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Abstract 

The novel TAML activator 4, which replaces the aromatic moiety of TAML generation 1 

ligands with an aliphatic one, is synthesized and its physical and kinetic properties are 

characterized. This new catalyst is found to have quite low reactivity at pH 7 compared to 

catalysts of generations 1, 2, and 3. The stability under oxidative conditions is high 

compared to these same catalysts, however it is determined that the relationship between 

the rate of oxidation of the azo dye Orange II, measured by the rate constant kII, and 

catalyst inactivation, measured by the rate constant ki, is similar to that of previous 

catalysts. This provides evidence that oxidation of the aromatic moiety of the ligand is 

not a significant contributor to the suicidal inactivation of TAML activators. The unique 

properties of TAML activator 4 stemming from the increased steric bulk are explored, 

which include the counterintuitive resistance to acid-induced demetalation and the lack of 

dimerization in the iron(IV) state. The combination of these properties allow for clean 

cyclic voltammetry studies from pH 2 to 13, which has revealed a proton-coupled 

electron-transfer mechanism in the electrochemical oxidation of 4 in water. Additionally 

the iron(V)oxo derivative of 4, along with a high-spin iron(IV) complex can be prepared 

in pure water chemically or through bulk electrolysis.  

The use of the prototype TAML Activator 1a for electrocatalytic oxygen evolution under 

alkaline conditions is explored, with evidence for homogeneous oxygen evolution along 

with in-situ electrodeposition onto the electrode surface of a heterogeneous catalyst. The 

turnover frequency of homogeneous electrocatalytic oxygen evolution 1,000 ± 100 s
-1

 is 

the highest reported for iron-based catalysts operating under alkaline condtions. As a 
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heterogeneous catalyst, the 1a-activated electrode exhibits high performance at pH 14 in 

terms of overpotential, at 400 mV. The combined effects make 1a one of the best iron-

based catalysts for catalytic oxygen evolution under aqueous conditions. 

TAML Activators 1a and 1b are investigated in the catalytic decomposition of 17α-

ethinylestradiol (EE2) with hydrogen peroxide from pH 6 to 9. The rate constant for 

decomposition of EE2, kII, is found to be (8.6 ± 0.5) × 10
5
 M

-1
 s

-1
, which is approximately 

half the rate of horseradish peroxidase-catalyzed oxidation. The ecotoxicity, specifically 

the estrogenicity, is found to be greatly reduced after TAML/peroxide treatment 

according to a Yeast Estrogen Screen and an assay using fathead minnows. The 

TAML/peroxide treatment remains effective in mitigating EE2 in wastewater effluent 

samples. 
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Chapter 1  
 

  
Synthesis, Characterization and Catalytic Performance of a Novel 

Completely Aliphatic TAML Catalyst 
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1.1 Introduction 

Transition-metal catalysts are vital parts in many chemical reactions of both academic 

and industrial importance. Some catalysts, such as the Grubbs catalysts for olefin 

metathesis reactions,
1
 are well-defined coordination compounds with discrete structures. 

Others, like the Ziegler-Natta catalysts for olefin polymerization,
2
 are complex mixtures 

of metal salts and reagents. For well-defined coordination compounds, Crabtree has 

recently written on the importance of analyzing the deactivation of catalysts as a part of 

the design process.
3
 The following is from the introduction of this review (emphasis 

mine): 

Deactivation leads to loss of catalyst activity or selectivity with increasing 

reaction time, but has attracted less academic attention in homogeneous 

catalysis than is justified by its importance. Ultimate deactivation is 

inevitable, but catalyst performance can be greatly affected depending on the 

balance between the rates of deactivation and of productive catalysis. Even a 

small improvement in this rate ratio can have a big effect on performance in 

terms of turnover number (TON) and thus also increases the reaction yield for 

a given catalyst loading. 

The balance between productive catalysis and the rates of deactivation of TAML 

activators has been the central tenet of Prof. Collins’ iterative design cycle for TAML 

activators (Figure 1-1).
4
 As illustrated by the degradation of 17α-ethinylestradiol 

described in Chapter 5, and in numerous other studies, TAML activators are potent 

catalysts for the oxidative degradation of organic compounds in water with hydrogen 

peroxide or other oxidants.
5–12

  The iterative design process undertaken by Collins and 

coworkers served to identify aspects of the ligands that made them susceptible to 

degradation. Ligands could then be designed to address these weak points. Ultimately this 
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process resulted in the development of oxidatively stable catalysts capable of performing 

high numbers of turnovers in a wide range of operating conditions.
13

  

 

Figure 1-1. Four generations of TAML Activators.  Catalyst 4 deviates from the other 

catalysts by eliminating the aromatic groups in the ligand and is the focus of this work.  

Thorough kinetic analysis of the TAML-catalyzed oxidation of organic and inorganic 

compounds in water has led to the development of the catalytic mechanism described in 

Scheme 1.
14

 The top row of this scheme is the desired ‘productive catalysis’. The first 

step of the catalytic reaction entails an oxidant, usually hydrogen peroxide, taking the 

resting catalyst (Rc) to the active catalyst (Ac). The Ac then oxidizes the substrate and 

returns to the resting state for further reactions.  
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Scheme 1-1. Rate constants associated with TAML-catalyzed degradation of substrates 

with an oxidant. 

−𝑑[Substrate]

𝑑t
=  

𝑘I𝑘II[Fe][H2O2][Substrate]

𝑘−I + 𝑘I[H2O2] + 𝑘II[Substrate]
                      (1‒ 1) 

Equation 1-1 details the rate law for productive catalysis derived from the 

mechanism shown in Scheme 1‒1. The initial rate of substrate oxidation has a linear 

dependence on total catalyst concentration ([Fe]), and a hyperbolic dependence on 

hydrogen peroxide and substrate. Plotting the inverse of both reagent and rate allows the 

determination of both kI and kII via the slope and intercept of a double-inverse plot. 

Conversely, by controlling the concentrations of the reactions in order that_ 

kII[Substrate]_>>>_kI[H2O2] and assuming that k-1 is negligible,
17

 Equation 1‒1 simplifies 

to rate_=_kI[H2O2][Fe]. In the same way, Equation 1‒1 simplifies to 

rate_=_kII[Substrate][Fe] when the condition kI[H2O2]_>>>_kII[Substrate] holds. 

Measurement of the initial rates of reaction under conditions in which either formation of 

Ac or oxidation of substrate is rate-limiting enables the use of pseudo-first order kinetic 

analysis to determine kI or kII, respectively. 
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The bottom row of Scheme 1‒1 represents the primary catalyst deactivation 

pathways. Medium-induced degradation, described by kd can be either specific
15 

or 

general
17

 acid-induced demetalation. At pH 7, these effects are essentially negligible. 

Intermolecular oxidative degradation, described by the rate constant k2i, can occur 

through the oxidation of the ligand of another TAML catalyst. There is also the 

possibility of two active catalysts comproportionating to form a much less reactive dimer, 

such as the iron(III)iron(IV) µ-oxo dimer.
18

 However, under most operating conditions 

TAML activators are present in low nanomolar to low micromolar concentrations, which 

mitigates any intermolecular degradation effects. 

While the medium-induced degradation and intermolecular degradation pathways 

are negligible under normal operating conditions at pH 7, the intramolecular degradation 

pathway, characterized by ki is not.
13

 Thus, the intramolecular inactivation pathway of the 

active catalyst is a source of intense interest in our research group, as it apparently holds 

the key to catalyst longevity.  

Recently, a collaboration with a team of mathematicians has verified that the rate 

constant for the deactivation of the active catalyst can be determined in a straightforward 

manner under all conditions by measuring the amount of substrate remaining (S∞) after 

all catalyst has undergone inactivation.
12

 Provided that kII is known, Equation 1‒2 can be 

used to determine the value for ki. 

ln
S0

S∞
=

𝑘II

𝑘i

[TAML]                                                    (1 ‒ 2) 

 In Equation 1‒2, S0 is the initial concentration of substrate. The determination of 

ki using this technique requires an initial concentration of TAML activator that is much 
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smaller than would be typically used for kinetic analysis or for effective remediation of 

the target substrate, as it is necessary that S∞ be greater than 25% of S0 for accurate 

measurements. Using this powerful analytical tool, a fellow student undertook the 

ambitious project of measuring kI, kII, and ki for the TAML activators that had been 

synthesized to date. This work spanned fourteen catalysts over three generations of 

TAML activators and revealed that a plot of logkII versus logki showed a strong 

correlation between the two rate constants as seen in Figure 1‒2. The catalysts that were 

more reactive toward substrate oxidation (higher kII) also underwent faster deactivation 

(higher ki) and ultimately performed approximately the same number of substrate 

turnovers.  

 

Figure 1-2. Plot of log kII vs. log ki for fourteen TAML activators. Conditions: 0.01 M 

pH 7 phosphate buffer, 25 °C, 0.1‒1 × 10
-6

 M TAML activator. The catalysts to which 

the labels correspond can be found in Table 1‒1. 

In the interest of preparing a catalyst with lower ki relative to kII, it was proposed 

to determine whether oxidation of the aromatic moiety of the ligand was a significant 
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pathway for catalyst inactivation. A previous computational study in our group had 

identified the aromatic ring of the TAML ligand as a potential source of oxidative 

degradation.
20

 The goal of this study was to synthesize and characterize a new generation 

of catalyst, which would replace the aromatic moiety with an aliphatic one in order to test 

whether oxidation of the aromatic moiety of the ligand is a significant contributor to the 

inactivation of the active catalyst. If so, the newly synthesized catalyst may have a 

favorable kII to ki ratio relative to other TAML activators.  

1.2 Results and Discussion 

1.2.1 Synthesis 

The synthesis of catalyst 4 (Figure 1-1) followed the synthetic procedure established for 

the catalysts of generation 1 with an additional step required to prepare 2,3-diamino-2,3-

dimethylbutane from the respective dinitro compound. The synthetic procedure is shown 

in Scheme 1‒2 and described in detail in Section 1.4.3. The overall yield for the ligand is 

20% and 6% for the metalated complex relative to the 2,3-dimethyl-2,3-dinitrobutane 

starting material.  
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Scheme 1-2. Simplified synthetic scheme for TAML 4. 

1.2.2 Complex Properties 

Complex 4 is isolated as a yellow to light orange solid, which is stable in dry air, but is 

slightly hygroscopic with lithium or sodium as the counterion. If the lithium or sodium 

cation is replaced with tetramethylammonium, no hygroscopic tendencies are observed. 

ESI-MS of 4 shows a peak at 434 m/z, which corresponds to 4 with no counterion or 

axial ligands. Elemental analysis (Section 1.4.3.7) corresponded to the sodium salt with 

triethylamine, which was used in the mobile phase during chromatographic purification. 

The UV-Vis spectrum of 4 also displays features similar to other Fe-TAML 

catalysts with a peak near 400 nm, which shifts slightly depending on the solvent. The 

UV-Vis spectrum of complex 4 was found to obey Beer’s law at concentrations from 

1.35 × 10
-5

 M to 5.4 × 10
-4

 M in water and from 1.12 × 10
-5

 M to 1.19 × 10
-4

 M in 

methanol. The extinction coefficients were 7,200 M
-1

 cm
-1

 at 368 nm and 7,800 M
-1

 cm
-1

 

at 379 nm in water and methanol, respectively.  
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Recrystallization of the tetramethylammonium salt of 4 by diffusion of ether into 

acetonitrile or the evaporation of acetone under anoxic conditions gives small clumps of 

yellow needles, which do not diffract well enough to attain a crystal structure. Therefore 

DFT studies were performed in order to gain insight on the structure of the complex 

(Figure 1-3). It was particularly interesting to analyze the effects brought about by the 

(CMe2)2 unit of 4 which replaced the traditional phenylene ring in TAML activators of 

previous generations (cf. structures 1⎼3). The aromatic ring is referred to as the “head” 

part of TAML activators. The calculated geometry of “beheaded” 4 should be compared 

with the X-ray structural data collected for 1a.
15

 The Fe⎼O bond is significantly 

elongated in 4 at 2.285 Å versus 2.097 Å in 1a, perhaps due to the electron-donating 

effect of the (CMe2)2 unit. The iron atom lies just 0.20 Å above the average plane of four 

deprotonated amide nitrogens versus 0.36 Å in 1a. In turn, this places the C(1)H3 group 

very close to the oxygen of the axial water ligand, the C(1)∙∙∙O separation being 3.415 Å. 

The latter value matches the sum of the van der Waals radii of CH3 (2.0) and O (1.4 Å). 

On the other hand the average Fe⎼N distance in 4 (1.881) is close to that in 1a (1.885 Å) 

suggesting that the (CMe2)2 unit translates its influence primarily at the axial ligand. As it 

will be shown below, the Fe⎼O bond elongation agrees perfectly with a pronounced 

increase in the pKa of coordinated water. 
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Figure 1-3. Optimized geometry for 4. Geometry optimized using Gaussian09 with the 

B3LYP functional and the 6-31G(d) basis set  

It is worth noting that the carbon atom periplanar to C1 sits close to Fe, the 

separation being 3.415 Å. This suggests a steric repulsion between the C atom and the 

sixth (aqueous) ligand in water, where previous TAMLs are octahedral with two axial 

H2O ligands ([FeL(OH2)2]
-
).

17
 Optimization of [FeL(OH2)2]

-
 for 4 by DFT in vacuum 

confirmed this hypothesis. The calculated Fe⎼O bonds appeared very different, viz. of 

2.273 and 3.418 Å, suggesting that one of water ligands should be much more weakly 

bound to iron(III). 

In water, TAML catalysts bind with two axial water ligands, which are 

susceptible to deprotonation. As discussed previously, the optimized geometry for 4 

suggests that only one axial water ligand is strongly bound to the iron center, with the 

second being weakly bound. The pH-dependent speciation of 4 was thus investigated to 
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further explore these properties. As the speciation of the complex has large effects on the 

reactivity, knowing the pKa is valuable,
21

 and is easily measured by spectrophotometric 

titration (Figure 1-4) as detailed in Section 2.4.3. At pH 7 the spectra of 4 has one 

dominant peak at 368 nm. This spectrum remains unchanged until approximately pH 9.5, 

at which point the peak at 368 nm decreases significantly with increasing pH and a 

smaller peak at 330 nm and a broad peak at 433 nm appear. Clear isosbestic points are 

seen at 311, 343, and 406 nm, indicating the existence of only two absorbing species in 

solution. The spectral changes are completely reversible upon changing the pH from 7 to 

13 and from 13 to 7, indicating that both the protonated and deprotonated species of 4 are 

stable under these conditions. The pKa was determined by fitting the absorbance at 368 

nm to Equation 1-3, where AH, AOH, and A are the absorbance at neutral, basic, and 

intermediate pH, respectively and setting the slope equal to 1. The pKa of 11.38 ± 0.01 is 

the highest yet measured for TAML catalysts by one full pH unit.  

log
𝐴H − 𝐴

𝐴 − 𝐴OH
= pH −  p𝐾a                                             (1 − 3) 
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Figure 1-4. Spectrophotometric pH titration of 4. Figures 4A shows the spectra of 4 

from pH 7-13. Figure 4B shows the change in absorbance at the λmax of 368 nm as a 

function of pH. Circles and triangles are values measured from changing the pH from 7 to 

13, and from 13 to 7, respectively Figure 1-4C shows the linearization of data in plot 1-

4B to determine the pKa value. Conditions: 1.2 × 10
-4

 M 4, Carmody buffer, 25 °C. 

Electron paramagnetic resonance (EPR) data also shows a distinction between the 

complex of 4 at high and low pH (Figure 1-5). All samples were found to be intermediate 

spin, S = 3/2. Samples prepared at pH 2 and pH 10.5 are essentially the same, with g =  

5.2, D = 1.2 cm
-1

 and E/D = 0.11. . The pH 13 sample showed a significant shift, with g = 

4.5, D = 1.3 cm
-1

 and E/D = 0.21. Interestingly, the spectrum obtained at pH 13 contained 

elements of the spectrum obtained at 10.5, with spin quantitation indicating 

approximately a 1:1 ratio between the two species. This is difficult to reconcile as 4 has a 

pKa value of 11.4, so at pH 13, over 95 % of the complex should be the deprotonated 

species. A possible explanation is that freezing the sample affects the coordination of the 

second axial ligand, which DFT studies show is weakly coordinated. 
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Figure 1-5. EPR spectra of iron(III) 4 showing the speciation at pH 2, 10.5 and 13. 

Conditions: Samples prepared 5 × 10
-4

 M 4 in Carmody buffer with 10 % glycerol. EPR 

spectra recorded as described in Section 1.4.7  

1.2.3 Catalytic Bleaching of Orange II in Water with Hydrogen Peroxide 

The azo dye Orange II is a convenient substrate for the measurement of the rate 

constants kI and kII. Orange II has been used to study oxidative catalysis with enzymes,
22

 

electrocatalysts,
23

 and photocatalysts,
24

 among many others. Two plots for the oxidation 

of Orange II with H2O2 catalyzed by 4 at pH 7 are shown in Figure 1-6. Figure 1-6A 

shows the hyperbolic dependence of the initial rates of bleaching of Orange II as a 

function of hydrogen peroxide. By plotting the inverse of both initial rate and peroxide 

concentration, kI and kII can be obtained from the slope and intercept, respectively. 

Analysis of this data gives values for kI and  kII of 0.63 ± 0.02 M
-1

 s
-1

 and  1.19 ± 0.03 M
-1
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s
-1

, respectively. The kI at this pH is about 50 times lower than that of catalyst 1a and 

three times lower than that of 1b, the previous lowest activity catalyst. Figure 1-6B shows 

the linear dependence of the initial rate of Orange II bleaching as a function of Orange II 

concentration. For most TAML activators, as with many other synthetic oxidation 

catalysts, it is difficult to obtain such a plot at pH 7, as kII is 2-3 orders of magnitude 

higher than kI, and peroxide concentrations much above 10 mM, catalase-like activity 

becomes non-negligible.
25

 Thus, maintaining kI[H2O2]_>>>_kII[Substrate] becomes 

difficult over a range where Orange II has significant absorbance. However, for 4 ki and 

kII are almost equal and obtaining a linear dependence of initial rate on Orange II 

concentration is straightforward. The kII value obtained from this plot is 1.11 ± 0.03 M
-1

 

s
-1

, which is in good agreement with the value determined from the double inverse plot. 

 

Figure 1-6. Hyperbolic dependence of initial rate of Orange II degradation on [H2O2] 

(A) and linear dependence of initial rate on [Orange II] (B). Conditions: (A), 0.01 M pH 

7 phosphate buffer, 1.0x10
-4

 M 4, 3.6x10
-5

 M Orange II, 25 ± 1 °C. (B), 1 × 10
-3

 M H2O2, 

1 × 10
-4

 M 4 (See text for details).  
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1.2.4 Catalytic Rate Constants as a Function of pH 

TAML activators are, in general, more effective under basic conditions. In order to assess 

the effect of pH on the catalytic activity of 4, the rate constants for the oxidation of 

Orange II with 4 and hydrogen peroxide were measured from pH 7 to pH 12 (Figure 1-7). 

The values for kI show a strong dependence on pH, with a peak value of (1.2 ± 0.03) × 

10
3
 M

-1
 s

-1
, which is over three orders of magnitude higher than the value for kI at pH 7. 

The high pKa of 4 drives the maximum reactivity for oxidation of the catalyst to pH 

11.75, which is the most basic for TAML activators. 

 

Figure 1-7. Values of kI and kII as a function of pH.  The circles and triangles represent 

the kI and kII values respectively. The line is calculated based on the values of the 

intrinsic rate constants and the measured pKa values of 4 and hydrogen peroxide.  

