 

control experiments, e.g., variation of substrate concentration or comparison to the pulsed or AC 

voltammetry are not performed to insure the absence of a follow-up chemical reactions.  

E: 𝐴𝐴 + 𝑒𝑒−   𝐵𝐵
         
�⎯�
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𝐸𝐸𝑜𝑜𝑜𝑜𝑜𝑜 
∘ =  𝐸𝐸∘ + 

𝑅𝑅𝑅𝑅
𝐹𝐹
𝑙𝑙𝑙𝑙(1 +  𝐾𝐾) (4) 

 

Differential pulse voltammetry or square wave voltammetry are often used for obtaining reduction 

potentials of quasi-reversible couples when the contribution of the follow-up chemical process is not 

significant (K < 10). However, a more precise criteria for reversibility would vary depending on particular 

experimental setup configuration (e.g, electrode size) and individual rates of heterogeneous and 

homogeneous reactions and can be determined from careful analysis of the peak currents and peak 

potentials as a function of pulse parameters, such as magnitude and duration of applied pulses.17 In cases 

where CV waves are fully irreversible, AC voltammetry is more useful for decoupling the scales for electron 

transfer and interfering chemical reactions. Specifically, Second Harmonic AC Voltammetry (SHACV) has 

emerged as one of the most powerful electrochemical techniques for analyzing non-Nernstian redox 

processes.18-20 It was shown that even in the case of a very fast chemical reaction (kf = 108 s-1), the measured 

𝐸𝐸𝑜𝑜𝑜𝑜𝑜𝑜 
∘  should be within 60 mV of the standard potential, 𝐸𝐸∘.21 Fukuzumi and Guldi have used SHACV to 

measure reduction potentials of a series of aromatic cations in the potential range 0.75 ‒ 1.47 V vs. Fc+/0 

(ferrocenium/ferrocene reference).22 They found a good linear correlation between reduction (E°) and 

ionization potentials (Ip) of aromatic radical cations (Figure 2). However, the slope of this correlation (0.4) 

was well below unity and the authors have rationalized it by decrease in the solvation energies of the radical 

cations with lower ionization potentials due to more delocalized nature of an unpaired electron. This 

proposed effect is not unreasonable since the solvation will affect only reduction potentials in solution, but 

not gas-phase Ip values. Alternatively, SHACV measurements could underestimate the potentials of most 

positive couples leading to decrease in the slope of the  E° ‒ Ip  correlation. 
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Figure 2. Correlation between reduction potentials of aromatic radical cations mesured using SHACV and their 

ionization potentials. The red line represents a linear fit. The plot is produced from data reported in ref 22. 

 

Equilibrium methods for determination of reduction potentials. When voltammetry is not suitable 

for accurate measurements of reduction potentials, they can be determined by measuring an equilibrium 

constant between a species with unknown potential (U) and a reference compound for which the reduction 

potential is known (R), as shown in eqs. 5 ‒ 7.  

 

 𝑈𝑈+ +  𝑅𝑅   𝑈𝑈 + 𝑅𝑅+
     𝑘𝑘𝑟𝑟 
�⎯⎯�

    𝑘𝑘𝑓𝑓  
�⎯⎯⎯�   (𝐾𝐾𝑒𝑒𝑒𝑒) (5) 

𝐾𝐾𝑒𝑒𝑒𝑒 =  
[𝑅𝑅+][𝑈𝑈]
[𝑈𝑈+][𝑅𝑅] 

(6) 

EU = ER ‒ 0.059 log(Keq) (7) 

 

This method is applicable even in cases where redox active species are unstable down to sub-

microsecond time scales,23, 24 as long as the rate at which the equilibrium is established (keq = kf[R] + kr[U]) 

exceeds the rate of follow-up chemical reactions and the analytical techniques used for concentration 

measurements possess sufficient time resolution (Figure 3). This approach is sometimes referred to as 
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“transient electrochemistry” and allows the decoupling of redox and chemical reactions on timescales not 

accessible by conventional electrochemical methods. 
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Figure 3. Schematic representation of concentration ‒ time profile of the oxidized form of the species with unknown 

reduction potential (U+) in the absence of reference compound R (blue trace). Time dependence of equilibrium 

concentrations of U+ (wine) and R+ (green) under equilibrium conditions. Reprinted with permission from ref 24.  

Copyright 2023 American Chemical Society.  