The values of kII do not have the same pH dependence as for kI, with a quick rise 

from 0.85 ± 0.04 M
-1

 s
-1

 to (3.7 ± 0.7) × 10
3
 M

-1
 s

-1
 on going from pH 7 to pH 9 followed 

by a plateau until pH 11 where it rises again to (1.04 ± 0.08) × 10
4
 M

-1
 s

-1
. This reactivity 

profile is possibly due to the pH-dependent tautomerization of Orange II, which has a pKa 
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value of 11.4. A similar phenomenon has been reported by Oakes et al. in the oxidation 

of azo dyes with peracids wherein the highest observed reaction rates were at a pH 

intermediate between the pKa of the peracid and the dye.
26

  

The deprotonation of the axial water ligands and H2O2 leads to four combinations 

of reactants for the activation of the catalyst, measured by kI, and are outlined in Scheme 

1‒3. This results in the rate constant kI being divided into four intrinsic rate constants 

which combine to form kI according to pH as illustrated by Equation 1‒4. The pKa of 4 is 

quite close to that of hydrogen peroxide, allowing for a simplification of Equation 1-4 

into Equation 1-5, with the assumption that Ka1 = Ka2 = Ka. The kI values in Figure 1-7 

were fitted manually to Equation 1‒4 using 3.16 × 10
-12

 for Ka, which corresponds to a 

pKa value of 11.5, halfway between 4 and hydrogen peroxide. 

 

Scheme 1-3. Detailed description of the reactions involving the pH-dependent species 

found in aqueous systems. 
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𝑘I =  
𝑘1[H+]2 + (𝑘2𝐾a1 + 𝑘3𝐾a2)[H+] + 𝑘4𝐾a1𝐾a2

[H+]2 + (𝐾a1 + 𝐾a2)[H+] + 𝐾a1𝐾a2
                          (1‒ 4) 

  

𝑘I =  
𝑘1[H+]2 + 2𝑘2/3𝐾a[H+]  + 𝑘4𝐾a

2

[H+]2 + 2𝐾a[H+] + 𝐾a
2

                                          (1‒ 5) 

                       

 The value of 0.63 ± 0.03 M
-1

 s
-1

, which was measured at pH 7, can be assumed to 

be the upper limit for the intrinsic rate constant k1, as fitting the data gives greater than 

100% error for this parameter. The low value of this intrinsic rate constant means that the 

reaction between [FeL(OH2)2]
-
 and HOOH is by far the slowest of the four possible 

reaction pathways. The value of k4, for the reaction between [FeL(OH2)(OH)]
2-

 and HOO
-
 

was determined to be 550 ± 70 M
-1

 s
-1

, which is  two orders of magnitude higher than k1, 

due to the higher electron density of both species. The value for k2/3, 1,600 ± 200 M
-1

 s
-1

 

is a further order of magnitude higher than k4, indicating that perhaps the electrostatic 

repulsion of the two deprotonated species at higher pH mitigates the higher reactivity due 

to increased electron density. The dominant reaction pathway described by k2/3, either 

[FeL(OH2)2]
-
 + HOO

-
 or [FeL(OH2)(OH)]

2-
 + HOOH is kinetically indistinguishable, 

however the increased electron density on the metal center of the [FeL(OH2)(OH)]
2-

 

complex would probably favor the k2 pathway. 

1.2.5 Catalyst Inactivation under Oxidative Conditions 

Because TAML activators are powerful oxidative catalysts, they are often capable of 

oxidizing the products of reaction with the initial substrate, sometimes to the point of 

mineralization.
19

 It is for this reason that turnover number (TON), the number of moles of 



18 

 

product produced per mole of catalyst, is not an adequate parameter to describe TAML 

activators. Therefore, the relationship between the rate of substrate oxidation and that of 

catalyst inactivation is the best measure of the overall effectiveness of TAML catalysts. 

This ratio is ultimately more useful in understanding how modifying the TAML ligand 

affects the rate of catalyst inactivation. In order to determine the value of ki for 4 

incomplete degradation studies were performed (Figure 1-8).  

 

Figure 1-8. Incomplete bleaching of Orange II at pH 7. Conditions: 1 x 10
-7

 M 4, 2.5 × 

10
-3

 M H2O2, 0.01 M phosphate buffer, pH 7, 25 °C   

Using Equation 1‒2 to determine ki from the values of S0 and S∞, a value of (4.1 ± 

0.1) × 10
-7

 s
-1

 was calculated, which is the lowest measured value to date. However, when 

compared to the other TAML activators, the ratio of logkII to logki is comparable, as it 

falls on the same line as that of the previously measured catalysts (Figure 1-9).
27
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Therefore, in conjunction with the correlation between kII and ki for tail substitution, there 

is strong evidence against the main degradation pathway being intramolecular oxidation 

of the aromatic ‘head’ moiety or the substituents on the ‘tail’. Thus, while TAML 

catalysts are highly tunable in terms of reaction rates, at neutral pH catalysts of 

generations 1-4 perform approximately the same amount of turnovers on a substrate 

given enough time. This knowledge is inspiring the design of the next generation of 

TAML activators, which will seek to strengthen the amide units against decomposition.  

 

Figure 1-9. Plot of logkII vs. log ki including catalyst 4. 

  



20 

 

Table 1-1. Rate constants kI, kII, and ki for fifteen TAML catalysts. Values for 

catalysts 3a, 3b, and 3c are from reference
 
28, all others are from reference 27. 

Conditions: 0.01 M pH 7 phosphate buffer, 25 °C, 1 × 10
-7

 ‒ 1 × 10
-4

 M TAML activator.  

TAML X1/X2/R kI / M
-1 

s
-1 

10
-4

×kII / M
-1 

s
-1

 10
3
×ki / s

-1 

1a H/H/Et 1.8 ± 0.1 0.28 ± 0.01 0.09 ± 0.01 

1b NH2/H/Me 28 ± 2 0.42 ± 0.02 1.15 ± 0.07 

1c H/H/Me 31.4 ± 0.1 0.495 ± 0.002 0.30 ± 0.01 

1d CO2Me/H/Me 38 ± 1 0.73 ± 0.01 0.11 ± 0.01 

1e Me/Me/Me 49 ± 3 0.90 ± 0.05 0.42 ± 0.01 

1f NO2/H/Me 152 ± 5 2.7 ± 0.2 0.34 ± 0.02 

1g NO2/H/F 350 ± 2 4.1 ± 0.1 1.1 ± 0.3 

1h Cl/Cl/F 361 ± 1 12 ± 1 2.50 ± 0.03 

2a Cl/Cl/Me 1490 ± 20 4.0 ± 0.2 11.0 ± 0.4 

2b CN/H/Me 1850 ± 90 26 ± 1 20 ± 1 

2c NO2/H/Me 1900 ± 100 52 ± 7 85 ± 6 

3a H/H/Ph 85 ± 3 0.19 ± 0.01 0.23 ± 0.05 

3b H/H/Me 140 ± 20 2.3 ± 0.2 3.0 ± 0.4 

3c NO2/H/Me 1500 ± 30 6.8 ± 0.7 2.2 ± 0.3 

4 -/-/Me 0.63 ± 0.02 (1.19 ± 0.03) × 10
-4

 (4.1 ± 0.1) × 10
-4

 

 

1.2.6 Kinetics of Acid-Induced Iron Ejection from 4  

The rate of medium-induced degradation at pH 7 in 0.01 M phosphate buffer is negligible 

for 4, which was verified by measuring the spectrum of a 1.0 × 10
-4

 M solution of 4 in 

0.01 M pH 7 phosphate buffer every 5 minutes for over 16 hours. After 16 hours the 

spectrum showed no change, indicating that kd ≈ 0 under these conditions. At pH 4 and 

below TAML 1a undergoes proton-induced demetalation which occurs according to 

Equation 1-5.
15

 The process is kinetically interesting due to its rate law, viz. kobs = k1[H
+
] 
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+ k3[H
+
]
3
. The third-order term in H

+
 was rationalized by the peripheral protonation of the 

tail amide oxygens of 1a because its 1c analogue with the fluorine tail appeared to be by 

orders of magnitude more resistant to demetalation.
15

 

[FeL(OH2)2]
-
 + 4 H

+
 → Fe

III
 + H4L + 2 OH2                         (1‒5) 

According to our present understanding of the demetalation mechanism, 4 should 

be the most susceptible to acid, as it is by far the most electron-rich TAML activator, as 

reflected by the pKa of 11.38. It was with great surprise that 4 was found to be 

remarkably stable in acidic solution, comparable to the best measured TAML activators, 

1h (X = Cl, R = F) and 1i (X = H, R = F) (Table 1-1). Therefore, it has been thrilling to 

probe the concept through the kinetic investigation of reaction represented by Equation 1-

5 with complex 4. It should be emphasized first that 4 is markedly more resistant to H
+
 

than 1a, since we were able to manipulate 4 at pH 2 for a span of 8 h without any 

evidence for its collapse. Correspondingly, the acid-induced demetalation of 4 was 

studied in the range of [H
+
] 0.003⎼2.5 M by following the exponential decrease in 

absorbance at 368 nm at 25 °C. Pseudo-first order rate constants kobs depend strictly 

linearly on [H
+
] in the range of 0.003‒0.25 M with the corresponding second order rate 

constant k1* of (3.41 ± 0.05) × 10
-4

 M
-1

 s
-1

 (Figure 1-10). Above 0.25 M H
+
 the 

dependence of kobs on [H
+
] appears to be hyperbolic. There is no evidence for higher-

order terms in the acid concentration suggesting that peripheral protonation does not 

assist the Fe ejection from 4 and the rate-limiting step involves a proton attack at one of 

the Fe⎼N bonds as previously proposed.
15

 Since the ‘beheaded’ (tetramethylated) part of 

4 could be more susceptible to the electrophilic attack compared to its ‘tail’ part, it is 

likely that the proton attacks Fe⎼N(1) or Fe⎼N(2) bond (Figure 1-3) Peripheral 
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protonation of 1 was considered to involve the tail part of TAML.
15

 If similar ‘tail’ 

protonation occurs in the case of 4, the actual reactive Fe⎼N(1) or Fe⎼N(2) sites are too 

far away from the protonation site and therefore the peripheral phenomena do not affect 

the rate of acid-induced demetalation in the case of 4.  

 

Figure 1-10. Pseudo-first order rate constants kobs versus [H
+
] for the demetalation of 4 

at 25 °C. 

 

Table 1-2. Rate constants for the acid-induced demetalation of five TAML activators. 

TAML X1/X2/R k1* / M
-1

 s
-1 

k3* / M
-3

 s
-1

 

1c H/H/Me 2.2 ± 0.7 (6.7 ± 0.2) × 10
5
 

1h Cl/Cl/F (3.7 ± 0.4) × 10
-5 

(4.8 ± 0.6) × 10
-5

 

1i H/H/F (1.6 ± 0.1) × 10
-4

 (1.6 ± 0.2) × 10
-4

 

3a H/H/Me (3.7 ± 0.5) × 10
-3 

(1.04 ± 0.04) × 10
-1 

4 -/-/Me (3.41 ± 0.05) × 10
-4

 -- 
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The value of k1* displays 10,000 and 10-fold resistance of 4 to acid compared to 

TAMLs 1a and 3a, with k1* values of 2.2 ± 0.7 and (3.7 ± 0.5) × 10
-3

 M
-1

 s
-1 

respectively.
15,29

 The opposite trend could be anticipated because 4 is more electron-rich 

than 1a and therefore should be more prone to electrophilic demetalation. Therefore the 

retardation might have steric origin. The methyl groups of the (CMe2)2 unit may function 

as a fence that prevents the proton attack at Fe⎼N(1) or Fe⎼N(2) sites revealing a rare 

case of steric retardation of the reaction involving specific acid catalysis.
25

 This may also 

explain why there is no indication of a third-order dependence on [H
+
] in this 

concentration range. The lack of a third-order dependence on [H
+
] is of great interest, as 4 

is just one order of magnitude less resistant to acid in terms of k1* than the most resistant 

catalyst, 1h. However, as 4 exhibits saturation with increasing [H
+
] as opposed to a third-

order dependence, at extremely high concentrations of H
+
 4 is the most acid-resistant 

TAML activator yet prepared. In fact, at 2.5 M [H
+
] it takes three hours for 4 to 

completely degrade. This unique acid stability has enabled studies on catalyst oxidation 

at low pH which were previously impossible and will be discussed in depth in later 

chapters. 

1.3 Conclusion 

The novel TAML activator 4, which has a ‘beheaded’ ligand replacing the aromatic ring 

of previous TAML activator with an aliphatic moiety, has been synthesized and 

characterized. TAML 4 has several features in common with previous TAML activators; 

axial ligation of water or hydroxide of the iron(III) state which is pH-dependent, the pH 

dependence of the kI and kII terms, the S = 3/2 spin state, and, unfortunately, the 
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correlation of the rate constants kII and ki. This work has shown that oxidation of the 

aromatic moiety of TAML activators is not a significant contributor to the catalyst 

inactivation process measured by ki. This has reinforced the Collins’ group design target 

for the next generation of TAML activators, which is currently underway. 

 Of more interest than the similarities of 4 to TAML activators are the differences. 

Section 1.2.6 discussed the unique stability of 4 toward acid-induced demetalation. 

Additionally, the increased steric bulk of the added methyl groups of the ligand affect the 

structure of the oxidized states of 4 in both acetonitrile and water. This will be explored 

in much greater detail in the following chapters. 

1.4 Experimental 

1.4.1 Materials 

2,3-Dimethyl-2,3-dinitrobutane was purchased from TCI Chemicals and used as received.  

Dimethylmalonyl chloride and α-aminoisobutyric acid were purchased from Aldrich and 

used as received. Triethylamine was purchased from Aldrich and distilled over CaH2. 

Tetrahydrofuran, acetonitrile, ether and ethanol were dried using a JC Meyer Solvent 

Dispensing System.  

1.4.2 Equipment 

All 
1
H and 

13
C NMR spectra were recorded with either a Bruker 300 MHZ Avance or 

Bruker 500 MHz Avance III spectrometer at 300 K. The spectra were analyzed using 

TopSpin 3.1 software and referenced to the residual solvent peak. Melting points were 

recorded using a Mel-Temp II. 
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1.4.3 Synthesis of 4 

1.4.3.1 2-Methyl-2-phthalimidopropanoic acid
30

  

Phthalic anhydride (35 g, 236 mmol) and α-aminoisobutyric acid (20 g, 194 mmol) were 

ground together with mortar and pestle and transferred to a 500 mL round-bottom flask. 

The flask was heated to 190 °C in an oil bath until formation of water vapor ceased 

(about 45 min), allowed to cool slightly and the contents added to 200 mL saturated 

NaHCO3. The flask was rinsed with 100 mL saturated NaHCO3 and 100 mL 1% NaOH. 

The combined aqueous portions were filtered to remove a white insoluble material. 

Concentrated HCl was added to the filtrate to adjust the pH below 2. A white precipitate 

formed was collected and dried under vacuum at 70 °C to give 39.2 g (86%) of 2-methyl-

2-phthalimidopropanoic acid. 
1
H NMR (CDCl3) δ 7.81 (m, 2H, ArH), 7.73 (m, 2H, ArH), 

1.88 (s, 6H, CH3). ESI-MS: 232.1 (M – H, MeOH, negative mode). mp 146-148 °C (Lit. 

153-154 °C).
17

 

1.4.3.1 2-Methyl-2-phthalimidopropanoyl chloride
30

 

2-Methyl-2-phthalimidopropanoic acid (23.3 g, 0.1 mol) was weighed into a 250 mL 

oven-dried round-bottom flask fitted with a reflux condenser. The system was purged 

with argon, SOCl2 (36 mL, 0.5 mol) was added, the mixture was refluxed for 1 h and 

allowed to cool to ca. 25 °C. Then, SOCl2 was removed under vacuum. Diethyl ether was 

added and removed under vacuum twice to eliminate all traces of SOCl2. The resulting 

material was recrystallized from petroleum ether to yield 2-methyl-2-

phthalimidopropanoyl chloride as a colorless solid (15.48 g, 61%). 
1
H NMR (CDCl3) δ 

7.86 (m, 2H, ArH), 7.78 (m, 2H, ArH), 1.93 (s, 6H, CH3).  mp 79 °C (Lit. 79 °C).
31
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1.4.3.3 2,3-Diamino-2,3-dimethylbutane dihydrochloride (A) 

2,3-Diamino-2,3-dimethylbutane dihydrochloride was synthesized as previously 

described
31

 applying insignificant modifications. 2,3-Dimethyl-2,3-dinitrobutane (6 g, 34 

mmol) was mixed with concentrated HCl (100 mL) at room temperature, the mixture was 

gently warmed and granulated tin (68.2 g, 0.575 mol) was added in ca. 5 g batches at 10 

min intervals. Refluxing for 2 h made the mixture colorless. After cooling on ice, 

concentrated KOH (45 g in 50 mL H2O) was added dropwise to give a gray precipitate, 

which was filtered off through a bed of sand and Celite. The filtrate was distilled until the 

distillate was no longer basic and the distillate was acidified with concentrated HCl. The 

remaining water was removed under vacuum to yield 3.91 g of A as a white solid (61%). 

1
H NMR (500 MHz, D2O) δ 1.55 (s, 6H). ESI-MS: 117.1 (M + H, H2O, positive mode) 

1.4.3.4 N,N'-(2,3-Dimethylbutane-2,3-diyl)bis(2-(1,3-dioxoisoindolin-2-yl)-2-

methylpropanamide) (B) 

A (3.79 g, 20 mmol) was added to a 500 mL round-bottom flask followed by CH2Cl2 

(250 mL) and NEt3 (20.9 mL, 0.15 mol). The flask was cooled to 0 °C on ice. 2-Methyl-

2-phthalimidopropanoyl chloride (10.6 g, 42 mmol) dissolved in 25 mL CH2Cl2 was 

added dropwise, the mixture was refluxed for 2 h and treated with 150 mL 1 M KOH, 

150 mL 0.01 M HCl, 150 mL 1 M HCl and 150 mL brine. The organic layer was 

separated, dried with MgSO4, filtered and the solvent removed under reduced pressure. 

The residue was dried under vacuum to give 10.7 g of a light brown, foamy solid, which 

was dissolved in CH2Cl2 and passed through a silica plug to yield 8.89 g of B as a white 

solid, which was used further without purification. 
1
H NMR (500 MHz, CDCl3) δ 7.74 
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(m, 4H, ArH), 7.67 (m, 4H, ArH), 6.99 (s, 2H, NH), 1.70 (s, 12H, CH3), 1.39 (s, 12H, 

CH3). ESI-MS: 545.4 (acetonitrile, negative mode). 

1.4.3.5 N,N'-(2,3-Dimethylbutane-2,3-diyl)bis(2-amino-2-methylpropanamide) (C) 

B (8.89 g, 16.2 mmol) was dissolved in 250 mL ethanol and heated to near reflux. 

Hydrazine hydrate (64% hydrazine, 1.65 mL, 34 mmol) was added and the mixture was 

refluxed using an oil bath at 98 °C for 18 h. The solvent was removed under reduced 

pressure and 2 M HCl (500 mL) added. The mixture was heated at 80 °C for 10 min, 

cooled to room temperature, filtered, the pH of the filtrate was adjusted to 12 with solid 

KOH (55 g) after which the reaction mixture turned a faint pink and then yellow. After 

extraction with 4×150 mL CH2Cl2 and drying with MgSO4, the solvent was removed 

under reduced pressure to give 4.15 g of C (73%, based on A) as a white solid. 
1
H NMR 

(500 MHz, CDCl3) δ 8.33 (br, 2H, NH), 1.51 (br, 4H, NH2), 1.43 (s, 12H, CH3), 1.33 (s, 

12H, CH3). 
13

C NMR (126 MHz ,d6-DMSO) δ 178.42, 60.59, 55.38, 28.92, 22.14. ESI-

MS: 287.1 (M + H, methanol, positive mode). 

1.4.3.6 2,2,5,5,6,6,9,9,12,12-Decamethyl-1,4,7,10-tetraazacyclotridecane-3,8,11,13-

tetraone (D) 

Triethylamine (1.23 mL, 8.8 mmol) was mixed with 20 mL THF in a 100 mL round-

bottom flask. Dimethylmalonyl chloride (0.528 mL, 4 mmol) and C (1.14 g, 4 mmol) 

were dissolved in 20 mL THF each and placed in two syringes. These solutions were 

added to the flask in a matter of 2 h at 0 °C with stirring. The mixture was then warmed 

to ca. 25 °C, stirred for 2 h, filtered, and the solvent removed under reduced pressure to 

give a white solid, which was recrystallized from ethyl acetate to yield D (652 mg, 43% 
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based on C). 
1
H NMR (500 MHz, d6-dmso) δ 7.62 (s, 2H, NH), 5.81 (s, 2H, NH), 1.42 (s, 

6H, CH3), 1.30 (s, 12H, CH3), 1.27 (s, 12H, CH3). 
13

C NMR (126 MHz ,d6-dmso) δ 

172.78, 171.18, 61.82, 58.26, 51.92, 21.30 ESI-MS: 383.3 (M – H, methanol, positive 

mode). 

1.4.3.7 TAML Activator 4 

Macrocycle D (100 mg, 0.26 mmol) was dissolved in 20 mL dry THF in a 50 mL 3-neck 

round-bottom flask and cooled to 0 °C with an ice bath. Sodium hexamethyldisilazane 

(0.52 mL of a 2 M solution in THF, 1.04 mmol) was added and the mixture was stirred 

for 30 min to form a yellowish precipitate. Then, FeCl3 (47 mg, 0.37 mmol) was added 

and the mixture was stirred for 16 h to produce a brown precipitate. The solvent was 

removed in vacuo and the residue was purified by column chromatography on basic 

alumina using CH2Cl2/MeOH/NEt3 (90%/5%/5%) to give 4 as an orange solid (45 mg, 

31%). ESI-MS: 434 (M, methanol, negative mode). This is the expected mass of the 

anionic complex without axial ligands. Anal.: found C, 53.32; H, 7.72; N, 13.01. 

Na[Fe
III

{(Me2CNCOCMe2NCO)2CMe2}NMe3]: C, 53.76; H, 8.12; N, 12.54%. 

1.4.4 Spectrophotometric Titration 

A universal buffer (Carmody buffer) consisting of 0.1 M boric acid, 0.025 M citric acid 

and 0.05 M K3PO4 was used to prepare a 0.12 mM solution of 4 at pH 7.
33

 Concentrated 

KOH and H3PO4 were used for further pH adjustments. The spectral data were collected 

using a double beam Shimadzu UV-1800 instrument. 
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1.4.5 Kinetic Studies 

Kinetic studies were conducted at 25 °C in 0.01 M phosphate buffer. Stock solutions of 4, 

Orange II, and H2O2 were prepared in HPLC grade water. Appropriate volumes of the 

buffer, compound 4 and Orange II were added to polystyrene cuvettes and the reactions 

were initiated by the addition of an aliquot of H2O2. Reaction progress was followed by 

measuring the decrease in absorbance at 484 nm (λmax for Orange II, ε = 2.1×10
4
 M

-1
 cm

-1
 

at pH 7-10) using an HP 8453 diode array spectrophotometer with an eight-cell changer.  

Above pH 10 the following values of ε were used 17180, 14850, 12750, and 11,230 M
-1

 

cm
-1

 at pH 10.5, 11, and 11.4 and 11.72 respectively.  The initial rates were calculated 

from linear plots of Orange II concentration vs time when the conversion of the dye did 

not exceed 10%. Each data point reported is a mean value of at least three measurements. 

1.4.6 EPR Spectroscopy 

EPR Spectroscopy X-band EPR spectra was recorded on a Bruker 300 spectrometer 

equipped with an Oxford ESR-910 liquid helium cryostat. The signal was quantified 

relative to a CuEDTA spin standard. For both instruments, the microwave frequency was 

calibrated with a frequency counter and the magnetic field with an NMR gaussmeter. A 

modulation frequency of 100 kHz was used for the EPR spectra. The EPR simulation 

software (Spin Count) was written by one of the authors.
34

 The software diagonalizes the 

spin Hamiltonian, (Equation 1‒6) where S is the total spin of the complex (unless 

explicitly stated otherwise) and the parameters have the usual definitions. The 

quantitative simulation was least-squares fit of the experimental spectra generated with 
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consideration of the intensity factor, which allows the computation of simulated spectra 

for a specified sample concentration.  

H =  βeBgS + S. D. S + S. A. I                                                 (1‒ 6) 
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Chapter 2   

Iron(IV) or Iron(V)? Heterolytic or Free Radical? Oxidation 

Pathways of TAML Activators in Acetonitrile at −40 °C 
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2.1 Introduction 

As described in Chapter 1, TAML activators are remarkably effective synthetic 

peroxidase mimics. With TAML activators, as well as with other catalysts, it is of great 

interest to understand the full mechanism of the catalytic process. Understanding of the 

mechanism of catalytic oxidation of organic substrates can aid in the design of more 

effective catalysts by modifying ligands to emphasize a desired interaction or minimize 

an undesired one.
1,2

 Further, mechanistic understanding can also improve reaction rates 

and/or selectivity by guiding the choice of reaction conditions. As TAML activators have 

been increasingly used as catalysts in organic synthesis, this understanding grows in 

importance.
3–10

  

The mechanism for the oxidation of substrates with hydrogen peroxide catalyzed 

by TAML activators was discussed in Chapter 1 (Scheme 1-1). As part of this 

mechanism, the resting-state catalyst is oxidized by peroxide to give the “active catalyst”. 

This active catalyst has long been proposed to be an iron(V)oxo species, which is in 

contrast to the peroxidase enzymes, which utilize an iron(IV)oxo iron center with a 

porphyrin radical cation, known as Compound I.
11

 A number of high-valent iron TAML 

species have been characterized under various conditions, including iron(IV)(µ-oxo) 

dimer in acetonitrile and water,
12–15

 iron(IV)oxo in water,
13

 iron(IV)-chloro and cyano 

complexes
16

 in acetonitrile, and an iron(V)oxo complex in acetonitrile at -40 °C (Figure 

2-1).
17
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Figure 2-1. Various oxidized states of 1a. Fe(III) resting state (A), Fe(IV) µ-oxo dimer 

(B), Fe(IV)-oxo (C), Fe(IV)-chloride or cyanide (D), Fe(V)-oxo (E).  

Generally in synthetic reactions utilizing TAML catalysts, a mechanism for 

catalysis is proposed which involves high-valent oxidation states of iron. In the interest of 

encouraging the broader use of TAML activators, we sought to clarify the oxidation 

states that result from the reaction of TAML activators with a variety of oxidants. As the 

iron(V)oxo complex had, to this point, only been observed in nitrile solvents below -40 

°C, and with the extensive background work already done,
3,18,19

 it was decided to use 

these conditions for this study. However, it should be noted that the iron(V)oxo 

derivative of ‘biuret’ TAML activator 3a has been prepared at room temperature in 

acetonitrile.
20
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2.2 Results and Discussion 

2.2.1 Oxidation of TAML activator 1a with meta-chloroperoxybenzoic acid 

In nitrile solvents below -40 °C, the addition of 0.5 equivalents of meta-

chloroperoxybenzoic acid (mCPBA) to a solution of 1a or 1b results in the formation of 

the iron(IV)(µ-oxo) dimer, which is easily followed by UV-vis spectroscopy (Figure 2-2, 

left).
3,17

 Another 0.5 equivalents of mCPBA yields the iron(V)oxo species (Figure 2-2, 

right). 

 

Figure 2-2. UV-Vis spectra of the reaction of 1a with 0.5 equivalents mCPBA (left) 

and one equivalent mCPBA (right). The spectra indicate a transition from iron(III) to 

iron(IV) µ-oxo dimer (left) and from iron(IV)(µ-oxo) dimer to iron(V)oxo (right). 

Conditions: 1 × 10
-4

 M 1a, 1 × 10
-4

 M mCPBA, -40 °C. Spectra recorded every 20 s (left) 

and 300 s (right).  
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2.2.2 Oxidation of 1a with different oxidants 

As TAML activators are capable of catalytically activating a variety of stoichiometric 

oxidants, it was of interest to study the oxidation of 1a with a variety of oxidants to 

determine the kinetics of oxidation and whether all oxidants could convert 1a to the 

iron(V) species. The most immediate observation was that the strong oxo-transfer 

reagents mCPBA and sodium hypochlorite (NaClO) both converted 1a to the iron(IV)(µ-

oxo) dimer very rapidly, followed by significantly slower conversion to the iron(V)oxo 

monomer. The reaction with mCPBA is essentially quantitative with only 0.5 equivalents 

of mCPBA required to yield the iron(IV)(µ-oxo) dimer and another 0.5 equivalents 

needed to produce the iron(V)oxo species. The other oxidants tested; hydrogen peroxide, 

tert-butyl hydroperoxide (TBHP), tert-butyl peroxide, and benzoyl peroxide; were able to 

convert 1a to the iron(IV)(µ-oxo) dimer, albeit at lower yields than with mCPBA or 

NaClO (Table 2-1). However, no appreciable conversion to the iron(V)oxo species was 

observed with these oxidants. It should be noted that the iron(V)oxo species of 1a can be 

spontaneously reduced in acetonitrile to form the iron(IV)(µ-oxo dimer),
3,19

 so the lack of 

observed iron(V)oxo species does not necessarily preclude the formation of iron(V) 

under these conditions. However, if the iron(V)oxo derivative is formed, the rate of 

oxidation of iron(IV)(µ-oxo) dimer to iron(V) is much slower than the spontaneous 

reduction to iron(IV). 
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Table 2-1. Comparison of the products of oxidation of 1a with different oxidants.  

Conditions: 1_×_10
-4

_M 1a, acetonitrile, -40_°C. 

 Oxidant  [Ox] / M Product and yield Reaction time 

mCPBA 1 × 10
-4

 Fe(IV):   99% 

Fe(V):    95% 

Fe(IV):  100 s 

Fe(V):   60 min 

NaClO 2 × 10
-4

 Fe(IV):   99% 

Fe(V):    95% 

Fe(IV):  5 s 

Fe(V):   30 min 

Benzoyl peroxide  5 × 10
-3

 Fe(IV):   90% Fe(IV):  84 min 

tert-Butylperoxide  6 × 10
-2

 Fe(IV):   89% Fe(IV):  185 min 

Hydrogen peroxide 1 × 10
-2

 Fe(IV):   83% Fe(IV):  83 min 

tert-Butylhydroperoxide 7.3 × 10
-3

 Fe(IV):   89% Fe(IV):  20 min 

 

The difference in final oxidation state is interesting for two reasons. First, the 

iron(V)oxo species reacts with sulfides in acetonitrile over 10,000 times faster than the 

iron(IV)(µ-oxo) dimer.
3
 This extreme difference in reactivity exemplifies the desire to 

optimize the conditions for which the iron(V)oxo species is produced as part of the 

catalytic cycle. The second reason of interest for the final oxidation product is that the 

conversion of iron(III) to the iron(IV)(µ-oxo) dimer is proposed to occur through the 

intermediacy of iron(V)oxo, which comproportionates with an unreacted iron(III) to form 

the dimer (Scheme 1-1). This proposed mechanism is harder to rationalize with the 

oxidants that are unable to produce the iron(V)oxo species in any measurable amount.  
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Scheme 2-1. Proposed mechanism for the formation iron(IV) µ-oxo dimer and 

iron(V)oxo with mCPBA. The formation of the iron(IV)(µ-oxo) dimer is thought to occur 

by oxidation of the initial iron(III) species to iron(V)oxo. The iron(V)oxo then 

comproportionates with unreacted iron(III) to yield the iron(IV)(µ-oxo) dimer.  

2.2.3 Oxidation of 4 with mCPBA and TBHP 

The direct oxidation of iron(III) to iron(V)oxo prior to comproportionation to form the 

iron(IV)(µ-oxo) dimer was tested with the recently synthesized catalyst 4. This catalyst 

was found to have disappointing reactivity toward the dye Orange II with hydrogen 

peroxide at pH 7 (see Chapter 1). However, this new complex was of interest in this study 

due to the greatly increased steric bulk that the four aliphatic methyl groups introduced 

relative to 1a (Figure 2-3). It was proposed that this steric bulk could block the formation 

of a dimer. This could help to ‘trap’ an intermediate iron(V)oxo species if one is formed 

en route to the iron(IV) µ-oxo dimer. 
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Figure 2-3. DFT structures of 1a, left, and 4, right, showing the increased steric bulk 

of catalyst 4. 

The direct conversion of iron(III) to iron(V)oxo was first tested with mCPBA 

under the same conditions as were applied to 1a. After the addition of 0.5 equivalents of 

mCPBA, the UV-Vis spectrum changed as shown in Figure 2-4 (left) with clear isosbestic 

points at 301, 330, 370, and 414 nm, indicating the conversion of the starting iron(III) 

species to a distinct product. After the addition of another 0.5 equivalents of mCPBA, the 

spectral changes continue in the same manner, with unchanged isosbestic points. Again, 

this indicates that all of the initial iron(III) species has been converted into one distinct 

species. The same spectral changes are observed when an excess of mCPBA is added 

(Figure 2-4, right). The stability of this iron(V)oxo species is quite high relative to 

catalysts 1a and 1b, with the final spectrum showing neglible changes over the course of 

one hour. 
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Figure 2-4. Reaction of 4 with two sequential 0.5 equivalent aliquots of mCPBA (left) 

and ten equivalents (right). Conditions: 1 × 10
-4

 M 4, acetonitrile with 0.2% H2O, -40 °C.  

The final product of oxidation was examined by EPR spectroscopy (Figure 2-6) 

and found to be a spin 1/2 system with g = {2.017, 1.978, 1.833}, which is consistent 

with an iron(V)oxo species and produced in quantitative yield. This experiment showed 

that the steric bulk of 4 does indeed prevent the formation of a dimer under these 

conditions. Catalyst 4 was then reacted with excess TBHP (72 equivalents) under the 

same conditions. The spectral changes that occurred upon oxidation were essentially the 

same as those that resulted from the reaction with mCPBA (Figure 2-5). This shows that 

the oxidation from iron(III) to iron(V)oxo is indeed possible with the weaker oxidants 

shown in Table 2-1.  
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Figure 2-5. Reaction of 4 with excess mCPBA (left) and excess TBHP (right). 

Conditions: 1 × 10
-4

 M 4, acetonitrile with 0.2% H2O, -40 °C.  



44 

 

 

Figure 2-6. EPR spectra of iron(III) 4 (left) and iron(V) 4 (right) in acetonitrile. 

Conditions: acetonitrile, -40 °C, 5 × 10
-4

 M 4, 5 × 10
-4

 M mCPBA (bottom right), 5 × 10
-4

 

M TBHP (middle right).  

2.2.4 Resolution of unconventional kinetics with TBHP 

As seen in Figure 2-5, the reaction of 4 with TBHP results in a unique concave-up 

reaction trace, indicating that the rate of the reaction is accelerating. At first glance this 

would appear to be an autocatalytic reaction, where a product of the reaction acts as a 

catalyst. However, a close examination of the reaction trace reveals that the reaction 

finishes abruptly upon complete conversion of 4 to the iron(V)oxo. This atypical reaction 

trace was also seen in the reaction of TBHP with 1a, however the final product was the 

iron(IV) µ-oxo dimer. As seen in Figure 2-7, no other oxidants tested showed this 

unusual rate acceleration. The curvature of the reaction traces of 1a and 4 was unusually 
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parabolic, and the initial rates were lower than the rates measured at any time (t) in many 

cases provided t > 0 and, correspondingly, there was no possibility to estimate the steady-

state rates for TBHP.
21

 The unusual kinetic trace resulting from the reaction of 1a with 

TBHP prompted us to study this reaction in more detail. 

 

Figure 2-7. Comparison of the rates of oxidation of 1a to the iron(IV) µ-oxo dimer 

with the oxidants listed in Table 2-1. The time scale for NaClO is much faster than the 

other oxidants and is shown as the top X-axis. Conditions: 1 × 10
-4

 M 1a, acetonitrile 

with 0.2% H2O, -40 °C.  

2.2.4.1 NMR analysis to determine stoichiometry of reaction 

Initially 
1
H NMR was used to determine organic fragments produced from TBHP during 

the oxidation of 1a into the iron(IV)(µ-oxo) dimer, which occurs in ca. 90% yield (Table 

2-1). The spectra of TBHP without 1a (1a is paramagnetic, which causes line 
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broadening) and with the diamagnetic iron(IV)(µ-oxo) dimer after the completion of the 

reaction presented in Figure 2-8 show almost quantitative exhaustion of TBHP (δ 1.18) 

which collapses into tert-butanol (δ 1.17 and 2.41) and acetone (δ 2.09) in 41 and 37% 

yield, respectively (Equation 2‒1). Smaller peaks at δ 1.21, 1.36 and 1.79, the integral 

intensities of which equal 1, 2 and 2, respectively, arise from the three different methyl 

groups in 2 in the same 1:2:2 ratio.
15

 A smaller peak at δ 3.29 shows that methanol is 

produced, albeit in lower yield than acetone or tert-butanol. The spectrum of organic 

fragments formed, particularly the accumulation of acetone and methanol, is evidence for 

a free radical character of the reaction between 1a and TBHP.
22

 It should also be 

mentioned that the sharp lines in the spectrum of products in Figure 2-8 agree with 

complete conversion of 1a to iron(IV)(µ-oxo) dimer, which eliminates the paramagnetic 

species in the reaction medium.  

                 1 + (H3C)3COOH  →  2 + (H3C)3COH + (H3C)2CO + H3COH            (2‒1) 

                100%     41%           37%      13% 
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Figure 2-8. The 
1
H NMR spectra of TBHP alone (dash line) and after its reaction with 

1a to afford iron(IV)(µ-oxo) and smaller organic fragments (solid line) in D3CCN with 

0.2% D2O. Conditions: [TBHP] 7.32×10
-3

 M, [1a] 2.0×10
-3

 M.  

2.2.4.2 Investigation of the effects of light and dioxygen on the rate of reaction 

With evidence for a mechanism that may involve free radicals, the effects of oxygen and 

light intensity were studied. Figure 2-9 shows the effects of either excluding oxygen from 

the reaction mixture or changing the rate of measurement as indicated by the term time 

between recordings (TbR). The reaction was noticeably faster when spectra were 

registered more frequently, i.e. when the TbR of successive spectra was lower (Figure 

2-9). The increased rate most likely results from the undispersed light beam in the 190-

1100 nm spectral region used by the photodiode array instrument. The processes subject 

to “the diode array acceleration” are known and have recently been reviewed.
23

 These 

diode array accelerated reactions often occur in the presence of O2, and their 



48 

 

mechanisms, which involve radicals, are complex though these reactions do not involve 

species in long-lived excited states.  

 

Figure 2-9. Kinetic curves for the formation of iron(IV)(µ-oxo) dimer from 1a and 

TBHP under different conditions: in the absence and in the presence of O2, and applying 

different time between scans (different TbR, see text for details). Conditions: MeCN with 

0.2% H2O, -40 °C  

The reaction kinetics change noticeably in the absence of O2 (Figure 2-9). The 

“parabolicity” vanishes, a noticeable lag period followed by the steady-state portion is 

observed and the reaction rate slows as the reaction nears completion. Thus, O2 plays a 

significant role in the reaction, consistent with a free-radical mechanism. The radical 

nature of the reaction mechanism was further demonstrated by adding 2,2,6,6-

tetramethylpiperidine 1-oxyl (tempo), a radical scavenger,
24

 to the reaction mixture. No 

formation of iron(IV)(µ-oxo) dimer was observed in the presence of 1.0 × 10
-2

 M tempo. 
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2.2.4.3 Investigation of the effects of TBHP and 1a concentration on the rate of 

reaction 

Attempts were made to compare both initial and maximal rates (when the reactions are 

practically complete) with the concentrations of the reagents 1a and TBHP in aerated 

solutions. Figure 2-10A shows that both the initial and maximal (just before reaction 

completion) rates are virtually independent of [1a] in the range of (0.25⎼5.0) × 10
-5

 M. 

This, at least qualitatively, helps to understand the origin of the complex kinetic curves of 

the formation of iron(IV)(µ-oxo) in the case of TBHP presented in Figure 2-5 and Figure 

2-9. In contrast, both the initial and maximal rates depend linearly on [TBHP]. The 

results in Figure 2-10 suggest that the primary role in determining the overall rate of 

conversion of 1a into the iron(IV)(µ-oxo) dimer belongs to TBHP, which is the key 

reagent during the initiation and propagation steps.  