 

Usually, the application of the equilibrium method requires knowledge of equilibrium concentrations of 

all species in eq. 5. However, if the concentrations of cations are substantially smaller compared to the 

initial concentration of both species ([R+]<< [R]0; [U+]<< [U]0), equation 6 can be approximated as follows: 

𝐾𝐾𝑒𝑒𝑒𝑒 ≈  
[𝑅𝑅+][𝑈𝑈]0
[𝑈𝑈+][𝑅𝑅]0

 (8) 

This condition is not uncommon during some time-resolved measurements, such as flash photolysis or 

pulse radiolysis, where only a small amount of starting material is converted to a reduced or oxidized form 

through initial photoexcitation or ionization events. While specific mechanisms for photochemical or 

radiolytic generation of redox species are different and their details will be discussed later in this review, 

both methods rely on the generation of a primary oxidant, such as the oxidative excited state of a 

chromophore molecule or a solvent radical cation, which is scavenged by R or U, leading to generation of 

their respective radical cations. Under specific reaction conditions when the total concentration of both 
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reagents ([R]0 + [U]0) is constant and sufficiently high to ensure rapid scavenging of the primary oxidant, 

it can be assumed that the total concentration of radicals produced ([R+] + [U+]) is the same and independent 

of the initial concentrations of individual reagents. In this case, an equilibrium constant can be determined 

from optical absorbance values of the radicals as shown in eq. 9, where Abs(U+) and Abs(R+) are optical 

absorbance values measured during oxidation of U and R only and Abs(UR) is the optical absorbance 

measured after transient oxidation of a mixture of U and R.24 This approach does not require the knowledge 

of extinction coefficients of radical cations and it is applicable even if the absorbances of U+ and R+ overlap. 

However, a small difference in extinction coefficients of radical cations will cause significant errors in K 

due to the small value of the denominator in eq. 9. This simple method is only applicable if the rate 

coefficients for natural decay of U+ and R+ are similar, otherwise a more complex treatment should be used, 

which is based on analysis of complete decay profiles of individual components and a mixture, and has 

been described in detail in our recent work.24 

𝐾𝐾𝑒𝑒𝑒𝑒 ≈  
[𝑈𝑈]0 
[𝑅𝑅]0

×
𝐴𝐴𝐴𝐴𝐴𝐴 (𝑈𝑈+)− 𝐴𝐴𝐴𝐴𝐴𝐴(𝑈𝑈𝑈𝑈)
𝐴𝐴𝐴𝐴𝐴𝐴(𝑈𝑈𝑈𝑈) −  𝐴𝐴𝐴𝐴𝐴𝐴(𝑅𝑅+)

 (9) 

 

Another approach for measuring equilibrium constants is based on extracting the rates of forward and 

reverse reactions between unknown and reference species in eq. 5. Assuming that initial concentrations of 

R and U are significantly higher compared to the concentrations of radicals, the apparent rate coefficient 

for change in concentration of R+ or U+ can be described by eq. 10. Plotting the apparent rate coefficient as 

a function of, for example, [R]0, while [U]0 is kept constant should provide a linear dependence with the 

slope equal to kf and the intercept equal to kr[U]0.25 

kapp = kf[R]0 + kr[U]0 10 

However, if radical cations U+ and R+ are unstable and decay with rate coefficients kU and kR respectively, 

a more complex kinetic treatment is needed.26 The solution of the system of differential equations results in 

the following time dependence of the transient optical absorbance (∆ Abs) of radical cations (eqs. 11-15, 

where: c1 and c2 are pre-exponential terms containing contribution form absorbances of both R+ and U+, 

and c3 is a fitting parameter to accommodate residual absorbance due to accumulation of permanent 

products and γ are time constants): 
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Accurate measurements of large equilibrium constants (e.g., Keq > 103) can be difficult, as it requires the 

use of high ratios of initial concentrations or extremely sensitive detection of optical absorbance ratios. In 

many cases, the difference in reduction potentials of unknown and reference compounds would be limited 

to ca. 200 mV or less.24, 27-29 This limitation, however, does not preclude the use of equilibrium methods for 

obtaining potentials of unknown couples significantly far from known references, but would require the use 

of a “redox equilibrium ladder” approach, where a series of equilibrium measurements are taken to obtain 

relative reduction potentials of two compounds separated by a measurable difference in potentials and 

linking all individual pairs into a single redox ladder (Figure 4). Care should be taken in calculating errors 

for each individual measurement and propagating these errors along the redox ladder towards high potential 

couples. The logarithmic dependence of potentials on equilibrium constants helps to attenuate errors in 

equilibrium measurements. 

 

Figure 4. Redox equilibrium ladder for determination of reduction potentials of highly oxidizing radicals. 