 

Figure 2-10. Initial and maximal rates of the reaction between 1a and TBHP as 

functions of concentrations of 1a (A) and TBHP (B). Other conditions: MeCN with 0.2% 

H2O, ⎼40 °C; A: [TBHP] 5.0 × 10
-3

 M; B: [1a] 1.0 × 10
-4

 M  
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2.2.4.4 Investigation of the effects of proton acceptors and donors on the rate of 

reaction. 

Recently, Nishida, et al, found that proton acceptors accelerate the formation of non-

heme iron(IV)oxo complexes from the corresponding iron(III) species and [Ru(bpy)3]
3+

 

in aqueous MeCN.
25

 Though TBHP is strikingly different oxidizing agent compared to 

Ru(III), we thought it might be interesting to test some additives in our system. Bases 

were of particular interest because they inhibit free-radical oxidations.
26

 Therefore, the 

influence of additives shown in Table 2 on the kinetics of oxidation of 1a by TBHP was 

studied.  

Table 2-2. Influence of effectors on the oxidation of 1a by TBHP in wet MeCN at 

⎼40 °C. 

Effector Concentration / M Effect on 1a +TBHP 

1,8-Bis(dimethylamino)naphthalene 

(proton sponge) 

0.010
 

No reaction 

Potassium tert-butoxide
a)

 7.3 × 10
-3 

No reaction 

Sodium bis(trimethylsilyl)amide 2.5 × 10
-3 

No reaction 

Triethylamine 7.3 × 10
-3 

No reaction 

1,4-Diazabicyclo[2.2.2]octane (dabco) (2.5‒250) × 10
-4 

Strong retardation 

2,2,6,6-Tetramethylpiperidine (tmpp) (1‒100) × 10
-4

 Acceleration 

tert-Butanol 0.025 No effect 

Acetic acid 0.025 No effect 

a)
 Solubilized in the presence of 7.3 × 10

-3
 M 18-crown-6. 

                                                                 

Proton sponge          Sodium bis(trimethylsilyl)amide                 dabco           tmpp 
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Hydrogen donors, viz. tert-butanol and acetic acid, did not affect the kinetics of 

formation of iron(IV)(µ-oxo) dimer at all when used at concentrations in excess of both 

1a and TBHP. The effect of nitrogen bases was diverse. Most of these additives (see 

Table 2-2) stopped the reaction completely and the formation of iron(IV) µ-oxo dimer 

was not observed. More sterically congested dabco caused significant rate retardation. 

Rather unexpectedly, sterically restricted amine tmpp appeared to be a quite remarkable 

catalyst (Figure 2-11A). Higher loadings of tmpp increase the speed of formation of 

iron(IV) µ-oxo dimer though the steady-state rate starts to level-off at [tmpp] > 1.0 × 10
-2

 

M. The inset to Figure 2-11A compares the kinetics of formation of iron(IV) µ-oxo dimer 

in the absence and in the presence of 5 × 10
-4

 M tmpp. Tmpp increases the initial and the 

maximal reaction rate by a factor of 40 and 10, respectively. Moreover, the reaction 

speed became unaffected by light (similar rate at TbR in the range of 0.5⎼10 s) and 

remained practically unchanged during the entire conversion of 1a into iron(IV) µ-oxo 

dimer implying that the reaction was zero order in 1a. The zero order hypothesis did not 

agree with the observation that the slopes of the “zero order” traces appeared to be 

proportional to the concentration of 1a (Figure 2-11B). As in the absence of tmpp, the 

reaction remained a first order process in TBHP (Figure 2-11B).  
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Figure 2-11. Rates of formation of iron(IV)(µ-oxo) dimer as functions of [tmpp] (A), 

[1a] and [TBHP] (B). Inset to A shows kinetic curves for formation of iron(IV)(µ-oxo) 

dimer with (5.0 × 10
-4

 M) and without tmpp. Conditions: A: [1a] 1.0 × 10
-4

 M, [TBHP] 

7.32×10
-3

 M, (inset: [tmpp] 5 × 10
-4 

M); B (variable 
t
BuOOH): [1a] 1.0 × 10

-4
 M, [tmpp] 

1.0 × 10
-3

 M; B (variable 1a) [TBHP] 6.7 × 10
-3

 M, [tmpp] 1.0 × 10
-2

 M; acetonitrile with 

0.2% H2O, ⎼40 °C.  

    The diverse effect of bases (B) is presumably due to their diverse ability to bind 

to iron(III) of 1a. Amines bind to iron(III) of TAML activators even in water causing 

minor spectral changes in the uv-vis region. Complexes of the FeB and FeB2 type are 

produced blocking the axial sites of the iron polyhedron. The stability of the complexes 

depends of the nature of the amine.
27

 We assume that the blocking of the axial sites 

prohibits the Fe
III

 to Fe
IV

 oxidation. When the amine nitrogen is sterically protected from 

binding to iron(III) as in the case of tmpp, the mechanism of retardation suggested is 

turned off and tmpp starts to accelerate the reaction by probably changing the activation 
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mechanism through the deprotonation of TBHP (Scheme 2-2). Another possibility for the 

inhibition of the formation of the iron(IV)(µ-oxo) dimer is that the tertiary amines may 

act as a substrate for the oxidized form of the catalyst forming N-oxides. This reaction 

has been reported previously.
28

 

The concentration of water was also tested as a possible proton donor or acceptor 

and no difference in rate of formation of iron(IV)(µ-oxo) was observed in the range of 

0.1 to 0.5 M [H2O]. In order to maintain a consistent concentration of water in the 

reaction media the reactions were initiated by TBHP in anhydrous toluene.
29

 As it is 

known that oxidized TAML species can activate C‒H bonds,
3,30

 the presence of toluene 

was tested to determine if it was contributing to the unusual reaction kinetics by acting as 

a reductant of the oxidized TAML species. However, reactions initiated by TBHP in wet 

acetonitrile gave the same results. The presence of the tetraphenylphosphonium cation by 

was also tested by using Na1a, and again the reaction rates were the same. 

2.2.4.5 Proposed mechanism of oxidation of 1a by TBHP 

This combined data allows us to propose two possible pathways for oxidation of 1a by 

TBHP, shown in Scheme 2-2. In the absence of base, the reaction occurs as a free-radical, 

possibly branched, process where light-induced O2-dependent activation of TBHP may 

lead to tert-butyl hydroperoxyl radical and/or tert-butoxyl radical and hydroxyl radical 

via step 3. The produced tert-butyl hydroperoxyl radical reacts in a fast step with iron(III) 

(step 4) to afford the alkylperoxide complex of iron(IV), which undergoes homolytic 

scission to afford tert-butyl hydroperoxyl radical and iron(V)oxo complex (step 5). The 

final product iron(IV)(µ-oxo) is produced through comproportionation (step 6). The 
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intimate details of the postulated initiation step 3 involving homolytic transformation/s of 

TBHP are not fully understood at a moment. It is likely that the “active” amine (tmpp) 

eliminates the sensitivity to light by deprotonating TBHP (step 1) and opening the 

channel for the formation the alkylperoxide complex of Fe(III) (step 2), which collapses 

to the same product as in step 5 through the heterolysis of the O⎼O bond. Although 

amines B other than tmpp may also deprotonate TBHP (step 1), the binding of tert-butyl 

hydroperoxyl anion to iron(III) is precluded due to generation of unreactive FeB and 

FeB2 species with the blocked axial sites. 

 Steps 7 and 8, which are typical of free-radical transformations,
22

 account for the 

formation of organic products, namely tert-butanol, acetone and methanol. Minor 

quantities of methanol are likely produced via the recombination of methyl and hydroxo 

radicals (the latter are presumably generated through step 3). We are completely aware of 

the fact that the true mechanism of the reaction studied may contain additional important 

steps. 

 

Scheme 2-2. Tentative mechanistic description of the free-radical oxidation of 1a into 

iron(IV)(µ-oxo) dimer by TBHP in wet MeCN at ⎼40 °C. 
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2.3 Conclusion 

As opposed to 1a, TBHP can oxidize 4 to the iron(V)oxo species indicating that 

peroxides are indeed capable of oxidizing the iron(III) form of all TAML activators to the 

iron(V)oxo species. The inability to identify the iron(V)oxo species resulting from the 

reaction of 1a with organic peroxides and hydrogen peroxide could result from a higher 

kinetic barrier of the reaction of iron(IV)(µ-oxo) with peroxides. This would result in the 

rate of oxidation of the iron(IV) µ-oxo dimer with peroxides to the iron(V)oxo being 

much slower than the spontaneous reduction in the reverse direction. The difference in 

rates therefore results in no observable iron(V)oxo product..  

2.4 Experimental Section 

2.4.1 Chemicals 

Complex 1a was prepared from the corresponding sodium salt (GreenOx, Inc) by 

addition of PPh4Cl to the aqueous solution as previously described causing the 

precipitation of 1a.
15

 The resulting product was recrystallized from 50% methanol/water. 

Anhydrous TBHP in toluene was prepared from 70% aqueous TBHP (Aldrich) as 

described elsewhere.
29

 The additives 2,2,6,6-tetramethylpiperidine (tmpp, ≥ 99%) and 18-

crown-6, which was used to solubilize potassium tert-butoxide, were purchased from 

Aldrich. Glacial acetic acid (certified ACS grade) was purchased from Fisher. Potassium 

tert-butoxide was purchased from Strem Chemicals and sublimed in vacuo. 1,8-

Bis(dimethylamino)naphthalene was purchased from Sigma and recrystallized three times 

from ethanol. Sodium bis(trimethylsilyl)amide (98%), 1,4-diazabicyclo[2.2.2]octane 

(dabco), tert-butanol (99.5%), and (2,2,6,6-tetramethylpiperidin-1-yl)oxy (tempo, 98%) 
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were purchased from Acros. Dabco was purified by sublimation in vacuo. Triethylamine 

was distilled over calcium hydride. Acetonitrile was dried using a SciMarco solvent 

dispensing system. Uv-vis spectroscopy was performed using an Agilent 8453 instrument 

equipped with a liquid nitrogen cooled cryostat set-up from UNISOKU Scientific 

Instruments, Japan. All reactions were performed at ⎼40 °C. The 
1
H NMR spectra were 

registered using Bruker Avance 300 and Bruker Avance III 500 MHz NMR 

spectrometers. 

2.4.2 Kinetic studies 

Unless otherwise noted, water and acetonitrile stock solutions of 1a or 4 and additive, if 

necessary, were added to a quartz cuvette with a stir bar and diluted with acetonitrile. 

This solution was allowed to cool to ⎼40 °C for 5 min before
 
oxidant was injected. The 

final volume of all samples was 2 mL. The formation of iron(IV)(µ-oxo) dimer was 

monitored by uv-vis spectroscopy at 708 nm for catalyst 1a, which is the isosbestic point 

between the dimer and the iron(V)oxo species under the conditions selected. Unless 

otherwise noted, spectra were recorded every 2 s. The concentration of iron(IV) µ-oxo 

dimer was calculated using the previously determined extinction coefficient of 6280 M
-1

 

cm
-1

 at 708 nm.
3
 All reported rates are mean values of at least three measurements. 

Kinetic data in the absence of O2 were obtained by preparing stock solutions of reagents 

in acetonitrile which had been subjected to three freeze-pump-thaw cycles.  The reaction 

mixtures were prepared by adding appropriate volumes of deoxygenated stock solutions 

into a quartz cuvette fitted with a screw-top cap and replaceable septum which had been 
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purged with argon. The solution was diluted to the required volume with deoxygenated 

acetonitrile and the reaction conducted as described previously.  

2.4.3  
1
H NMR studies  

Due to the fact that 1a is paramagnetic, 
1
H NMR experiments were performed by adding 

1a to initiate the reaction.  The reaction mixture was prepared by dissolving TBHP in 

deuterated acetonitrile to achieve the desired concentration. This sample was analyzed by 

1
H NMR and the shimming file was saved for analysis of the next sample. This solution 

was then poured into a quartz cuvette and inserted into the low-temperature apparatus and 

allowed to cool to ⎼40 °C. The reaction was initiated by addition of 1a in deuterated 

acetonitrile and monitored as described in section 2.4.2. Upon completion of that reaction 

(as determined by leveling off of the uv-vis trace at 708 nm), approximately 1 mL of the 

reaction mixture was pipetted into a chilled NMR tube, immediately placed in liquid 

nitrogen and frozen. This sample was kept in liquid nitrogen until analysis by 
1
H NMR. 

Then it was removed from the liquid nitrogen and allowed to warm just enough for the 

frozen condensation on the tube to melt and be wiped off. It was then analyzed by NMR 

without locking or shimming using the shim file from the previously prepared sample. 

Data were analyzed using a Bruker TopSpin 3.0 software. 
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Chapter 3  

Chemical and Electrochemical Generation and Characterization of 

Iron(IV) and Iron(V) TAML Complexes in Pure Water 
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3.1 Introduction 

Biomimetic and bioinspired inorganic complexes are of interest to chemists for the 

primary reason that metalloenzymes can perform incredible and unparalleled chemical 

transformations under generally mild conditions. Cytochrome P450 and methane 

monooxygenase enzymes are prime examples, because they perform two of the most 

sought-after transformations in one catalytic cycle, the activation of dioxygen and the 

oxidation of carbon-hydrogen bonds.
1,2

 Inorganic chemists model enzymes for two 

fundamental reasons. The first is to perform chemical transformations similar to those 

performed by enzymes but without the cost inhibitions of isolating them. The second 

reason is that preparing synthetic models of enzymes can aid in understanding the 

enzyme’s catalytic mechanism.  

Cytochrome P450 provides an example for the interest in determining the nature 

of the high-valent catalytic intermediates of enzyme active sites. In Nature, the highest 

oxidation states of peroxidases and cytochrome P450 enzymes are the Compound I states, 

which are two oxidation equivalents above the iron(III) resting state. These species are 

formally iron(IV) oxo units with radical cation porphyrin ligands. These compounds are 

capable of abstracting hydrogen from bound substrates with quite high observed rate 

constants. Human P450 21A2 hydroxylates progesterone with a Vmax/KM value of 1.3 × 

10
7
 s

-1
,
3
 1B1 hydroxylates estradiol with a Vmax/KM value of 1.8 × 10

3
 s

-1
,
4
 1A1 

hydroxylates 17α-ethinylestradiol with a Vmax/KM of 2.1 × 10
3
 s

-1
.
5
 The question that 

puzzled chemists was how the abstraction of a hydrogen atom from a C‒H bond, 

requiring a reduction potential of 1.5 V, could take place within a protein scaffold with 

relatively easy to oxidize tyrosine and tryptophan residues.
6
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Green’s work with cytochrome P450 has shown that thiolate ligation increases the 

pKa of the one-electron reduced Compound II intermediate by 8.5 units relative to the 

histidine-ligated porphyrins found in peroxidase enzymes.
6
 This shift in pKa favors an 

iron(IV)hydroxo compound for the one-electron-reduced Compound II species of 

cytochrome P450 enzymes rather than an iron(IV)oxo complex. This in turn, favors 

productive substrate oxidation over the oxidation of tyrosine residues from the protein 

scaffold by 10,000 fold.
6
 No synthetic iron(IV)hydroxide complexes have yet been 

reported in the literature, exemplifying the unique ability of cytochrome P450 to control 

the local environment of the active site to favor productive catalysis. 

For a long time, inorganic model compounds that were isoelectronic with 

Compound I states were unknown for mimetics of the active sites of these enzymes. The 

first thoroughly characterized example of an iron(V)oxo unit formed from an iron(III) 

precursor was reported in 2007 by the oxidation of Generation 1 TAML activator 1a 

(Figure 3-1).
7
 This compound was prepared from 1a and mCPBA at low temperatures in 

organic nitriles. The following representatives of the iron(V)oxo core were all made in 

non-aqueous solvents.
8–12

 Due to the instability of these complexes, preparing them in 

pure water as a solvent remained a huge challenge.
13

 Using TAMLs 2 of Generation 3, 

Panda, et al., reported the formation of their iron(V)oxo derivatives in a 50% water-

acetonitrile mixture
14

 and the water content was then increased to 90%.
15

 Water markedly 

decreases the stability of the iron(V)oxo species. At 90% water the iron(V)oxo species 

degrade 10 times faster than in pure acetonitrile.
15
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Figure 3-1. TAML Activator generations 1, 2, 3 and 4 

Here we show that several high-valent iron species, including the iron(V)oxo and 

a proposed iron(IV)hydroxo species of a TAML activator are affordable in pure water 

without any organic co-solvent, and can both be generated chemically or 

electrochemically. This became possible using the recently introduced TAML activator 

4,
16

 which in contrast to TAMLs 1, 2, and 3, does not have aromatic ring at the head part 

of the molecule (a ‘beheaded’ TAML). The iron(V)oxo unit is rapidly and quantitatively 

produced by reacting 4 with NaClO at pH 2 and 10.6 at 13 °C. Under basic conditions 

(pH 13) this species is not formed and the iron(IV)oxo unit is generated instead. 

Remarkably, the iron(V)oxo species is converted to iron(IV)oxo by increasing pH from 2 

to 13, whereas decreasing pH from 13 to 2 induces disproportionation of iron(IV)oxo to 

form iron(V)oxo and iron(III) species (Scheme 1-1). 
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Scheme 3-1. pH-Dependent transformations of 4 in aqueous solutions in the presence 

and in the absence of NaClO at 13 °C. 

3.2 Results and Discussion    

3.2.1 Investigation of Dimerization of 4 in Acetonitrile 

The oxidation of 4 with both mCPBA and TBHP in acetonitrile at ⎼40 °C was discussed 

in detail in Chapter 2, Section 2.2.3. Unlike 1a, which dimerizes readily at ⎼40 °C in 

MeCN, 4 reacts with either mCPBA or TBHP to yield the iron(V)oxo species in high 

yield. This was considered an advantage in studying the oxidized states of 4 in water, as 

1a is known to dimerize at pH<10.5 and form the iron(IV)oxo at pH>12.
17

 This is 

especially true with electrochemical generation of high-valent species of 4 in aqueous 

solution, as TAML activators had previously given voltammograms with the two 

examples being a cyclic voltammogram of surface bound 1a in 0.1 M HNO3,
18

 and a 

differential pulse voltammogram of the same catalyst at pH 12.6.
19
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3.2.2 Oxidation of 4 with NaClO in water 

The advantages of using NaClO over mCPBA as an oxidant for aqueous studies include 

higher reactivity and unlimited solubility in water. Figure 1-1 shows the spectra of 4 and 

the products formed in the presence of NaClO at pH 10.6 and 13. At pH 10.6, the 

reaction is completed within 2 min when 1 equivalent of NaClO is added. The oxidation 

is beneficially clean. There are just two absorbing species in solution supported by five 

isosbestic points at 265, 293, 312, 347 and 384 nm. The inset to Figure 3-2A confirms the 

1:1 reaction stoichiometry implying that the product should be two oxidation equivalents 

above the iron(III) resting state. It is worth noting that similar results were obtained at all 

pH up to 10.5. 

 

Figure 3-2. Titration of 4 with NaClO at pH 10.6 (A) and 13 (B). Each spectrum 

represents the spectral change resulting from the addition of an aliquot of NaClO. The 

insets show the absorbance at the λmax (450 nm) of the new species. Conditions: 1 × 10
-4

 

M 4, 0.01 M phosphate buffer, 13 °C.  

EPR and 
57

Fe Mössbauer spectroscopy confirm the quantitative conversion of 

iron(III) to iron(V) upon reaction with NaClO. As seen in Figure 3-3, the broad signal of 

4 (S 
3
/2) at pH 2 disappears entirely on addition of 1 equivalent of NaClO with 
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concomitant generation of the new much sharper S ½ resonance. Note that the identical 

matching signal was registered in MeCN where iron(III) TAMLs are converted into 

iron(V)oxo species at ⎼40 °C.  

 

Figure 3-3. EPR spectra of 4 (5 × 10
-4

 M) registered at pH 2 in the absence and in the 

presence of 1 and 0.5 eq NaClO, respectively, and the spectrum of 4 in MeCN recorded 

in the presence of 1 eq mCPBA. 

The spectrum of the product generated similarly at pH 13 is presented in Figure 3-

2B. This oxidation is very clean as well, with isosbestic points at 302, 324, and 341 nm. 

The inset to Figure 3-2B reveals, however, a 2:1 iron to hypochlorite stoichiometry 

pointing to an iron(IV) product. Thus, the oxidation state of iron in the product of 

oxidation of 4 by NaClO in pure water is rather unexpectedly dictated by pH (Scheme 

3-1). 

EPR studies at pH 13 agree with the formation of iron(IV) product also because 

the broad signal from 4 disappeared on addition of 0.5 equivalents NaClO (Figure 3-2B). 
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No new signal was registered consistent with the formation of EPR silent (S 1) iron(IV) 

species.
20

  

Mössbauer spectra were also recorded for the iron(III), iron(IV) samples at high 

and low pH (vide infra), and iron(V) samples (Figure 3-4). The iron(III) samples at high 

and low pH displayed similar isomer shifts (δ), of 0.14 mm s
-1

 at pH 2 and 0.11 mm s
-1

 at 

pH 13. The quadrupole splitting (|ΔEQ|) for these two species, however, showed more 

significant differences, with values of 3.59 mm s
-1

 at pH 2 and 2.94 mm s
-1

 at pH 13. The 

iron(V) species displayed a doublet with an isomer shift  of -0.50 mm s
-1 

and quadrupole 

splitting (|ΔEQ|) of 4.68 mm s
-1

. This compares closely with the values for iron(V) 

derivative of 1a, which were δ = -0.46 and |ΔEQ| = 4.25 mm s
-1

. The values for the isomer 

shift and quadrupole splitting of iron(IV)oxo 4, of δ = -0.18 mm s
-1

 and |ΔEQ| = 4.06 mm 

s
-1

, also correlate
 
with those of iron(IV)oxo 1a, with values of δ = -0.19 mm s

-1
 and |ΔEQ| 

= 3.95 mm s
-1

. The high-spin iron(IV) complex generated at low pH has an δ value of -

0.12 mm s
-1

, similar to that for the iron(IV)oxo species, however the quadrupole splitting 

is much smaller, with |ΔEQ| = 0.82 mm s
-1

. 
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Figure 3-4. Mössbauer spectra for 4 in the III, IV, and V oxidation states. Conditions: 

1 × 10
-3

 M 4. Spectra for 4 recorded at 4.2 K in water with 10 % glycerol. Data for 1a 

simulated using the parameters found in reference 17 for iron(IV)oxo 1a and reference 7 

for iron(V)oxo 1a.  
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3.2.3 Electrochemical Studies of 4   

 The conversion of 4 by NaClO into iron(V)oxo species occurs without the 

intermediacy of iron(IV) which can be seen in Figure 3-2A. Such behavior of a TAML 

activator is unique. The oxidations of 1 by NaClO and mCPBA in MeCN at ⎼40 °C and 

below occur with spectrally detectable diiron(IV)(μ-oxo) species
21

 because the Fe
III

 → 

Fe
IV

 process is much faster than the Fe
IV

 → Fe
V
 conversion.

22,23
 It is very likely that the 

diiron(IV)(μ-oxo) dimer is not formed from 4 for steric reasons created by the four 

adjacent methyl groups but this does not rule out other iron(IV) derivatives of 4. In fact, 

there is plenty of evidence that iron(IV) can be produced from 4. The first piece of 

evidence was obtained by cyclic voltammetry. Although all TAMLs of previous 

generations provided non-informatively broad and poorly reproducible cyclic 

voltammograms (CVs) in water, TAML 4 revealed quite the opposite case in the form of 

the textbook Nerstian one-electron CV at pH 2 (Figure 3-5). The peak separation of 58 

mV, identical anodic and cathodic currents (ia = ic) and the linearity of ia or ic against 

square root of the scan rate (v
½
) are observed at v in the range of 10⎼150 mV s

-1
.  
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Figure 3-5. Cyclic voltammograms of 4 at different scan rates at pH 2. Scan rates from 

smallest to largest are 10, 25, 50, 75, 100 and 150 mV s
-1

. The inset shows the 

dependence of the anodic peak current on the square root of the scan rate. Conditions: 2 

mM 4, 0.1 M NaClO4 adjusted to pH 2 with HClO4, 25°C.  

Spectroelectrochemical study has shown that the uv-vis spectrum generated by 

applying a constant potential of 1.2 V versus SCE (Figure 3-8) does not match that 

generated from 4 by NaClO (Figure 3-2). The “electrochemical” spectrum can be 

produced by one electron oxidation of 4 by Ce(IV). Therefore, the above mentioned 

spectrum should correspond to the iron(IV) species which most likely does not contain 

the oxo ligand.
12

 These facts combined strongly point to the concerted mechanism of 

formation of the iron(V)oxo unit from 4 and NaClO. A less probable option would be that 

the iron(IV) intermediate produced is oxidized much faster than iron(III), which makes 

iron(IV) spectrally undetectable. 
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3.2.4 Examination of the electrochemical properties of 4 with changing pH 

The pH-dependent formation of either iron(IV)oxo or iron(V)oxo derivatives of 4 upon 

reaction with NaClO led us to study the electrochemistry of this compound in the pH 

range 2-13. The general equation for a pH-dependent redox couple is given in Equation 

3‒1.  

Ox + 𝑛e− + 𝑚H+ ⇌ Red(H+)𝑚                                          (3‒ 1) 

The measured reduction potential (E1/2) is predicted by the Nernst equation to have a pH 

dependence according to Equation 3‒2 Where DO and DR are the diffusion coefficients 

for the oxidized and reduced species.
24

  

𝐸1/2 =  𝐸𝑜′ ‒ [
0.059

𝑛
]log (

𝐷O

𝐷R
)

1
2 ‒ 0.059 (

𝑚

𝑛
) pH                          (3‒ 2) 

This analysis can be used to generate Pourbaix diagrams that reveal which species 

are stable under a given set of conditions. Cyclic voltammograms of 4 taken every 0.5 pH 

units reveal a complicated electrochemical oxidation scheme. The cyclic voltammograms 

obtained in the range from pH 10.6 to 13 are shown in Figure 3-6A. The quasi-reversible 

wave at pH 10.6 splits into two smaller quasi-reversible waves as the pH is raised to 13. 

The wave at 0.51 V (versus SCE) remains in place as another peak drifts toward more 

negative potential. This drift occurs with a slope of 50 mV/pH, which is close to the 

Nernstian 59 mV/pH slope indicating a 1e
-
/1H

+
 coupled electron transfer (Figure 3-7). In 

this region, the iron(III)hydroxo species undergoes proton-coupled electron transfer to 

give the iron(IV)oxo, followed by further one-electron oxidation to yield the iron(V)oxo 

species. In the pH ranges 2-7.5, and 7.5-10.5 (Figure 3-6 B and C), the interpretation of 

the waves is somewhat less straightforward. From pH 2 to 4.5, the reversible wave 
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remains at 0.91 V. However the current increases by approximately two-fold. Also in this 

region the anodic peak begins to drift on changing the pH from 4.5 to 7.5, but with a 

slope of 29 mV/pH. The cathodic peak at 0.88 V corresponding to the reversible wave at 

pH 2 shrinks, and a new peak at 0.51 begins to appear. This cathodic peak matches 

exactly the peak from the quasi-reversible wave at pH 10.5 shown in figure 3-6A. From 

pH 7.5 to 10.5 the anodic peak at 0.86 V moves to more negative potential, with 

decreasing current. At the same time a new anodic peak appears with increasing current 

as it moves to more negative potential. The potential of the cathodic peak shows no 

significant change in this pH range, however there is a slight increase in the current. If the 

potentials of the quasi-reversible waves at pH 4 and 10.5 are compared, the slope is 62 

mV/pH, very close to the value for a 1H
+
/1e

-
 (or 2H

+
/2e

-
) transfer. Based on this data, we 

propose that the pseudo-reversible peak at pH 10.5 represents the oxidation of 

iron(III)aqua species to iron(V)oxo. It is unclear from this data whether this occurs 

through two sequential 1H
+
/1e

-
 steps or some other mechanism. Especially difficult to 

rationalize is the existence of an iron(IV) species from pH 4 to 10.5, as both the 

iron(IV)oxo complex and the iron(IV) species generated at pH 2 are unstable in this range 

as shown by other experiments conducted and discussed below.  

Alternatively, the somewhat confusing trends between pH 4 and 10.5 may result 

from the Pourbaix diagram being prepared by plotting the anodic peak potential versus 

pH, due to the lack of classical reversible waves at every pH. While not ideal, Bordwell 

has shown that plotting only the anodic peaks versus pH is comparable to plotting the 

reversible potentials in the generation of Pourbaix diagrams for the elucidation of proton-
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coupled electron transfer mechanisms.
25

 However, for this system, it may not be 

sufficient to completely characterize what is happening in solution.  
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Figure 3-6. Cyclic voltammograms of 4 at three different pH ranges. From 10.5 to 13 

(A), 7.5 to 10.5 (B), and 7.5 to 2 (C). Voltammograms are taken every 0.5 pH units. 

Conditions: 5 mM 4, 1 M NaClO4, 100 mV/s scan rate.  



75 

 

 

 

Figure 3-7. Pourbaix diagram of 4. The diagram was prepared by plotting the anodic 

peaks of the voltammograms in Figure 4 versus pH. See Figure 4 caption for conditions.  

3.2.5 Spectroelectrochemical studies of 4 

Spectroelectrochemical studies of 4 were conducted at pH 2 and 13. At pH 2, a green 

species which is presumably an iron(IV) complex is generated readily at 1.2 V (Figure 

3-8A). At 1.5 V, a brown species is generated that has a uv-vis spectrum that matches 

that of iron(V)oxo generated with NaClO (Figure 3-8B). The iron(V)oxo is generated at 

72 % yield after 50 minutes under these conditions. 
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Figure 3-8. Spectra of species generated by bulk electrolysis of 4 at 1.2 V (A) and 1.5 

V (B) at pH 2. Conditions:1 mM 4, 0.1 M NaClO4, 0 °C. In Figure 3-8A spectra are 

recorded every five minutes, in Figure 3-8B spectra are recorded every ten minutes.  

At pH 13 only the iron(IV)oxo species could be generated via bulk electrolysis at 

potentials up to 1.2 V versus SCE, despite the evidence from cyclic voltammetry (Figure 

3-6) for the existence of the iron(V)oxo species. This result agrees with that of oxidation 

by NaClO at pH 13, that the iron(V)oxo derivative of 4 at is unstable at pH 13.  
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Figure 3-9. Spectra of species generate by bulk electrolysis of 4 at pH 13. Conditions: 

1 mM 4, 0.1 M NaClO4, 0 °C. First three spectra from bottom were obtained after 10, 20 

and 40 minutes at 0.75 V. The next three spectra are were obtained at ten minute intervals 

after increasing the voltage to 0.85 V. The final two spectra were obtained at ten minute 

intervals after increasing the voltage to 1.2 V.  

While the iron(IV)oxo and iron(V)oxo species could be quantitatively generated 

with NaClO or in moderate yield (70-75%) electrochemically, the green one-electron 

oxidized species generated at pH 2 and below could be generated in only minor amounts 

electrochemically (Figure 3-8A) and in trace amounts with NaClO at pH 2. However, by 

lowering the pH to 1, one equivalent of ceric ammonium nitrate (CAN) was able to 

produce the iron(IV) species quantitatively at 4 °C (Figure 3-10). At this pH, no further 

oxidation was seen with additional equivalents of CAN. Assuming complete conversion 

to iron(IV), the extinction coefficient at 620 nm was determined to be 5,100 M
-1

 cm
-1

. 
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Figure 3-10. Oxidation of 4 with CAN at pH 1. Conditions: 1 × 10
-4

 M 4, = 1 × 10
-4

 

CAN M, 0.1 M HClO4 4 °C. Spectra were recorded in one second intervals after addition 

of CAN. 

3.2.6 Reversibility of the oxidized states of 4 

The observations that NaClO converts 4 into different oxidized states at different pH 

prompted us to study the fate of iron(V)oxo and iron(IV)oxo species generated at pH 2 

and 13 on reverting the solution pH to 13 and 2, respectively. When iron(IV)oxo was 

generated from 4 by 0.5 equivalent NaClO at pH 13 and the solution was acidified to pH 

2 with concentrated phosphoric acid, the compound underwent rapid disproportionation 

to afford equal quantities of iron(III) and iron(V)oxo derivatives (Scheme 1), as shown by 

uv-vis spectroscopy (Figure 3-11). In the former case the bands at 368 and 450 nm were 

developed which correspond to iron(III) and iron(V)oxo species, respectively. The EPR 
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evidence was even more striking because the corresponding two signals originated from 

the EPR silent solution of iron(IV)oxo derivative. Upon aging of the solution after 

disproportionation, a peak corresponding to that of iron(IV) species began to appear 

(Spectrum 4, Figure 3-11). Based on the minimal change to the peak at 368 nm, it is 

proposed that this species is generated by spontaneous one-electron reduction of the 

iron(V)oxo species in acidic solution to either the iron(IV)hydroxo or aqua derivative of 

4. It is also worth mentioning that the uv-vis spectrum of the iron(IV) species as shown in 

Figure 3-11, Spectrum 4 is produced on aging the iron(V)oxo solution at pH 2. The 

exponential self-decay of the oxidized derivative of 4 into the iron(IV) product occurs 

rather slow at 13 °C, the pseudo first-order rate constant kobs being 0.013 ± 0.03 s
-1

. In 

turn, iron(IV) slowly decays further to afford a mixture of 4 together with products of its 

deep degradation. The pseudo first-order rate constant kobs for this process equals (3.1 ± 

0.2) × 10
-3

 s
-1

. The stability of the iron(IV)oxo product generated at pH 13 is much 

higher. 
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Figure 3-11. Oxidation of 4 at pH 13 followed by acidification with H3PO4.Conditions: 

1 × 10
-4

 M 4, 13 °C. Spectrum 1 is the iron(III)hydroxo form of 4. Spectrum 2 shows the 

iron(IV)oxo species resulting from oxidation with 0.5 equivalents of NaClO. Spectrum 3 

shows the disproportionation of iron(IV)oxo into iron(III)aqua, characterized by the peak 

at 368 nm, and iron(V)oxo, characterized by the broad peak at 450 nm resulting from the 

addition of concentrated H3PO4 to the reaction mixture. Spectrum 4 is the aging of this 

acidified solution resulting in the formation of either iron(IV)aqua or hydroxo.  

The instability of iron(IV)oxo at pH 10.6 was also explored by addition of the 

one-electron reductant potassium ferrocyanide to a solution of iron(V)oxo 4. Addition of 

one equivalent of potassium ferrocyanide to the iron(V)oxo generated at pH 10.6 with 

one equivalent of NaClO results in fast disproportionation into a 1:1 mixture of iron(III) 

and iron(V)oxo. Another equivalent of potassium ferrocyanide results in the complete 

recovery of iron(III) (Figure 3-12).  
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Figure 3-12. Reduction of iron(V)oxo 4 with K4Fe(CN)6 at pH 10.6. Conditions: 1 × 10
-

4
 M 4, 13 °C. Spectrum 1 is iron(III)aqua 4. Spectrum 2 is the iron(V)oxo derivative upon 

oxidation by one equivalent of NaClO. Spectra 3 and 4 show the result of addition of two 

consecutive aliquots of one equivalent K4Fe(CN)6. Spectrum 3 matches the average of 2 

and 4.  

Further evidence of the instability of iron(IV) at intermediate pH and the 

unavailability of iron(V)oxo at pH 13 was obtained upon basification of a sample of 

iron(V)oxo 4 generated with one equivalent of NaClO at  pH 10.6. After conversion of 

iron(III)aqua to iron(V)oxo was complete, another aliquot of iron(III) 4 was added to the 

sample. No reaction occurred, and the characteristic peaks for iron(III) and iron(V)oxo 

were both visible. When the pH was adjusted to 13, this mixed spectrum of iron(III) and 

iron(V)oxo changed rapidly to that of iron(IV)oxo suggested by the shift of the 

absorbance maximum from 450 to 410 nm (Figure 3-13). This observation raised the 
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question for a target for the second oxidation equivalent of NaClO at pH 13. The most 

likely explanation is that an iron(III) molecule is oxidized to iron(V)oxo, followed by 

comproportionation with a remaining iron(III) molecule to form two iron(IV)oxo 

molecules. A similar mechanism is seen with 1a, however the result of 

comproportionation is the iron(IV)(µ-oxo) dimer species. This was tested by adding ¼ of 

an equivalent of sodium hypochlorite to a solution of iron(III) 4 at pH 13. Both uv-vis 

and EPR spin quantification showed 50 % of iron(III) remained, as opposed to 75 % had 

the iron(V) intermediate been reduced by some other electron donor.  

 

Figure 3-13. Spectral changes occurring from the addition of base to iron(V)oxo 4 

Conditions: 2 aliquots of 1 × 10
-4

 M 4, Carmody buffer at pH 10.6, 13 °C. Spectrum 1 

shows the iron(V)oxo species generated with one equivalent of NaClO at pH 10.6. 

Spectrum 2 shows the addition of an additional aliquot of iron(III)aqua to the reaction 

mixture. Spectrum three is obtained upon addition of concentrated NaOH.  
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3.2.7 Nature of the Iron(IV) Product Generated at Low pH 

The iron(IV)oxo and iron(V)oxo complexes generated chemically and electrochemically 

in this work were straightforward to characterize as they have precedent, although not in 

water for the iron(V)oxo. The nature of the iron(IV) complex generated at low pH was of 

significant interest to us due to its novelty. Of additional interest, EPR evidence indicates 

that this species is a high-spin (S = 2) iron complex. High-spin iron(IV)oxo complexes 

are of great interest in the inorganic chemistry community, due to their higher reactivity 

and similarity to metalloenzymes.
26,27

 However, Collins’ [Fe
IV

Cl(η
4
-MAC*)] (Figure 

3-14) remains the only reported non-oxo high-spin iron(IV) complex.
28

  

 

Figure 3-14. High-spin iron(IV) complex [Fe
IV

Cl(η
4
-MAC*)] 

The most likely options for the iron(IV) species in question would be 

iron(IV)aqua or iron(IV)hydroxo. As discussed in Section 3.2.4 the cyclic 

voltammograms for 4 are reversible and show no change in potential from pH 2 to 4. This 

indicates a one-electron transfer, producing the iron(IV)aqua complex. Similar chemistry 

was reported by Meyer and coworkers in the pH-dependent redox couples of 

[(trpy)(bpy)M(OH2)]
+
 (M = Ru, Os; trpy = 2,2’,2”-terpyridine; bpy = 2,2’-bipyridine). 
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For both ruthenium and osmium at pH 1.5 and below the M(III/II) couple is pH 

independent, indicating no proton-coupled electron transfer. At high potential, there is a 

pH dependent M(IV/III) couple with a slope of 120 mV/pH, indication a 2H
+
/1e

-
 proton-

coupled oxidation.
29

  

 The characterization of an iron(IV)hydroxo complex would be intriguing, as no 

synthetic iron(IV)hydroxo complexes have yet been prepared. It is possible that the 

iron(IV) species seen at low pH is the hydroxo complex. However, it could be that the 

iron(IV)hydroxo derivative of 4 is unstable, leading to the disproportionation seen upon 

acidification of the iron(IV)oxo complex, as well as from adding K4Fe(CN)6 to 

iron(V)oxo at intermediate pH. This may also explain the somewhat confusing pH 

dependent cyclic voltammograms seen in the range of 4.5 to 10.5. The iron(IV)hydroxo 

complex may be produced by proton-coupled electron transfer, followed by 

disproportionation to iron(III)aqua and iron(V)oxo.  

Chloride ions are known to bind to TAML activators as axial ligands in aqueous 

solution according to Equation 3‒3, although usually only at high [Cl
-
]. As 4 is 

synthesized from iron trichloride, and both NaClO and the saturated calomel reference 

electrode could introduce trace amounts of chloride into solution, the existence of an 

iron(IV)chloro species could not be ruled out. Therefore the equilibrium constant for both 

iron(III) and iron(IV) 4 at pH 1 were measured by spectrophotometric titration. Figure 

3-15 shows the changes in the uv-vis spectra of 4 upon addition of sodium chloride up to 

2 M. For the iron(III) 4, increasing [Cl
-
] results in a light decrease in the absorbance at 

368 nm. For iron(IV) 4 the peak at 620 nm decreases and shifts to 600 nm at high [Cl
-
]. 