 

Photochemical methods for measuring reduction potentials. One of the methods for transient 

generation of highly oxidizing species involves the use of a photosensitizer, which upon photoexcitation 

∆ Abs = c1 exp(‒γ1t) + c2 exp(‒γ2t) + c3 11 

𝛾𝛾1 = 0.5(𝑋𝑋 + 𝑌𝑌) + 0.5�(𝑋𝑋 − 𝑌𝑌)2 + 4𝑘𝑘𝑓𝑓[𝑅𝑅]𝑘𝑘𝑟𝑟[𝑈𝑈] 12 

𝛾𝛾1 = 0.5(𝑋𝑋 + 𝑌𝑌) − 0.5�(𝑋𝑋 − 𝑌𝑌)2 + 4𝑘𝑘𝑓𝑓[𝑅𝑅]𝑘𝑘𝑟𝑟[𝑈𝑈] 13 

X = kf[R] + kU 14 

Y = kr[U] + kR 15 
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becomes a strong electron acceptor and can rapidly oxidize added substrates.8, 9, 30 Simple organic 

molecules, such as DCA and TCA (Chart 1) have been reported by Goud and Farid31 as potent 

photooxidants, with reduction potentials around 2 V vs. SCE (DCA*0/‒) and 2.4 V vs. SCE (TCA*0/‒), 

respectively. These potentials are sufficiently positive for oxidation of a series of substituted benzenes 

including all three xylene isomers. It was noted however, that the use of neutral sensitizers results in the 

formation of an ion pair between the reduced sensitizer and oxidized donor molecule D (e.g., DCA•‒… D•+). 

This ion pairing complicates the analysis of electron transfer and may require the use of a secondary electron 

donor, which mediates electron transfer between primary radicals and added substrates. Following this 

report, the group of Dinnocenzo23 reported the use of N-methylquinolinium hexafluorophosphate (NMQ+, 

Chart 1) as a photooxidant for photochemical generation of aromatic radical cations. Being a charged 

molecule, NMQ+ becomes a neutral radical after accepting an electron, which eliminates the complexity of 

ion pairing with an electron donor, an issue inherent to neutral sensitizers. 

 

Chart 1. Structures of organic photooxidants for production of strongly oxidizing radical cations. 
CN

CN

CN

CN

NC

CN

N

DCA TCA NMQ+
 

 

The photochemistry of photooxidants containing iminium cationic functionality (R2‒N+=CR2) has been 

investigated by Mariano and co-workers.32 They found that quinolinium cations produce strongly oxidizing 

excited states (E°′ = 2.5 ‒ 2.7 V vs. SCE in CH3CN) upon UV photoexcitation (λmax = 312 – 336 nm) and 

pyridinium salts were even stronger photooxidants (E°′ = 3.0 ‒ 3.3 V vs. SCE in CH3CN). UV excitation 

of NMQ+ sensitizer (λmax = 315 nm for perchlorate salt) results in a strongly fluorescent excited state with 

a lifetime of ca. 13 ns and reduction potential of 2.7 V vs. SCE.32 This excited state can be reductively 

quenched in the presence of large concentrations of co-donor, such as toluene, resulting in the initial 

formation of a the NMQ•/Tol•+ geminate radical pair, which efficiently separates in medium polarity 

solvents, such as dichloromethane, providing the free radical cation of toluene, a strong oxidizing reagent 

(2.35 V vs. SCE).23 The reduced form of the photosensitizer, NMQ• absorbs at ca. 540 nm and can be readily 

scavenged by dissolved O2, resulting in the formation of NMQ+ and O2
•‒.23, 27 Aromatic radical cations, 

including substituted benzenes are prone to dimerization, as shown in eq. 16 using toluene (Tol) as an 
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example. The dimer formation typically manifests in the growth of a characteristic absorption band in the 

NIR region, which is spectroscopically well separated from the absorption of the monomer radical cation. 

𝑇𝑇𝑇𝑇𝑇𝑇+ +  𝑇𝑇𝑇𝑇𝑇𝑇 ⇄  [𝑇𝑇𝑇𝑇𝑇𝑇+⋯𝑇𝑇𝑇𝑇𝑇𝑇]   (KD) (16) 

 

 

Figure 5. Transient absorption spectra of toluene radical cation (at 450 nm) and the (toluene)2
•+ dimer radical cation 

(in the NIR) in CH3CN solutions containing various concentrations of toluene. Reprinted with permission from ref.27 

Copyright 2009 American Chemical Society.  

 

The dimerization reaction has been observed for several substituted benzene radicals, however the value 

of KD in acetonitrile was found to be relatively small, with the largest being 12 M-1 for benzene down to 2 

M-1 for xylene cations, and negligibly small for biphenyls.27 We will show later that the dimer formation 

can have a significant impact on the potential of the observed couple. However, this effect appears not to 

be significant for benzenes or biphenyls. 

The photooxidation-driven redox equilibrium approach has been successfully used to obtain reduction 

potentials of several classes of organic compounds, including benzene and biphenyl derivatives,23, 27-29 

aromatic amines,29 acetanilides and oxindoles29. The redox equilibrium method was shown to be a very 

accurate technique for measuring reduction potentials, with experimental errors as small as a few millivolts. 

For example, the cation potentials for a series of aromatic amines measured electrochemically, albeit 

reported by different research groups, appeared to be less accurate as compared to the equilibrium method 

(Figure 6). While a linear correlation between both sets can be clearly observed, the slope of the linear 

dependence is significantly greater than unity, indicating a systematic overestimation of potential values by 
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electrochemical measurements. The non-zero intercept of the plot could be indicative of differences in the 

reference potentials, either due to reference conversion or other factors. 
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Figure 6. Reduction potentials of radical cations of aromatic amines measured electrochemically (𝐸𝐸𝑒𝑒𝑒𝑒ℎ𝑒𝑒𝑒𝑒𝑜𝑜 ) as reported 

in the literature plotted against the potentials measured by the redox equilibrium method (𝐸𝐸𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑒𝑜𝑜 ) .29 Vertical lines 

represent the error bars for electrochemical potentials based on multiple reported values. The red line is a linear fit 

with a slope of 1.4 and R2 = 0.9. 
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Figure 7. The correlation of formal reduction potentials (Eº′) of radical cations for: A. Benzene derivatives measured 

by redox equilibrium29 and the Hammett parameter Σ𝜎𝜎𝑝𝑝+.33 The black squares are methyl-substituted benzenes; red 

circles represent tert-butyl substituted benzenes and blue triangles are methoxy-substituted benzenes; B. biphenyl 

derivatives measured by redox equilibrium29 and the Hammett parameter, Σ𝜎𝜎𝑝𝑝+.33 The black squares are methyl-

substituted biphenyls; purple circles represent ester substituted biphenyls, green diamond is 4,4'-dibromobiphenyl and 

blue triangles are methoxy-substituted biphenyls with substitutions in the meta- or para-positions. The open blue 

triangle is 2,2′-dimethoxybiphenyl. 

 

The two particularly large datasets containing reduction potentials of substituted benzenes and biphenyls 

obtained by photochemical redox equilibrium can be used to explore correlation between potentials and 

physical parameters pertinent to substituent properties. For instance, good correlations between reduction 

potentials and Hammett parameters have been observed for a wide range of redox couples, especially within 

a homologous series of structurally related compounds, e.g., para-substituted ferrocene derivatives.34 

Figure 7A shows a correlation between reduction potentials of radical cations of substituted benzenes and 

the Hammett parameter, Σ𝜎𝜎𝑝𝑝+ (which is a sum of individual 𝜎𝜎𝑝𝑝+ parameters for all substituents). A 

comprehensive compilation of Hammett parameters can be found in the review by Hansch, Leo and Taft.33 

While the applicability of Hammett parameters to compounds with different numbers of substituents and 

substitution positions may appear to be inappropriate, a reasonable linear correlation can still be observed 

for a series of substituted benzenes. A much tighter linear fit for methyl and tert-butyl substituents contrasts 

with the higher deviation from the fit for methoxy-substituted benzenes. Such differences could be 

attributed to the higher sensitivity of reduction potentials of benzenes containing methoxy groups to factors 

beyond electronic effects of substituents. It was noted, for example, that potentials of methoxy- and 

hydroxy- substituted ferrocenes34 do not follow the general trend of Eº′ − 𝜎𝜎𝑝𝑝+ and it was suggested that 

hydrogen bonding influences the redox properties of these cations. A similar behavior can be also observed 

for substituted biphenyls (Figure 7B), where a series of methoxy substituted biphenyls form a subset with 

a distinctly different Eº′ − Σ𝜎𝜎𝑝𝑝+ dependence from other functional groups. Another interesting “anomaly” 

evident from Eº′ − Σ𝜎𝜎𝑝𝑝+ dependence for biphenyl series is a substantially more positive potential for 2,2'-

dimethoxybiphenyl radical cation as compared to other dimethoxybiphenyls with substituents in other 

positions. This effect is inherent to biphenyls and arises from forcing two phenyl rings out of planarity by 

the introduction of substituents into the ortho position. We will discuss this phenomenon in more detail in 

the next section. 

Finally, it is interesting to compare reduction potentials of benzene and biphenyl radical cations. 

Dinnocenzo, Farid and Guirado29 noted that potentials of benzenes and biphenyls bearing the same 
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substituents demonstrate excellent linear correlation with a slope of ca. 0.5 (Figure 8). They concluded that 

the reduction potentials of biphenyl radical cations are less sensitive to substitution as compared to 

benzenes. This was explained by the larger extent of radical delocalization in biphenyls across both phenyl 

groups. 
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Figure 8. Reduction potentials of similarly substituted biphenyl (X axis) and benzene (Y axis) radical cations 

measured by photo redox equilibrium in CH3CN. The red line represents a linear fit with a slope of 0.56 ± 0.2. Plotted 

from data in ref. 29. 

 

Reduction potentials of oxidizing radicals determined by pulse radiolysis (PR) in organic media. 