Figure 3-16 shows the absorbance at 368 nm for iron(III) and 620 nm for iron(IV) plotted 
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as a function of [Cl
-
]. The data in Figure 3-16 was fitted to Equation 3‒4 in order to 

determine the equilibrium constants for each species. Here A is the absorbance at a given 

concentration of chloride, A0 is the absorbance with no added chloride and A∞ would be 

the absorbance at infinite [Cl
-
], and KCl is the equilibrium constant for chloride binding to 

4 in the axial position.  

                                      (3‒3) 

A =  
A0 + A∞𝐾Cl[Cl−]

1 +  𝐾Cl[Cl−]
                                                   (3‒ 4)

 

The equilibrium constants obtained from this data were 0.128 ± 0.007 M
-1

 for the 

iron(III)chloro species and 2.4 ± 0.5 for the iron(IV)chloro species. The equilibrium 

constant for the iron(IV) species is over an order of magnitude higher than that for 

iron(III), however, it would still require 0.4 M Cl
-
 in order for iron(IV)chloro to be 

present in solution in equimolar amounts with the iron(IV)aqua/hydroxo complex. This 

concentration is much higher than that introduced by adding NaClO as a reagent, or from 

ion leaching from the reference electrode into the electrolysis solution.  
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Figure 3-15. Spectral changes of iron(III) (left) and iron(IV) (right) 4 on increasing [Cl
-

]. Conditions: 1 × 10
-4

 M 4, 0-2 M Cl
-
, 0.1 M HClO4, 4 °C.  
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Figure 3-16. Absorbance at the λmax for iron(III) and iron(IV) 4 as a function of [Cl
-
]. 

Conditions: 1 × 10
-4

 M 4, 0-2 M Cl
-
, 0.1 M HClO4, 4 °C.  

To further prove that iron(IV)chloro is not present in significant concentrations in 

the chemical or electrochemically prepared iron(IV) samples, an EPR sample was 

prepared in the presence of 1 M NaCl using CAN at pH 1, where the concentration of the 

iron(IV)chloro species should be greater than 85% (Figure 3-17). The spectrum of the 

high chloride sample was distinctly different than the sample prepared with no added 

chloride, although both were high spin complexes.  
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Figure 3-17. EPR spectra of iron(IV) samples generated by oxidation with CAN with 

and without added chloride. Conditions: 5 × 10
-4

 M 4, 5 × 10
-4

 M CAN, 0.1 M HClO4, 25 

°C, 10 % glycerol.  

3.3 Conclusion  

In conclusion, TAML activator 4 allows for the chemical and electrochemical generation 

of a number of high-valent iron complexes in water. The iron(V)oxo derivative of 

TAMLs activator 4 can be readily generated by NaClO throughout the pH range of 

2.0⎼10.5 and is sufficiently stable at 13 °C for investigating its properties and reactivity. 

This species can also be generated by electrolysis at 1.5 V versus SCE at pH 2. At pH 13 

the iron(V)oxo species is not produced and the iron(IV)oxo compound is formed instead. 

Acidification of the latter induces the unprecedented disproportionation leading to the 

mixture of iron(III) and iron(V)oxo species.  
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Furthermore, at pH 2, a novel high-spin iron(IV) species can be generated by 

electrolysis at 1.2 V, or by reaction with one equivalent of CAN. This species can exist as 

either an iron(IV)aqua or hydroxo species, or as the iron(IV)chloro complex. These 

complexes would represent the first spectroscopically characterized S = 2 iron(IV) non-

oxo complexes reported since 1993.  

3.4 Experimental 

3.4.1 Materials 

TAML 4 was synthesized as previously described.
11

 The 
57

Fe-enriched 4 was prepared by 

metalation with 
57

Fe-enriched FeCl3. The 
57

Fe-enriched FeCl3 was synthesized by 

bubbling HCl gas through a suspension of 
57

Fe-enriched iron powder in dry ethanol. 

After two hours the solvent was removed with rotary evaporation. The remaining solid 

was put under high vacuum overnight and used without further purification. Sodium 

hypochlorite solutions were obtained from Fisher Scientific and standardized daily by 

measuring the absorbance at 292 nm in pH 11 phosphate buffer (ε = 360 M
-1

 cm
-1

).
30

 

3.4.2 Uv-vis spectroscopy 

UV-Vis spectral studies were carried out using an HP 8453A diode array 

spectrophotometer. Low-temperature spectral studies were preformed using a liquid 

nitrogen cooled cryostat set-up from UNISOKU Scientific Instruments, Japan. 

3.4.3 Electrochemistry 

Electrochemical studies were performed with an Autolab PGSTAT100. The working 

electrode was a glassy carbon disk, with a saturated calomel reference electrode and 
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platinum wire counter electrode. For bulk electrolysis, the working electrode was a 

platinum coil. 

3.4.4 Spectrophotometric Chloride Titration 

Solutions of 1 × 10
-4

 M 4 were prepared in 0.1 M HClO4 with the desired concentration 

of sodium chloride. This was cooled to 4 °C using the cryostat set-up. The initial 

spectrum was recorded and saved as iron(III). One equivalent of a fresh cerium(IV) 

ammonium nitrate solution in 0.1 M HClO4 was added to produce the iron(IV) complex. 

The spectrum at maximum absorbance at 620 nm was recorded as the final spectrum. 

3.4.5 EPR Spectroscopy 

EPR Spectroscopy X-band EPR spectra was recorded on a Bruker 300 spectrometer 

equipped with an Oxford ESR-910 liquid helium cryostat. The signal was quantified 

relative to a CuEDTA spin standard. For both instruments, the microwave frequency was 

calibrated with a frequency counter and the magnetic field with an NMR gaussmeter. A 

modulation frequency of 100 kHz was used for the EPR spectra. The EPR simulation 

software (Spin Count) was written by one of the authors.
31

 The software diagonalizes the 

spin Hamiltonian, (Equation 3‒5) where S is the total spin of the complex (unless 

explicitly stated otherwise) and the parameters have the usual definitions. The 

quantitative simulation was least-squares fit of the experimental spectra generated with 

consideration of the intensity factor, which allows the computation of simulated spectra 

for a specified sample concentration.  

H =  βeBgS + S. D. S + S. A. I                                                 (3‒ 5) 
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3.4.6 Mössbauer Spectroscopy 

Mössbauer spectra were recorded with two spectrometers using a Janis Research 

SuperVaritemp dewar. The isomer shift was reported relative to Fe metal. The simulation 

of the Mössbauer spectra was calculated with least-square fitting using the program 

SpinCount and the standard spin Hamiltonian (Equation 3‒6)  

H =  βeBgS + S. D. S + S. A. I − gnbnB. I +  
eQVzz

12
[3Iz

2 − I(I + 1) +  η(Ix
2 − Iy

2)]   (3‒ 6) 
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Chapter 4  

Properties of TAML Activators as Homogeneous and 

Heterogeneous Electrocatalysts for Oxygen Evolution from Water 

under Alkaline Conditions 
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4.1 Introduction 

One of the major components of sustainability is clean energy production. Carbon-based 

energy production results in the release of massive amounts of carbon dioxide into the 

environment, which is already having effects on global climate.
1–4

 Renewable energy is 

increasing as a portion of the energy market,
5
 but the most common types of renewable 

energy, wind and solar, suffer from intermittency issues. As such, the photochemical 

generation of fuels offers a great deal of promise in the storage and transport of solar 

energy. Photochemical water splitting to produce hydrogen and oxygen gas would mimic 

photosynthesis and offers one of the most desirable systems for producing solar fuel. The 

half-reactions for hydrogen and oxygen production from water are given in equations 4‒1 

and 4‒2, respectively, with the overall reaction given in equation 4‒3. Hydrogen gas 

produced from water splitting is of special interest, in that it offers the potential for a 

closed-loop system, as it can be used in combustion or fuel cells, and the resulting 

product would be water.  

4 H
+
 + 4 e

-
  2 H2                                                                                      (4‒1) 

2 H2O  O2 + 4 H
+
 + 4 e

-
                                                  (4‒2) 

2 H2O  2 H2 + O2                                                       (4‒3) 

 These seemingly simple half-cell reactions belie the complex chemistry that must 

occur in order to achieve this process efficiently. Much work on hydrogen production has 

resulted in quite efficient catalysts for this purpose.
6
 A greater challenge remains with the 

complementary half-reaction, water oxidation to dioxygen, especially for photo-catalyzed 

evolution of oxygen from water.
7
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 A number of molecular water oxidation catalysts have been prepared, with the 

first report being the ‘blue dimer’ ruthenium compound synthesized by Meyer and 

coworkers.
8
 Since then molecular catalysts for oxygen evolution featuring ruthenium,

9–13
 

iridium,
14–17

 manganese,
18–20

 cobalt,
21–23

 copper,
24–26

 and iron
27–31

 have been prepared. 

The ruthenium and iridium catalysts tend to offer the best activity of these catalysts, but 

have limited large-scale potential due to costs of the metal. Iron, cobalt, and copper offer 

advantages on a cost basis but are limited by performance or stability issues. TAML 

activators are among the iron-based catalysts that have been shown to catalytically 

oxidize water. Under acidic conditions, TAML activators evolve oxygen with cerium(IV) 

ammonium nitrate (CAN) as a sacrificial oxidant.
27

 Sen Gupta and others have performed 

photochemical water oxidation with a biuret-modified TAML catalyst at pH 8.7 and 

found TON of 220 and turnover frequency (TOF) of 0.67 s
-1

.
30

 TAML activators have 

also been bound to an electrode for heterogeneous oxygen evolution from acidic 

solution.
32

 Except for that of photochemical oxygen evolution, these studies utilized 

TAML activators at low pH, thereby limiting TOF due to lower reactivity of the catalysts 

at low pH and the TON due to acid-induced demetalation of the catalysts. However, to 

date, no studies have been conducted with TAML activators for the catalyzed oxidation 

of water to dioxygen under alkaline conditions. With the increasing interest in earth-

abundant metal catalysts for the oxygen evolution reaction this work was undertaken with 

the goal of determining whether TAML activators could act as highly efficient 

electrocatalysts for this reaction.  
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4.2 Results and Discussion 

4.2.1 TAML activators as Homogeneous Electrocatalysts for Oxygen Evolution. 

In studying the electrochemical properties of 4, it was observed that at high pH (>10.5), a 

catalytic wave began to appear at around 0.7 V versus SCE. The current continues to 

increase as the pH is increased to 13 even with background correction. Upon completion 

of a scan from 0 to 1.05 V at pH 13, bubbles could be seen on the working electrode. 

When the potential of the working electrode was held at 1 V versus SCE, extensive 

production of gas was observed. The most likely explanation for voltammograms 

exhibiting catalytic waves in the absence of any added substrate and the evolution of gas 

from the working electrode would be the oxidation of water (or hydroxide) to form 

dioxygen. Similar irreversible waves for 1a had been observed previously in our group at 

pH 12.6 and attributed to the existence of multiple oxidized species.
33

 Considering the 

possibility that these waves instead indicated electrocatalytic oxygen evolution, the cyclic 

voltammograms for both 1a and 4 at pH 13 were therefore run under similar conditions 

for comparison (Figure 4-1).  
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Figure 4-1. Cyclic voltammograms for 1a and 4 at pH 13. Conditions: 5 mM catalyst, 

0.1 M NaOH, 100 mV s
-1

 scan rate.  

Figure 4-1 shows that with 5 mM catalyst, large catalytic waves are seen for both 

1a and 4. Catalyst 1a shows both increased current and more negative onset potential 

relative to 4. The inset to Figure 4-1 shows quasi-reversible waves for both 1a and 4 

preceding the onset of the catalytic wave. Of interest is that splitting of the iron(IV/III) 

and iron(V/IV) waves of 4 discussed in Section 3.2.4 is not apparent. This difference may 

be due to the absence of buffer in the samples measured in Figure 4-1. Also of note, is 

that potential of the iron(IV/III) wave for 1a occurs is 200 mV more negative than for 4. 

This would seem counterintuitive, as 4 is significantly more electron rich than 1a. 

However this may be justified if the wave for 4 represents an iron(V/III) couple. If this is 

the case the catalytic waves for both catalysts initiate upon reaching the iron(V) state. For 
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1a only the catalytic wave is seen, indicating that iron(V) 1a very rapidly turns over. The 

catalytic wave for 4 occurs slightly after the presumed iron(V) species is formed, possibly 

indicating slower catalytic performance. This would be consistent with the decreased 

reactivity of 4 relative to 1a with respect to the oxidation of Orange II with hydrogen 

peroxide as discussed in Chapter 1. With this in mind, further studies to determine the 

efficiency of oxygen evolution were performed with 1a, as it is more effective than 4, and 

is more representative of TAML catalysts in general. 

4.2.2 Determination of Turnover Frequency for 1a in Homogeneous Oxygen 

Evolution. 

Under purely kinetic conditions, where the rate of electron transfer to the catalyst is not 

rate-limiting, voltammograms should display a plateau current, which is independent of 

scan rate.
34

 The determination of rate constants for homogeneous electrocatalytic water 

splitting should be thus straightforward using cyclic voltammetry. The plateau current 

can be calculated by Equation 4‒4, where ncat is the number of electrons transferred in the 

catalytic reaction, F is Faraday’s constant, A is the surface area of the electrode in cm
-2

, 

[cat]* is the concentration of catalyst in bulk solution in mol cm
-3

, D is the diffusion 

coefficient of the catalyst in cm s
-1

 , ν is the scan rate in V s
-1

 , and kcat is the pseudo-first 

order rate constant (kcat = k[S]), often reported as TOF. 

𝑖cat =  𝑛catFA[cat]∗√𝑘catD                                                   (4‒ 4) 

The Randles-Sevcik equation (4‒5) gives the peak current for a reversible wave, where np 

is the number of electrons transferred in redox couple. 
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𝑖p =  𝑛pFA[cat]∗√
𝑛pFDν

R𝑇
                                                 (4‒ 5) 

Dividing icat by ip yields Equation 4‒6. 

𝑖cat

𝑖p
=  

𝑛cat

0.4463𝑛p
√

𝑘catR𝑇

𝑛pFν
                                                 (6) 

Thus, by plotting icat / ip versus ν
-1/2

 the pseudo-first order rate constant kcat can be 

obtained from the slope. 

 In the case of TAML catalysts in 1 M NaOH, this analysis is not so 

straightforward, as no reversible scan could be seen under these conditions. However, if 

the diffusion coefficient for the catalyst were known, Equation 4‒4 would allow us to 

calculate the TOF from the scan rate-independent plateau currents. In Chapter 3 the 

unique electrochemical properties of 4, which displays classical reversible 

voltammograms at pH 2, were discussed. Analysis of the dependence of the peak currents 

versus the square root of the scan rate allowed us to calculate a diffusion coefficient of 

3.4 × 10
-6

 cm
2
 s

-1
 (Figure 3‒4). While it would be more desirable to determine this value 

at pH 14, 4 does not show completely reversible behavior at this pH. The calculated value 

for D is close to those of similar transition metal catalysts in water and Costentin has used 

the generic value of 5 × 10
-6

 cm
2
 s

-1
 to compare catalysts for which no diffusion constant 

was reported. Therefore the value of 3.4 × 10
-6

 cm
2
 s

-1
 for D was used for all TAML 

catalysts in this study. 
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Figure 4-2. Cyclic voltammograms of 1a in 1 M NaOH. Scans were conducted at 2, 4, 

6, 8, and 10 mV s
-1

. Conditions: [1a] = 5 × 10
-4

 M, 25 °C. 

Figure 4-2 shows the voltammograms from scan rates 2-10 mV s
-1

, with plateau 

currents between 1.1 and 1.2 V, which are all approximately equal at 2.2 mA. This 

corresponds to a value for kcat or TOF of 1000 ± 100 s
-1

. This value is approximately half 

that of a pentanuclear iron catalyst in a recently published report claiming a TOF of 1900 

s
1
.
31

 The advantage of 1a is that it is stable in 1 M NaOH, while the other study was 

conducted in an acetonitrile/water mixture. Catalyst 1a also greatly outperforms the  first 

reported iron-based molecular electrocatalyst for homogeneous oxygen evolution, 

published by Meyer and coworkers in 2014, which had a TOF of 1 s
-1

 in propylene 

carbonate with 8% water.
28

 No other iron-based catalysts higher TOF values for 

electrocatalytic oxidation of water to dioxygen. 
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4.2.3 In-Situ Generated Heterogeneous Catalyst 

The scans shown in Figure 4-2 were obtained immediately after preparing the electrode 

by polishing with 0.05 µm alumina, followed by oxidation at 1.2 V vs Ag/AgCl in 1 M 

NaOH for 30 minutes. When trying to apply Equation 4‒6 to 1a, it became apparent that 

homogeneous water oxidation was note the sole reaction occurring. Successive scans at 

the same scan rate yielded higher peak currents each time, especially at lower scan rates 

(Figure 4-3). As the catalytic currents increased with successive scans, the possibility that 

1a was undergoing electrodeposition onto the working electrode was investigated. 

 

Figure 4-3. Four successive cyclic voltammograms of 1a with increasing peak current. 

Conditions: 5 × 10
-4

 M 1a, 1 M NaOH, 2 mV s
-1

, 25 °C.  
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4.2.4 Catalytic Activity of TAML-Activated Electrode 

4.2.4.1 Electrodeposition of 1a and Resulting Overpotential 

A recent report by McCrory, Peters and Jaramillo has outlined a protocol for 

benchmarking heterogeneous water oxidation catalysts.
35

 As this report gave a set of 

standard tests that could be conducted under alkaline conditions that were favorable to 

TAML-catalyzed electrocatalytic water oxidation it was used as a template for analyzing 

the reactivity of a TAML-activated electrode. 

The first study conducted was to determine when the electrode was effectively 

saturated with 1a. This was done by conducting a potentiometric study wherein the 

current was set to 1.96 mA with a glassy carbon disk set to rotate at 1600 rpm in a 

solution of 5 × 10
-4

 M 1a. The value of 1.96 mA corresponds to 10 mA per square 

centimeter of electrode, which is approximately the current density expected at the anode 

in a 10% efficient solar water-splitting device under 1 sun illumination.
35

 As seen in 

Figure 4-4, the potential required to provide 10 mA cm
-2

 was initially 1.3 V versus 

Ag/AgCl, but drops to 0.60 V over the course of one hour as the catalyst is 

electrodeposited. That is a 700 mV decrease in the potential required to generate the 

desired current. After electrodeposition of the catalyst is complete, a current density of 10 

mA cm
-2

 is produced at an overpotential (η) of 400 mV with respect to the 

thermodynamic potential of 200 mV vs Ag/AgCl at pH 14. This is comparable 

performance to several of the metal oxides tested by the authors of the benchmarking 

paper.
35

 A freshly polished electrode with no catalyst in solution required a potential of 

1.47 V versus Ag/AgCl in order to produce 10 mA cm
-2

, and maintained this potential 
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over two hours. The electrodeposition process took approximately 60 minutes for 

completion, but it is possible that the time could be shortened if more concentrated 

catalyst solution was used. That catalyst 1a can be easily electrodeposited onto a glassy 

carbon working electrode through a potentiometric study was a surprising result, 

especially as it yields an activated electrode for heterogeneous electrocatalytic oxygen 

evolution from 1 M NaOH. In terms of overpotential, the 1a-activated electrode is on par 

with metal oxides such as IrOx (η = 320 mV), CoOx (η = 390 mV), CoFeOx (η = 370 

mV), and NiMOx (M = Ce, Co, Cu, Fe, La; η = 350-430 mV).
35

 

 

Figure 4-4. Potentiometric study of in-situ preparation of 1a-activated electrode. 