Pulse radiolysis offers an alternative approach for measuring the potentials of reactive redox species present 

in solution. In contrast to photochemical methods, where photon energy is deposited directly into dissolved 

photooxidant precursor molecules, making them strong electron acceptors in their excited state, pulse 

radiolysis utilizes pulses of high energy electrons (typically in the MeV range) to induce ionization of 

predominantly solvent molecules when the concentration of solute is below ca. 1 M. The choice of solvent 

or selective radical scavengers can direct the solvent radiolysis towards exclusively oxidizing or reducing 

conditions, with solvent radical cations and solvated electrons being the ultimate redox reagents.35, 36 The 

charge from solvent radicals can be rapidly scavenged by dissolved solute, resulting in desired oxidation 

states. This approach can be preferred to photochemical methods when photosensitizer absorption overlaps 
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with the absorption of solutes of interest or when access to potentials more positive than those available 

from sensitizers is needed. 

It can be useful to briefly describe the mechanism of solvent ionization induced by high energy electrons. 

As electrons are emitted from an accelerator and are traveling through a liquid sample, their energy is 

partially transferred to solvent molecules, resulting in three primary energetic species: the solvent radical 

cation, a pre-solvated electron and an excited state of the solvent molecule (eqs. 17 ‒ 18). Both reactions 

take place on an extremely short time scale, e.g., for water within 10-16 s.36, 37 These initial events are 

followed by other reactions, and depending on the particular solvent, may include the formation of a 

solvation shell around an electron resulting in so-called solvated electron species, or an electron attachment 

to a solvent forming a solvent radical anion. The solvent excited states can fragment and form secondary 

radical species, e.g., OH• and H• radicals in the case of water, and the solvent radical cation can also 

fragment in a reaction with another solvent molecule, e.g., to OH• and H3O+ in water (see later). 

Solvent \/\/\→ Solvent●+ + e‒pre-solvated  (17) 

Solvent \/\/\→ Solvent*   (18) 

When pulse radiolysis is used for the production of oxidative radicals, the reduction potential of the 

solvent radical cation can be thought of as the most anodic “bias” generated in any given solvent. The 

reduction potentials of solvent cations cannot be easily determined and are known experimentally for only 

a few solvents, including xylene, toluene and benzene. On the other hand, the reduction potentials of radical 

cations of different classes of organic compounds can be measured experimentally and have been shown to 

correlate well with their gas phase ionization potentials.22 We have compiled such a dependence for the 

most anodic couples known in Figure 9 and extrapolated the linear fit of experimental data to the more 

positive potentials with the purpose of predicting the reduction potentials of solvent radical cations. 

Interestingly, the predicted value for the potential of acetonitrile radical cation of ca. 4.15 V vs Fc+/0 is very 

close to the potential of 4.22 V estimated from pulse radiolysis measurements,38 and the value of 4.42 V 

from electrochemical measurements of solvent breakdown.39 However, despite a good match for the 

acetonitrile radical, the potentials predicted from linear extrapolation in Figure 9 should be considered as a 

rough estimate, since such correlations are usually accurate only within a homologous series of organic 

compounds and may not include additional factors affecting the energetics of electron transfer. 
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Figure 9. Correlation between gas-phase ionization potentials40 and reduction potentials of radical cations. Black 

circles represent experimentally measured potentials and include the dataset reported in Figure 2 in addition to the 

selected redox pairs reported in the literature.24, 27, 29 The linear fit through experimental data is shown as a red line 

with the following parameters: Eº = ‒4.3 + 0.69×IP. Blue circles represent predicted values of reduction potentials of 

corresponding radical cations based on extrapolation of the linear fit. 

 

Finally, while the reduction potentials of some solvent radicals are very positive, these radicals can never 

be utilized for driving oxidation of solute molecules due to their intrinsic instability. For example, water 

cation, H2O●+ rapidly deprotonates on the time scale of ca. 200 fs,41 resulting in OH• and H3O+, with the 

former being the primary oxidant during radiolysis of water. A similar reactivity is proposed for CH3CN●+ 

radical, which is extremely acidic (pKa of ca. ‒ 45) and rapidly loses a proton to form the ●CH2CN radical.38 

The fragmentation of an excited acetonitrile molecule also produces CH3•, CN• and H•, resulting in a 

complex mixture of radicals with a wide range of reactivities. The radical cations of halogenated solvents 

including chloroform, dichloroethane, dichloromethane, and carbon tetrachloride are relatively stable and 

are typically used in radiolytic oxidation of various substrates.35, 42, 43 Low polarity solvents, including 

alkanes produce very low yields of cations and anions due to their rapid recombination within the solvent 

cage, resulting in mostly solvent excited states and neutral radical fragments.44, 45 

We have utilized PR for understanding the redox properties of organic radical cations in halogenated 

solvents, e.g., dichloroethane.24 First, the accuracy of our approach was verified by comparing reduction 
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potentials of five radical cations measured by redox equilibrium to E1/2 values obtained from reversible 

CVs. Figure 10 demonstrates excellent match between potentials measured by both techniques, confirming 

the applicability of the pulse radiolysis equilibrium approach for determination of reduction potentials of 

different classes of organic radicals. Furthermore, this dataset demonstrates that the 5‒compound redox 

ladder spanning across 300 mV of potential window introduces an uncertainty of less than 5 mV for the 

most positive couple. 
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Figure 10. Formal reduction potentials Eº′ (vs. Fc+/0) of radical cations determined by PR equilibria measurements as 

compared to potentials determined from reversible CV waves (Eº′ = E1/2). All measurements are performed in air-free 

DCE with 0.1 M TBAPF6 and 0.1M 1,4-pentadiene. The red line represents a linear fit of the data (slope 1.04 ± 0.03, 

intercept -33 ± 20, and R2 = 0.998). Reprinted with permission from ref 24.  Copyright 2023 American Chemical 

Society. 

 

Our group has utilized the PR method to measure the potentials of two homologous series of substituted 

biphenyl derivatives. In particular, the Eº′ − Σ𝜎𝜎𝑝𝑝+ correlation was explored by systematically varying the 

substituents in the same position in order to separate electronic and steric effects on redox properties. 

Interestingly, the Eº′ − Σ𝜎𝜎𝑝𝑝+ plot for para-substituted biphenyls is not linear and exhibits saturation at more 

positive potentials (Figure 11A). The introduction of substituents into the 2,2′ positions shifts the potentials 

of cations ca. 200 mV more positive, maintaining the same saturation trend as the Σ𝜎𝜎𝑝𝑝+ values increase. 
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Figure 11. A) Reduction potentials of 4,4′‒X2 (blue spheres) and 2,2′‒Y2‒4,4′‒X2 (wine spheres) biphenyl cations 

determined by PR as compared to potentials predicted by theory for corresponding [BP•+… Cl‒] pairs (triangles) 

plotted as a function of ∑σp
+. Computed potentials are adjusted relative to experimental values of BP for the 4,4′‒X2 

series and 22MeBP for the 2,2′‒Y2‒4,4′‒X2 dataset. Dotted lines are for visual guidance only. B) Reduction potentials 

of 4,4′‒X2 (blue triangles) and 2,2′‒Y2‒4,4′‒X2 biphenyls (wine triangles) predicted by theoretical calculations in the 

absence of Cl‒. Solid lines represent linear fits. Reprinted with permission from ref 24.  Copyright 2023 American 

Chemical Society. 

 

The nonlinearity of the Eº′ − Σ𝜎𝜎𝑝𝑝+ plot was found to be surprising, since the analysis of previously 

reported potentials for a variety of organic radical cations demonstrated reasonable linear correlations with 

Σ𝜎𝜎𝑝𝑝+ (Fig. 7), and the DFT-predicted potentials24 (at M06-2X/def2-TZVPP level of theory)46, 47 of the same 

radicals were found to vary linearly with the Hammett parameter (Figure 11B). This saturation trend has 

been explained by the existence of a strong interaction between radiolytically produced chloride anion (Cl‒

) and the organic radical cation, leading to the stabilization of the positive charge. It was argued that the 

electrostatic interaction between two ions was not sufficiently strong to explain the significant stabilization 

of 100 mV – 400 mV, and that an additional interaction in the form of hemicolligation is necessary to 

explain the observed changes in potentials. The hemicolligation of radicals with other species, X• + X‒ ⇄ 

[X]2
•‒ has been well studied for inorganic radicals, and association constants for this equilibrium in water 

can be substantial, especially when halide radicals are involved, e.g., KHC(Cl) = 1.4×105 M‒1; KHC(I) = 

1.3×105 M‒1; and KHC(Br) = 3.9×105 M‒1.48, 49 In organic solvents, these values can be orders of magnitude 

higher compared to aqueous solvents.50 It was proposed that the combined effect of hemicolligation and ion 

pairing can be rationalized by the overall stabilization free energy, ∆Gstab which includes contributions of 

ion pairing and hemicolligation: ∆Gstab = ∆GIP + ∆GHC, and the resulting effect on potential can be described 

by eq. 19. 

X X
+
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X X
+

Y
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X X
+

X X
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𝐸𝐸 =  𝐸𝐸o −  0.059 log (1 + 𝐾𝐾𝐻𝐻𝐻𝐻𝐾𝐾𝐼𝐼𝐼𝐼 [𝐶𝐶𝐶𝐶–]) (19) 

In addition to electronic effects of substituents and influence of ion-paired halide anion, the reduction 

potentials of biphenyl radical cations were found to depend on the conjugation between the two phenyl 

rings. When substituents are introduced to, for example, the 2,2′ positions, forcing two benzene rings out 

of planarity, the potential of cations increases by about 200 mV (Figure 11A). This effect can be rationalized 

based on the known behavior of biphenyls to adapt a more planar geometry upon oxidation due to 

delocalization of positive charge across both aromatic systems, which brings down the reduction potential 

of the cation.51-53 When two aromatic systems are forced out of conjugation, the reduction potential rises, 

approaching in an extreme case the potential of the corresponding substituted benzene molecule. 