Conditions: 1 M NaOH, current set to 1.96 mA. 0.196 cm
2
 glassy carbon working 

electrode, 1600 rpm rotation rate, 25 °C.  
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4.2.4.2 Faradaic Efficiency of 1a-Catalyzed Water Oxidation 

Qualitatively, the homogeneous electrocatalytic oxygen evolution, discussed in Section 

4.2.2, and heterogeneous electrocatalytic oxygen evolution, discussed in Section 4.2.3, is 

quite efficient, as bubbles readily appeared on the electrode on oxidation. In fact, bubble 

formation on the working electrode was a significant hindrance to performing still cyclic 

voltammetry experiments, as the bubbles would cover the electrode surface making the 

voltammograms quite noisy. However, in order to effectively compare the 1a-catalyzed 

system, it was necessary to quantify the amount of oxygen produced compared to the 

energy input. Therefore, the Faradaic efficiency (FE) of the system was tested with a 

rotating ring-disk coulometric study. A rotating ring-disk electrode system consists of a 

central disk electrode (glassy carbon in this case), surrounded by a second electrode in 

the shape of a ring around the central disk. The two electrodes are separated by an 

insulating material, and the potential for each electrode can be set separately by the 

potentiostat. By measuring the current due to oxygen reduction to hydrogen peroxide at 

the platinum ring electrode and dividing by the current of the working electrode and 

adjusting for the collection efficiency (N) of the system. This is shown in Equation 4‒7, 

where iring is the ring current, id is the current at the disk electrode, and N is the collection 

efficiency, a measure of how much of the product of oxidation at the disk electrode is 

subsequently reduced at the ring electrode. The collection efficiency of the system used 

was determined by reduction of potassium ferricyanide, K3Fe(CN)6 at the working 

electrode and its subsequent oxidation at the ring. The collection efficiency was 

determined to be 23.4% in 1 M NaOH. This value closely matches the geometric 

collection efficiency for this system, which is 25.6%.  
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Figure 4-5. Rotating ring-disk scans of K3Fe(CN)6 at various rotation rates for 

determination of collection efficiency. Conditions: 10 mM K3Fe(CN)6, 1 M NaOH, ring 

potential set to 0.525 V versus Ag/AgCl.  

In the coulometric study, the disk potential was set to 0 V for ten minutes, with 

the ring current set to -0.75 V in order to determine the background current for the ring. 

The potential of the working electrode was then set to 0.55 V versus Ag/AgCl for 30 

minutes (Figure 4-6), with the ring held at -0.75 V. The working electrode potential gives 

a current density of about 1 mA cm
-2

, and was chosen because the current at the ring 

electrode when the disk is set to 0.6 V was too noisy to get reliable data, most likely due 

to bubble formation at the disk. The average disk current was 1.74 × 10
-4

 A and the ring 

current was 1.64 × 10
-5

 A above the background current. Using Equation 7 and 23.4%  

for the collection efficiency, the Faradaic efficiency was determined to be 82%. An 82% 
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Faradaic efficiency is fair for a heterogeneous system; however, the metal oxides tested 

by McCrory, Peters and Jaramillo all displayed Faradaic efficiencies of greater than 90%.  

FE =  
2iring

id𝑁
                                                                 (7) 

 

Figure 4-6. Coulometric study of 1a-activated electrode at 0.55 V versus Ag/AgCl. 

Conditions: 1 M NaOH, 5 × 10
-4

 M 1a, -0.75 V ring potential, 25 °C.  

The stability of the TAML-activated electrode was tested by performing 

coulometry at 0.55 V versus Ag/AgCl in a fresh 1 M NaOH solution with no added 

catalyst. After 30 minutes, the catalytic efficiency was about 79% that of the system with 

5 × 10
-4

 M 1a in solution (Figure 4-7). The slope of charge over time continued at the 

same rate for two hours. This provides further evidence for the ability of 1a to catalyze 

the oxidation of water to dioxygen both heterogeneously and homogeneously.  
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Figure 4-7. Coulometric traces of TAML-activated electrode with and without 1a in 

solution. Conditions: 1 M NaOH, glassy carbon electrode held at 0.55 V vs Ag/AgCl, 

1600 rpm rotation rate.  

4.2.4.3 Characterization of the Activated Working Electrode 

The characterization of the TAML-activated electrode was especially interesting due to 

its high efficiency for heterogeneous oxygen evolution from water, under alkaline 

conditions. The true nature of the catalytic species on the electrode remains to be 

determined. Of especial interest is whether 1a is reversibly or irreversibly binding to the 

glassy carbon electrode unchanged, releasing iron at the electrode surface to form an 

iron-based catalyst, or merely oxidizing the electrode and making it more effective. We 

consider it unlikely that non-TAML iron compounds are acting as the active site for 

heterogeneous catalysis for the following reasons. First, the electrode surface itself still 
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appears freshly polished after activation, with no visible deposit. Second, researchers 

seeking to electrodeposit iron onto working electrodes, such as glassy carbon and indium-

tin oxide, avoid iron(III) and alkaline conditions based on the tendency for 

iron(III)hydroxide to precipitate out. Finally, there is the high activity of the electrode 

surface. For example, Singh and coworkers have reported an electrodeposited iron 

oxyhydroxide film on indium-tin oxide electrodes that achieved a current density of 10 

mA cm
2
 at 495 mV in 1 M NaOH.

36
 This film was electrodeposited from acetonitrile in 

two minutes. In order to probe the nature of the TAML-activated electrode, several 

studies were conducted. 

First, the electrochemically active surface area (ECSA) of the TAML-activated 

electrode was calculated by measuring the non-Faradaic currents at different scan rates in 

1 M NaOH with no added catalyst (Figure 6). The ECSA is determined by dividing the 

calculated double-layer capacitance (CDL) by the capacitance of an atomically smooth 

electrode under the same conditions (CS) (Equation 4‒8).
35

  

𝑖C =  𝜈CDL                                                                 (4‒ 8) 

The value was calculated from the voltammograms seen in Figure 4-8, and by 

plotting the nonFaradaic current at -0.05 V, the CDL was calculated to be 0.0531 ± 0.0001 

mF, which gives an ECSA of 1.33 ± 0.03 cm
2
. By dividing the ECSA by the geometric 

surface area (0.196 cm
2
), the roughness factor (RF) is obtained, which was found to be 

6.8. This RF is quite low, in fact it is lower than the RF reported by McCrory, Peters and 

Jaramillo for the glassy-carbon electrode with no catalyst present. This should indicate 

that the surface area of the electrode is approximately the same before and after 

activation, meaning that no large clusters of particles have been formed.   
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Figure 4-8. Determination of the double-layer capacitance of the 1a-activated 

electrode Conditions: 1a-activated electrode in 1 M NaOH, 5, 10, 25, 50, 100, 200, 400, 

800 mV s
-1

 scan rates. Scans were from 0 to -0.1 V, with the potential held at the vertex 

for 10 s. 

4.3 Conclusion 

TAML activator 1a has been found to be among the most active iron-based homogeneous 

water oxidation catalysts under any conditions. Moreover, 1a is stable in water with no 

cosolvent and is highly efficient under alkaline conditions. The TOF value of 1000 s
-1

 

compares favorably to the highest reported iron based water oxidation catalyst, which not 

stable in pure water, which has a TOF of 1900 s
-1

.  

 In addition to the high homogeneous electrocatalytic activity 1a activates the 

glassy carbon through a simple electrodeposition process to produce an electrode with 

heterogeneous electrocatalytic behavior that is comparable to several metal oxides in 

terms of overpotential and stability. The potential required to produce 1.96 mA or a 
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current density of 10 mA cm
-2

 is 0.6 V versus Ag/AgCl, or an overpotential of only 400 

mV.  
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Chapter 5   

Removal of Ecotoxicity of 17α-Ethinylestradiol Using 

TAML/Peroxide Water Treatment 
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5.1 Introduction 

Water is one of the most valuable natural resources. Access to clean water is imperative 

for healthy individuals and communities. According to the U.S. Geological Survey, 86 % 

of Americans get water from public supply and 63 % of that comes from surface water.
1
 

Unfortunately, surface water receives effluent from municipal wastewater treatment, 

which can contain micropollutants such as pharmaceuticals, detergent metabolites and 

plasticizers that persist through the treatment process.
2,3

 Numerous communities with 

limited water supplies even use treated wastewater as a source of drinking water. 

Examples of large urban centers that indirectly use treated wastewater as a source of 

drinking water are Orange County, California with the Groundwater Replenishment 

System (GWRS), Singapore with the Newater system and London, U.K., which is 

downstream of several urban centers that discharge wastewater into the River Thames. 

All three of these communities have treated wastewater entering sources of drinking 

water. This situation is amplified in the U.K. because, depending on the season, the 

effluent from a wastewater treatment plant can be up to 100% of the volume of the 

receiving water.
4
 This results in the accumulation a number of persistent micropollutants 

in streams that receive wastewater effluent, which can harm aquatic wildlife. Effective 

secondary and tertiary treatment methods necessary to remove these compounds require 

high capital investment and operating cost.
3
 In light of this, there is a need for an 

inexpensive, highly effective removal technology that is easy to implement given current 

infrastructural limitations.  

One of the more notable effects of micropollutants entering the environment is the 

effect of fish feminization. Worldwide, male fish are being discovered that exhibit female 
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characteristics.
4,5

 Male fish begin to grow oocytes in the testes and to produce 

vitellogenin, a protein found in egg yolk and only secreted by females in normal 

populations. This condition is referred to as intersex, and can ultimately lead to the 

collapse of fish populations in bodies of water with high levels of estrogenic compounds.
6
  

 

Figure 5-1. 17α-ethinylestradiol with numbered carbon atoms 

17α-ethinylestradiol (EE2), one of the principal active ingredients in oral 

contraceptives (the birth control pill), is a pharmaceutical commonly found in 

wastewater.
2
 It varies from natural estrogen, estradiol (E2), in having an acetylene unit at 

C17 (Figure 5-1), which makes it less susceptible to oxidative degradation through 

biological processes with rates of 2-hydroxylation by P450 enzymes in the liver 

decreasing from 12 to over 100% relative to estradiol.
7
 Oral contraceptives, which are 

over 99% effective at preventing pregnancy when taken properly, typically contain 

twenty to thirty micrograms of EE2. Because of its resistance to biological degradation, 

women taking the birth control pill can excrete up to 10 µg per day of EE2, which can 

enter the environment through the municipal wastewater system.
8
 Another factor in the 

concern over EE2 is that in most organisms it is a more potent estrogen than naturally 
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occurring estrogens. It can be ten to one hundred times as potent of an estrogen as E2 in 

fish, depending on the species.
9
 EE2 is so potent that it has been shown to feminize male 

fish at concentrations as low as 4 parts per trillion (ppt).
10

 Conventional wastewater 

treatment plants (WWTP) are capable of removing EE2 but results vary based on a 

variety of infrastructural and environmental conditions. The Weisbaden WWTP in 

Germany was able to decrease the EE2 concentrations in effluent from two ppt in 1997 to 

non-detectable after increasing their active-sludge holding time from less than four days 

to twelve days.
11

 This is not an option for every WWTP due to the capital cost and space 

requirements of such a long treatment time. Environmental evidence that EE2 is not 

being adequately removed from wastewater comes from a 1999-2000 study examining 70 

waterways in the United States that found EE2 in 11 samples, with a median level of 73 

ppt.
2
 EE2 at these levels in environmental waters is of concern not just to wildlife, but 

also for humans because these are the sources of drinking water for many communities. 

The human developmental effects of EE2 at low doses are not fully known but it is well 

established that fetuses, infants and young children are much more susceptible to 

exogenous hormones, and exposure to these chemicals at certain stages of development 

can have disastrous effects. Diethylstilbestrol, a non-steroidal artificial estrogen formerly 

given to pregnant women who were considered high-risk for miscarriage, has been shown 

to cause increased risk of a number of reproductive system abnormalities in the offspring 

of women who had taken it.
12

 Female greenhouse workers in Denmark who are 

occupationally exposed to a variety of pesticides, including known endocrine disruptors, 

were shown to be three times more likely to have a son with one or both undescended 

testes at three months of age compared to a control group.
13

 While undesired exposure to 



119 

 

compounds such as 17α-ethinylestradiol can have negative effects on the environment, 

their use can contribute positively to the environment and society when applied correctly. 

Population control is an essential component of long-term sustainability, but damage to 

aquatic ecosystems stemming from the use of contraceptives may be an unfortunate 

tradeoff. Due to the potential environmental and public health implications EE2 is 

gaining increased attention nationally and internationally, with the U.S., U.K. and Europe 

monitoring and considering regulation of sewage effluents. An effective way of 

preventing environmental contamination of EE2 without limiting consumer use of this 

essential compound would be of great benefit. 

A potential solution to the problem of ineffective remediation of micropollutants 

in municipal wastewater treatment is the use of TAML activators with hydrogen 

peroxide. As discussed throughout this work, these catalysts activated hydrogen peroxide 

in water to oxidize a wide variety of substrates, including industrial dyes and 

pharmaceuticals.
14–21

 In light of this, TAML/peroxide technology shows great promise in 

treating municipal and industrial wastewater. If implemented into wastewater treatment, 

the developing TAML/peroxide technology would require little capital investment. The 

TAML catalyst and peroxide can be added near the end of the treatment process in a 

holding tank with minimal additional equipment needed. However, in order to make this 

technology applicable to wastewater treatment in light of impending regulation, 

environmentally relevant concentrations of EE2 would have to be destroyed within the 

limitations of time, space and water conditions (temperature, pH, etc.) permitted at a 

given treatment plant.  
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With the increased attention on EE2, it is important that any treatment technology 

be able to address the life-cycle concerns of treatment. The goal of this research is to 

study the entire degradation of EE2 with TAML catalysts and hydrogen peroxide. This 

includes kinetic studies to determine the rates at which TAML activators can degrade 

17α-ethinylestradiol under a wide range of conditions, characterization of degradation 

products, minimization of catalyst and peroxide loading and determination of 

estrogenicity and toxicity of EE2 containing water treated with TAML/peroxide using 

biological assays.  

5.2 Results and Discussion 

5.2.1 Kinetics 

Two catalysts were used for the experiments studying the degradation of EE2, 1a and 1b 

(1a: X = H, R = Me; 1B: X1 = NO2, R = F). As can be seen in Figure 5-2, the oxidation of 

EE2 is much faster with 1b than 1a. In this research, EE2 is consistently degraded by 

over 98% by both catalysts, however the time needed to reach full degradation ranged 

from four minutes (pH 9, 1b) to days (pH 6, 1a) depending on pH and catalyst used. With 

1b at pH 6, degradation was complete in about three hours, making it as a promising 

candidate for use in wastewater treatment. After establishing that both 1a and 1b were 

capable of oxidizing EE2 from pH 6-9, remaining studies were conducted at pH 7, which 

is most relevant to wastewater treatment. 
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Figure 5-2. Degradation of EE2 with TAML catalysts and peroxide. Conditions: 3.4 × 

10
-5

 M (10 ppm) EE2, 1 × 10
-3

 M H2O2, 0.01 M phosphate buffer and 80 nM catalyst at 

room temperature. Catalyst and pH: 1b at pH 9 (red squares), 1a at pH 9 (green 

triangles), 1b at pH 7.5 (blue circles), 1b at pH 6 (light blue diamonds) and 1a at pH 7.5 

(black circles).  

Extensive prior mechanistic work has established that TAML catalysts perform 

catalytic oxidations through a two-step mechanism as shown in Scheme 5-1 and 

described in detail in Chapter 1. The degradation of EE2 at pH 7 with hydrogen peroxide 

catalyzed by 1a was conducted in order to measure the rate constants kI and kII, which 

were found to be 35 M
-1

 s
-1

 and (8.6 ± 0.5) × 10
5
 M

-1
 s

-1
, respectively (Figure 5-3A).  
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Scheme 5-1. Life-cycle analysis of catalytic oxidation of substrates by TAML catalysts 

and an oxidant.  
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Figure 5-3. Kinetic plots used for determination of rate constant kII for 1a with EE2.  

Figure 5-3A shows the hyperbolic dependence of the initial rate on EE2 concentration, 

and the inset is the linearization of the data using a double inverse plot. Figure 5-3B 

shows the exponential decay of EE2 at very low EE2 concentration so that 

kI[H2O2]>>kII[EE2]. The inset to 5-3B is the linearization of the data used to obtain kII. 

Conditions: 1 × 10
-9

 M 1a, 0.01 M H2O2, 0.01 M phosphate buffer at pH 7, 25 °C.  

The value of kII was verified by oxidizing EE2 under conditions where the 

oxidation of the substrate by the active catalyst would be rate limiting and analyzing the 

exponential decay curve. From this experiment, the value of kII was determined to be (9.4 

± 0.2) × 10
5
, which is in good agreement with the previous value (Figure 5-3B). The 

value for kI is consistent with values obtained in the oxidation of other substrates with 1a 

so there does not appear to be any inhibition by EE2.
22

 The value of 8.6 × 10
5
 M

-1
 s

-1
 is 

quite high, and comparable to the reactivity of horseradish peroxidase, which was 



124 

 

reported as 2 × 10
6
.
23

 In comparison to other oxidative treatments with applicability to 

wastewater treatment, 1a/peroxide performs quite well.
24

 At the extremely low 

concentrations of EE2 that are commonly seen in wastewater treatment plants, the 

oxidation of the substrate by the activated catalyst would be the rate-limiting step. As 

seen in Figure 5-4, 1a/peroxide treatment at pH 7 has a second-order rate constant similar 

to ozone. Compared to ozone, 1a/peroxide has a lower required capital cost, as no ozone 

generators need to be built on site. The energy requirements are also lower relative to 

ozone. 

 

Figure 5-4. Comparison of the rate constant kII for 1a with EE2 to other oxidative 

treatments commonly used in wastewater treatment.  

5.2.2 Characterization of degradation intermediates 

The kinetic data discussed previously was collected by HPLC, and early in this 

investigation it was observed that two peaks were consistently seen with shorter retention 

times (3 and 3.5) minutes than EE2 (5.5 minutes). These peaks would increase in size 
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until EE2 concentration reached a minimum, at which time they too would decrease 

(Figure 5-5).  We concluded that these were potential degradation intermediates, as the 

UV spectra obtained from the diode array detector were very similar to EE2. As we are 

concerned with removing all potential toxic effects of the initial compound, efforts were 

made to isolate and characterize these intermediates.  

 

Figure 5-5. Appearance and subsequent disappearance of intermediate peaks that 

occurs during the degradation of EE2 with TAML catalysts and hydrogen peroxide. 

Conditions:  3.37 × 10
-5

 M (10 ppm) EE2, 3.37 × 10
-4

 M (11.5 ppm) H2O2, 80 nM 1b, 

0.01 M phosphate buffer at pH 7.5. The black circles represent the decay of EE2 and the 

red triangles represent the formation and subsequent decay of three early degradation 

intermediates.  

The characterization of these intermediate species presented a significant 

challenge due to the extremely low solubility of EE2 in water of just over 10 mg/L. In 

order to capture these intermediates, reactions were scaled up to one liter and quenched 
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with catalase when intermediates were at the maximum concentration. The reaction 

mixture was then concentrated using solid phase extraction and isolated using preparative 

HPLC. Negative mode ESI-MS showed mass peaks of 293 (EE2 - H2, -H) and 311 (EE2 

+ O, - H), corresponding to loss of H2 and addition of an oxygen atom respectively. It 

was deemed most probable that the first step involved the oxidative loss of H2 from EE2 

to form alkenes. NMR spectra of the unknown compounds revealed that there were 

actually four compounds in the two isolated fractions, with all four compounds being 

present in different ratios in both fractions.  

Based on the mass data, thorough 1D and 2D NMR analyses were conducted 

looking for possible dehydrogenated or oxygenated derivatives of EE2 (Figure 5-6). The 

presence of species I1, with the alkene between carbons 9 and 11 was confirmed through 

NMR analysis with a sample ordered from Dalton Pharma Services (Toronto, ON). Other 

likely products from benzylic dehydrogenation
25

 were found not to be present. Further 

analysis of the 
1
H and 

13
C and 2D NMR spectra indicated a high probability that I2, I3 

and I4 comprise the remaining members of the product mixture. A possible explanation 

for the HPLC and NMR data is that an initial oxidation intermediate forms which adds 

H2O under the catalytic conditions to give the multiple observed alcohol oxidation 

products. Compound I5 is primed for such water additions under catalytic conditions. An 

analogous product of electrochemical oxidation of E2 has been proposed.
26
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Figure 5-6. Characterized intermediates from the TAML-catalyzed oxidation of EE2. 