Application of highly oxidizing radicals in mechanistic studies of water oxidation catalysis. 

Catalytic water oxidation has become a prominent field in the area of renewable energy research, leading 

to remarkable advances in the development of efficient molecular and heterogeneous catalysts.1, 54 These 

advances would not be possible without in-depth understanding of catalytic mechanism and properties of 

key redox intermediates involved in water oxidation. The generation of such intermediates often requires 

access to powerful oxidation reagents, and while some redox reagents, including strong oxidants can be 

prepared and isolated in their metastable forms,55, 56 most strong oxidants exist on a transient time scale (<< 

1 s) and their production requires high energy inputs, i.e., in the form of photoexcitation or ionizing 

radiation. Radiolysis of water provides a convenient and controllable way for the generation of highly 

energetic solvent-derived radicals, which can be converted into a wide variety of secondary oxidants (Table 

1).3, 36 Eqs. 20-22 show the conversion of hydrated electrons into oxidizing OH• radicals, and their use in 

oxidizing a substrate. 

H2O \/\/\→ eaq
-, OH•, H●, H2, H2O2  (20) 

eaq
‒ + N2O  N2 + H2O + O•–  OH• + OH– (21) 

OH• + substrate = substrate•+ + OH‒  (22) 

The primary oxidant produced by water radiolysis is the hydroxyl radical OH•, with a standard reduction 

potential of ca. 1.9 V vs. NHE for the OH•/OH− couple. It is important to note that the formal potential of 

hydroxyl radical shows Nernstian dependence on proton concentration, reaching 2.72 V at pH 0. Despite 

being a strong oxidant, OH• tends to engage in reactions other than simple electron transfer, notably addition 

to unsaturated bonds or H-atom abstraction.57, 58 This reactivity may be detrimental in cases where a simple 

one-electron oxidation of a catalyst molecule is desired, which is often the case during investigation of 

water oxidation mechanisms. An example of such reactivity has been observed during a series of studies of 
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the dimeric µ-oxo-bridged ruthenium complex, cis,cis-[(bpy)2(H2O)Ru-O-Ru(OH2)(bpy)2]4+ (also known 

as the Ru “blue dimer”) at Brookhaven’s pulse radiolysis facility.3 Figure 12 shows a sequence of reactions 

initiated by the addition of OH• to one of the pyridine rings of the Ru blue dimer. This step is followed by 

electron transfer from the aromatic radical to the metal center, and proton loss resulting in hydroxy-

substituted pyridine and a reduced metal center, which constitutes an overall ”oxidant-induced reduction” 

reaction. 

N
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Figure 12. Reduction of the Ru blue dimer by OH•.3 

Since the primary utility of pulse radiolysis is to provide access to catalytic intermediates in various 

oxidation states, oxidants which mainly engage in electron transfer reactions are desired. Fortunately, a 

wide variety of secondary strong oxidants can be produced from reaction of OH• with aqueous solutions of 

inorganic salts (eq. 22 and Table 1). 

Table 1. Potentials and selected hemicolligation equilibrium constants of strongly oxidizing radicals in aqueous 

solution.  

Couple E°, V 
NHE 

Hemicolligation (HC) 
Equilibria 

KHC
48 

H2PO4
•/H2PO4

− 2.7548   
OH•, H+/H2O 2.7248   
NO3

•/NO3
− 2.4748   

SO4
 •−/SO4

2− 2.4448, 59   
Cl•/Cl− 2.4348 Cl• + Cl− ⇄ Cl2

•− 1.4×105 
ClO3

•/ClO3
− 2.3848   

Tl•2+/Tl+ 2.2248, 60   
Br•/Br− 1.9648 Br• + Br− ⇄ Br2

•− 3.9×105 
OH•/OH− 1.8948, 61 OH• + Cl− ⇄ ClOH•− 

OH• + Br− ⇄ BrOH•− 

OH• + Tl+ ⇄ TlOH•+ 

0.7 
320 

5.8×103 
TeO3

•−/ TeO3
2− 1.7448   

SeO3
•−/ SeO3

2− 1.6848, 62   
Br2

•−/2Br− 1.6348   
SCN•/SCN− 1.6148 SCN• + SCN− ⇄ (SCN)2

•− 2×105 
CO3

•−/ CO3
2− 1.5559   

ClO•/ClO− 1.3948   
I•/I− 1.3548 I• + I− ⇄ I2

•− 1.4×105 
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Halide radicals (X•) are excellent one-electron oxidants and rarely exhibit any other reactivity in aqueous 

solutions, contrary to more diverse reactivity in organic solvents.63 However, halide radicals readily 

hemicolligate with anions X‒, which are used as precursors for radical generation, forming X2
•‒ species. 

Depending on the hemicolligation constant and concentration of halide anion, X2
•‒ can be the primary 

oxidant under given conditions, with the formal reduction potential adjusted to the value of KHC (eq. 23): 

 𝐸𝐸o′ =  𝐸𝐸o −  0.059 log (𝐾𝐾𝐻𝐻𝐻𝐻) (23) 

One of the most powerful oxidants which can be produced by pulse radiolysis in water is the sulfate 

radical, SO4
•−. Interestingly, it is formed by the reduction of persulfate dianion [S2O8]2‒ with a hydrated 

electron (eq. 24): 

Alternitevly, SO4
•− can be generated photochemically, for example, by electron transfer from a 

photoexcited chromophre such as *[Ru(bpy)3]2+. However, it is typically rapidly consumed by chromophore 

molecules in their ground state to form [Ru(bpy)3]3+, which acts as a secondary oxidant towards water 

oxidation catalysts.64, 65 Thermal oxidations of substrates by persulfate are typically very slow despite 

favorable thermodynamic driving forces, which can be explained by very large values of inner-sphere 

reorganization energy for electron transfer.64 

The carbonate radical (CO3
•−) is another useful oxidant which can be cleanly produced by reaction of 

OH• with bicarbonate in the pH range 9 ‒ 12, and exhibits clean electron transfer reactivity without 

engaging in side-reactions, such as hemicolligaiton. We have successfully utilized the reactivity of CO3
•− 

to study intermediates of water oxidation catalysts in high oxidation states.66-68 For example, Figure 13 

shows the UV-Vis spectra of [RuII(H2O)(NPM)(4-pic)2]2+ water oxidation catalyst and its one- and two-

electron oxidized forms produced by pulse radiolysis in aqeous bicarbonate buffer at pH 10. The fast 

generation of the oxidized form of the catalyst allowed identification of unstable [RuIII(OH)(NPM)(4-

pic)2]2+ intermediate which was found to disproportinate to form [RuIV(O)(NPM)(4-pic)2]2+. In addition, the 

RuIV(O) intermediate was found to be reactive towards OH‒, a reactivity which could not be directly probed 

by other techniques.66 

[S2O8]2‒ +  eaq
- →  SO4

•− +  SO4
2− (24) 
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Figure 13. UV-vis spectra of [Ru(H2O)(NPM)(4-pic)2]2+ water oxidation catalyst (black) and its one-electron oxidized 

species (red) and two-electron oxidized species (blue) generated by pulse radiolysis in aqueous bicarbonate buffer at 

pH 10. Reprinted with permission from ref.66 Copyright 2011 American Chemical Society. 

 

In summary, this overview highlights the properties and reactivity of reactive oxidizing radicals in 

aqueous and organic solutions. The limitations of voltammetry methods for determining accurate values of 

reduction potentials for couples involving reactive radical intermediates are presented through a kinetic 

analysis of cyclic voltammogram shapes using the kinetic zone diagram, introduced by Savéant. The kinetic 

coupling of a chemical step to an electron transfer reaction at an electrode creates challenges in obtaining 

accurate values of standard reduction potentials even if the shape of the I‒V (electrochemical current vs. 

potential) curve appears to be reversible. While AC voltammetry can provide an alternative electrochemical 

approach for measurements of highly reactive redox couples, redox equilibrium methods based on transient 

generation of strong oxidants in solution are more versatile in decoupling fast electrochemical and chemical 

elementary steps, and can yield accurate values of reduction potentials for reactive couples. The transient 

redox equilibrium experiment can be initiated photochemically through generation of strong photooxidant 

or by pulse radiolysis, through ionization of solvent molecules, followed by charge transfer to a solute. 

While radical cations with potentials as positive as ca. 4 V vs. Fc+/0 can be initially produced using these 

techniques, many of them experience extremely fast decomposition, e.g., deprotonation, resulting in less 

oxidizing species. Aromatic radical cations are among the strongest organic oxidants, with reduction 

potentials surpassing 2 V vs. Fc+/0. The potentials of these radicals correlate well with Hammett Σ𝜎𝜎𝑝𝑝+ 

parameter as well as gas phase ionization potentials. Both correlations can be used to estimate the redox 

properties of unknown couples within a homologous series of compounds. Organic radical cations are found 

to experience strong hemicolligation with halide anions, such as Cl‒, which can substantially attenuate their 
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reduction potentials. This is a common phenomenon between organic and inorganic oxidative radicals, but 

it was found to be more pronounced in the case of organic cations. Finally, the time resolution capabilities 

of transient methods not only allow the fast production of reactive radicals but also provide a powerful 

approach for studying their reactivity with different substrates. For example, the generation of transient 

intermediates of water oxidation catalysts has been achieved by means of the radiolytic production of 

oxidizing radicals in aqueous solutions. 
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