In order to rationalize the seemingly contradictory NMR and HPLC data, an 

experiment was run using 0.05% phosphoric acid instead of pure water in the HPLC 

mobile phase. Degradation samples run under these conditions showed that the previous 

two peaks coalesced into one peak with a retention time that was intermediate between 

the original two peaks. Running isolated samples of the two peaks using the same mobile 

phase had the same effect.  This further supports the idea of interconversion between I1, 

I2, I3 and I4. 

5.2.3 Determination of the Effect of TAML/Peroxide Treatment on Sample 

Estrogenicity 

After showing that TAML/peroxide treatment could effectively eliminate measurable 

traces of EE2 and the initial oxidized products, our efforts moved toward assessing the 

ability of this system to mitigate the residual estrogenicity of treated samples. A series of 

biological assays were conducted at Brunel University in collaboration with the Institute 
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for the Environment. The first assay was the yeast estrogen screen (YES).
27

 One liter 

samples of two ppt EE2 solutions were prepared either buffered or unbuffered. To these 

bottles were added an appropriate amount of TAML to give 80 nM catalyst (either 1a or 

1b) and reactions were initiated with an appropriate amount of H2O2 stock solution to 

give an initial [H2O2] of 4.7 × 10
-6

, 4.7 × 10
-5

 or 4.7 × 10
-4

 M (0.16, 1.60 and 16.0 ppb, 

respectively). After 45 minutes the reactions were quenched with catalase, concentrated 

with solid phase extraction, and eluted with ethanol. The ethanol was then concentrated 

to yield a final volume of one mL containing the organic compounds. Only the 

unbuffered sample containing 1a and the lowest concentration of peroxide showed any 

level of estrogenicity according to the YES assay (Figure 5-7). This corroborates studies 

performed at higher concentration and demonstrates that TAML/peroxide treatment is an 

effective treatment for reducing both the measureable amount of EE2 in laboratory 

samples, as well as reducing the estrogenic effects that stem from it.   
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Figure 5-7. Reduction of estrogenicity of TAML/peroxide-treated samples of EE2 

according to the yeast estrogen screen. Conditions: 8 × 10
-8

 M 1a or 1b, 2 ppt (6.7 × 10
-12

 

M) EE2, 0.01 M phosphate buffer (gray bars) or unbuffered, room temperature. The 

estrogenicity is reported as E2 equivalents, and according to this screen, EE2 is three 

times as estrogenic as E2, which is why the EE2 standards are near six ppt instead of two 

ppt. 

Studies were next conducted with fathead minnows under conditions which would 

simulate a small watercourse that receives a substantial portion of its volume from 

wastewater treatment effluent. Laboratory water was spiked with two ppt EE2 and treated 

for 45 minutes with 80 nM 1b and 0.16 ppm (4.7 µM) H2O2 before being allowed to flow 

into tanks containing adult male fathead minnows. This was done in a continuous manner 

and the fish were exposed for a total of 21 days. During this time samples of the water in 

the treated tanks show an average concentration of 0.6 ppt (Figure 5-8, left axis), which is 
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approximately a 90% removal rate. Because EE2 is such a potent estrogen, this 10-fold 

decrease in the concentration correlated to a 100-fold decrease in the amount of 

vitellogenin produced by the fish in the treated tanks (Figure 5-8, right axis). As 

vitellogenin production in male fish is a sensitive indicator of sexual health, this 100-fold 

reduction in the treated samples is quite significant from an environmental health 

perspective. It also illustrates the importance of studying treatment options with a variety 

of methods, as endocrine disrupting compounds do not usually display simple monotonic 

dose-response curves in their effects on exposed organisms. 
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Figure 5-8. Average EE2 concentration and estrogenic activity in treated and 

untreated waters with plasma vitellogenin in male fish exposed to the treatments for 21 

days. EE2 concentration (ng/l, ppt; dark grey bar, 1st Y-axis) was measured by LC-

MS/MS, estrogenic activity (EE2 equivalent ng/l, ppt; light grey bar, 1st Y-axis) was 

measured via in vitro Yeast Estrogen Screen (YES). Plasma vitellogenin (ng/ ml or ppb; 

grey cross X, 2nd Y-axis log scale) concentration in male fathead minnows were 

measured via a quantitative enzyme-linked immunosorbent assay (ELISA). EE2 chemical 

analysis results reported as < 0.03 ppt EE2 (i.e. lower than detection limit (LOD)) were 

treated as having half LOD (i.e. 0.015 ppt EE2) for use in calculations of averages, 

standard error and statistical analysis. EE2 and estrogenic activity are average measured 

concentrations sampled over the 21 day exposure. Plasma VTG was measured prior to 

exposure (baseline) and after 21 days exposure. The treatment regime consisted of; 

Control (water only), 1b/ H2O2 + EE2, H2O2 + EE2, and EE2-only. All error bars 

represent standard error of the mean in all cases.  
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5.2.4 Determination of the Effectiveness of TAML/Peroxide Treatment in 

Municipal Wastewater Effluent 

The previously described studies have shown that TAML/peroxide treatment is an 

effective method for both decreasing the concentration of EE2 in treated water, with a 

rate of reaction comparable to ozone, and in mitigating the estrogenicity of these samples. 

In order for this technology to be widely applied, it needs to display the same 

performance in municipal effluent, where there are other oxidizable species in solution. 

In order to determine this, Dr. Rakesh Kanda, who worked for United Kingdom Water 

Industry Research Limited (UKWIR), performed studies Activated Sludge Process (ASP) 

effluent from a number of wastewater treatment plants in the UK. The treatment 

conditions used 40 nM 1a, 10-150 ppm (2.94 × 10
-4 

‒ 4.41 × 10
-3

 M) H2O2, pH 7-9, and 

15-45 minutes of treatment time (Figure 5-9). Removal efficiencies above 90% were 

obtained in a number of tests, however under the mildest conditions, pH 7 with 10 ppm 

H2O2 and 15 minutes of treatment, removal was at about 22%. Doubling the peroxide 

concentration to 20 ppm increased the removal efficiency to 65% in the same amount of 

time.  

 The ability of TAML/peroxide treatment effectively remove EE2 from municipal 

wastewater effluent is incredibly important. This shows that the catalysts themselves are 

quite robust. It also demonstrates that with an extremely low catalyst loading of 40 nM, 

high catalytic performance remains.  
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Figure 5-9. EE2 in ASP effluent using 1a under varying conditions. Conditions: 

40 nM 1a, 25 °C. 

5.3 Conclusions 

This work shows that TAML/peroxide treatment is highly effective for the removal of 

EE2 from spiked laboratory samples, the mitigation of residual estrogenicity, and 

maintains this effectiveness in ASP effluent. The second-order rate constant for the 

oxidation of EE2 with the activated catalyst is comparable to ozone at pH 7, and 

significantly high than for other oxidative treatments such as hypochlorite and ferrate. 

During the course of oxidation, intermediates are formed which maintain some level of 

estrogenicity. However biological assays show that the estrogenic effects after treatment 

are greatly reduced. Treatment of municipal and industrial wastewater with 

TAML/peroxide is a high-performance technique that can be implemented with little 

capital costs. This work also highlights the importance of collaboration with researchers 
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across disciplines and sectors. As chemists, we would not have been able to show the 

disproportionate decrease of estrogenicity of treated water toward fathead minnows. 

Additionally, without our collaborators at UKWIR, we would not have known whether 

TAML/peroxide is a viable treatment for wastewater effluent.  

5.4 Experimental Section 

5.4.1 Materials 

All solvents were HPLC-grade unless otherwise stated. Analytical-grade EE2 and 

catalase (from Aspergillus niger, 2350 U mg
-1

) were obtained from Sigma-Aldrich. 

Hydrogen peroxide (30% w/w) was purchased from Fluka. The –H2 EE2 derivatives 3, 4 

and 5 were purchased from Dalton Pharma Services (Toronto, ON). All other reagents 

and solvents (at least ACS reagent grade) were obtained from commercial sources 

(Aldrich, Fisher, Acros, and Fluka). TAML activator 1a was obtained from ChemPacific 

and 1b was obtained from GreenOx Catalysts (Pittsburgh, PA). Hydrogen peroxide stock 

solutions were standardized daily spectrophotometrically (ε = 72.4 M
-1

 cm
-1

).
23

 Phosphate 

buffer (0.01 M) was used as the reaction medium. The pH of each reaction mixture was 

adjusted by addition of potassium hydroxide or phosphoric acid solutions. Stock solutions 

of EE2 were prepared in methanol or ethanol (no effect from the alcohol was observed in 

the degradation pathway or rate) and were stored under refrigeration. Stock solution of 1a 

and 1b were prepared in methanol and were stored under refrigeration. Stock solutions of 

catalase (~23,500 U mL
-1

), used to quench the reactions by decomposing excess H2O2, 

were prepared in water and stored under refrigeration for a maximum of one week before 

disposal. 
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5.4.2 Instrumentation and Analysis 

A Shimadzu HPLC system [Shimadzu CMB-20A controller, LC-20AB pump, DGU-

20A3 degasser, SPD-M20A diode array detector, RF-20A XS fluorimeter detector, CTO-

20A column oven, and SIL-20A HT auto sampler] was used for monitoring the oxidative 

degradation of EE2. Chromatographic separation of EE2 and its degradation 

intermediates was achieved using an Agilent Microsorb-MV 100-5 C18 (250 mm x 4.6 

mm, 5 µm particle size) column. HPLC analysis conditions were: 25-uL injection 

volume, 40 ˚C column temperature, and isocratic elution using 40% acetonitrile and 60% 

water at 1 mL min
-1

 flow rate. The HPLC diode array detector was set to a 200 – 450 nm 

range and the fluorimeter detector was set to λex = 220 and λem = 305 nm. The retention 

times of EE2 and its estrogenic degradation intermediates under these conditions were, 

respectively, 5.2, 3.0, and 3.4 minutes. ESI-MS analyses were performed using a 

Finnigan LCQ MS ion trap with ESI detection. A Bruker 500 MHz NMR instrument was 

used for 
1
H and 

13
C NMR studies (1D and 2D) at 300 K. The pH measurements were 

acquired with a Corning 220 pH meter calibrated with standard buffer solutions at pH 4, 

7, and 10. 

5.4.3 Degradation Comparison at Varying pH 

A volume of methanolic EE2 stock solution was added to an aqueous solution of 

phosphate buffer (0.01 M) at the desired pH (pH 6.0, 7.5, and 9.0) and was sonicated at 

40 ˚C for 20 minutes to ensure a homogenous solution, then cooled to room temperature. 

To this solution, a volume of catalyst stock (1a or 1b) solution was added to achieve a 

concentration of 80 nM. An aliquot of the reaction mixture was analyzed by HPLC to 
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measure the initial concentration. To the remaining reaction mixture, a volume of H2O2 

was added to initiate the reaction. The concentration of EE2 was monitored by HPLC 

various time intervals (e.g. pH 7.5 - Figure 1), either by direct injection of the reaction 

mixture into the instrument (1a, pH 6 and 7.5), or by quenching 1 mL aliquots with 10 

µL of catalase solution in an HPLC vial. The concentrations of each component in the 

reaction mixture are as follows: 33.7 M (10.0 ppm) EE2, 80.0 nM (0.04 ppm) 1a or 1b, 

337.4 M (11.48 ppm) H2O2. 

5.4.4 Determination of kII at pH 7  

The second-order rate constant kII was determined by measuring the initial rate of 

degradation at varying concentrations of EE2. The concentration at given time points was 

determined by HPLC analysis as described in section 2.4.3. The data was then plotted in 

a modified Lineweaver-Burke plot to linearize the data, with the slope of the line being 

equal to 1/kII. The value of kII determined in this manner was (8.6 ± 0.5) × 10
5
 M

-1
 s

-1
. To 

verify this value, EE2 was subjected to catalyzed degradation under conditions in which 

kII would be rate-limiting (kI[H2O2]>>kII[EE2]). This resulted in an exponential decay 

curve for EE2 which was linearized by plotting ln(a0/at) versus time (Figure 5-3B). The 

slope of the line is equal to kII[1a]. This resulted in value for kII of (9.4 ± 0.2) × 10
5
 M

-1
 s

-

1
, which is within error of the previously calculated value. 

5.4.5 Degradation of EE2 to Isolate Reaction Intermediates 

An appropriate volume of EE2 stock solution was added to a 1L aqueous solution of pH 

9.0 phosphate buffer (0.01 M) and was sonicated at 40 °C for 20 minutes to ensure a 

homogenous solution, then cooled to room temperature. To this solution, an appropriate 
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volume of 1a stock solution was added. Degradation was then initiated by addition of an 

appropriate volume of H2O2 stock solution. At the experimentally determined time of 

maximum intermediate concentration, 1 mL of catalase was added to quench the 

remaining H2O2 in the reaction mixture. The concentrations of each component in the 

reaction mixture are as follows: 33.7 µM (10.00 ppm) EE2, 80.0 nM (0.04 ppm) 1a, 

337.4 µM (11.48 ppm) H2O2. This sample was concentrated using solid phase extraction 

(Phenomenex Strata-X, 12 mL Gigatubes with 1g sorbent). The SPE cartridges were 

eluted with acetonitrile and concentrated to 500 µL for purification with preparative 

HPLC. 

5.4.6 Degradation of EE2 for Yeast Estrogen Screen (YES) assays  

An appropriate volume of EE2 stock solution was added to a 500 mL aqueous solution of 

either unbuffered water or pH 7.5 phosphate buffer (0.01 M) to give a concentration of 

6.75 × 10
-12

 M (2 ppt). To this solution, an appropriate volume of either 1a or 1b stock 

solution was added to achieve a concentration of 8 × 10
-8

 M. Degradation was then 

initiated by addition of an appropriate volume of hydrogen peroxide stock solution to 

give 4.7 × 10
-6

, 4.7 × 10
-5

, 4.7 × 10
-4

 M (0.16, 1.6, 16 ppm). After 45 minutes, the 

reaction was quenched with catalase, concentrated with SPE, and eluted with ethanol. 

The organic mixture in ethanol was then concentrated to yield a final volume of 0.5 mL. 

The concentrations of each component in the reaction mixture are as follows: 6.75 pM (2 

ppt) EE2, 80.0 nM (0.04 ppm) 1a or 1b, 4.70 µM (0.16 ppm), 47.03 µM (1.6 ppm), or 

470.31 µM (16 ppm) H2O2. 
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5.4.7 Degradation of EE2 and Removal of Estrogenicity towards Fathead 

Minnows 

5.4.7.1 Test organism 

Fathead minnows for the in vivo study were bred and reared at Brunel University’s U.K. 

Home Office licensed aquatic facility. Adult male fathead minnows (18 months old) were 

maintained in the tanks at 25°C ± 1°C with a photoperiod of 16:8 h light:dark. Fish were 

fed frozen brine shrimp twice a day and flake food once a day. 

5.4.7.2 Experimental design 

For the in vivo assay the four treatments were 1) negative control (no chemicals added), 

2) positive control (EE2 only), 3) hydrogen peroxide treated EE2 (H2O2 and EE2) and 

finally 4) 1b/peroxide-treated EE2 (1b, H2O2 and EE2). Each treatment regime consisted 

of two replicate tanks each with 8 male fathead minnows. The experimental set up 

consisted of eight 11 L glass aquaria each fed with continuous flow of water (Figure 10). 

Individual chemical stock solutions (EE2 in 0.1% ethanol in double distilled water 

(ddH2O), 80μM TAML 2 in ddH2O and H2O2 in ddH2O) and filtered dechlorinated water 

were delivered to mixing chambers (2 L aspirator bottles, working volume 1.5 L) at a rate 

of 0.033 mL/min (via Watson Marlow multichannel peristaltic pump) and 33.33 mL/min 

(via gravity fed flow meter) respectively. This gave a thousand-fold dilution and nominal 

concentrations (without reaction) in the mixing vessels of 2 ppt EE2, 80 nM 1b, 0.16 ppm 

H2O2. Water in the mixing vessels was continuously stirred by magnetic stirrer, and 

mixing time within the vessel was approximately 45 minutes before entering the tanks. 
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Each chemical stock (EE2, H2O2 and 1b) was prepared and dosed separately so that the 

reaction only occurred in the mixing vessels (Figure 5-10). 

 

Figure 5-10. Diagram detailing the experimental setup for exposing fathead minnows to 

test solutions. 

The fish (mean wet weight 3.9 ± 0.3 g) were placed into their tanks 1 week prior 

to chemical exposure to acclimatize. An additional 5 male fish were also included at this 

time to be sampled before chemical addition to provide baseline vitellogenin (VTG) data 

on day 0 of the assay. Dissolved oxygen (6.5 ± 0.4 mg/L), pH (8.3 ± 0.1) and water 

temperature (25.5 ± 0.2 °C) were recorded daily, as was the functioning of the dilution 

and dosing system. On days 6, 13 and 20 water samples were collected from the exposure 
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tanks for estrogenic (EE2 and estrogenic activity) analysis. Water samples were collected 

in large, 5 L silanized glass beakers and treated with catalase (Sigma-Aldrich) to a final 

concentration of 0.2 ppm to prevent further reaction. Water samples were split between 

LC-MS/MS EE2 analysis and YES analysis. Samples for EE2 analysis were fixed with an 

acidified copper nitrate (HCl/Cu(NO3)2) to prevent biological degradation. Analysis was 

conducted by LC-MS/MS with a limit of detection of 0.03 ppt. Technical replicates, 

blanks and EE2 spiked samples were also analysed (LC-MS/MS and YES). 

On days 0 and 21 fish were sampled for plasma VTG. Fish were terminally 

anaesthetized with buffered MS-222 (Sigma-Aldrich) as approved by the U.K. Home 

Office (Animals (Scientific Procedures) Act 1986), and blood was collected from the 

caudal vein using a heparinized hemocrit tube. Plasma was collected by centrifugation at 

7,000 g for 5 min at 4 °C and stored at -80 °C until analysis. Fish fork length and wet 

weight were measured and recorded for each fish sampled; condition factor was 

calculated as (fish weight/fork length
3
) × 100. Plasma VTG concentrations were 

measured using a homologous VGT kit designed specifically for fathead minnows 

(Biosense Laboratories, Norway). Plasma samples were diluted 1:50, 1:5,000, and 

1:500,000 and assayed in duplicate according to the manufactures protocol. 

5.4.7.3 Statistical analysis 

Data (fish metrics and EE2 concentrations) were tested for homogeneity of variance, 

parametric data was further analyzed using oneway ANOVA (followed by Least 

significant difference (LSD) post hoc analysis), non parametric data was analyzed using 

Kruskal-Wallis Test (followed by Mann-Whitney U test post hoc analysis). EE2 chemical 
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analysis results reported as <0.03ppt EE2 (i.e. lower than detection limit (LOD)) were 

treated as having half LOD (i.e. 0.015ppt EE2) for use in calculations of averages, 

standard error and statistical analysis. Data on biomarker responses were compared using 

oneway ANOVA followed by Turkey’s post hoc test (VTG data were log10 transformed 

prior to analysis). For EE2 and VTG concentrations independent T-tests were also used to 

assess if any significant differences occurred between tanks of the same treatment regime 

(tank effects). Statistical analysis were conducted using SPSS version 18. Differences 

were considered significant at p ≤ 0.05. 

5.2.8 Degradation of estrogens in Activated Sludge Process (ASP) effluent 

Effluent was received from activated sludge sewage treatment plants in the UK. Samples 

were divided into containers of 2.5 L volume and stored at room temperature. For 

samples tested at higher pH, the pH was adjusted with sodium hydroxide. Catalyst 1a and 

H2O2 were added to each sample and allowed to react for the designated amount of time. 

The reaction was quenched by addition of a reducing agent (ascorbic acid) to stop the 

oxidation reaction after a pre-determined time. An aliquot (2.5 L) of the post reaction 

sample was transferred to a glass container, which was preserved with 3% v/v 

hydrochloric acid and 0.25% copper (II) nitrate. Samples were extracted using styrene-

divinylbenzene solid phase extraction cartridges and cleaned up using aminopropyl solid 

phase cartridges followed by gel permeation chromatography and analysed using LC-

MS/MS to determine the percent removal of the estrogens studied. 
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