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Abstract 
 
Two flash photolysis methods for studying the PCET mechanism of [Fe2(L)(CO)6] complexes were used [L = 
propanedithiolate (pdt) or benzenedithiolate (bdt)]. Reduction of the [Fe2(L)(CO)6] complexes by reductively 
quenched [Ru(L)3]+ species, yielded kET=2.18*109s–1 for [Ru(bpy)3]+ and kET=3.49*109s–1 for [Ru(dmbpy)3]+ [L = 
2,2’-bipyridine (bpy) or 4,4’-dimethyl-2,2’-bipyridine (dmbpy)]. This indicates largely diffusion-controlled reactions. 
Due to the quick ET kinetics of the initial system, a slower system utilizing bipyridinium compounds as reducing 
agents was used. The bipyridinum compounds were N,N’-dimethyl-4,4’-bipyridinium2+ (MV2+), N,N’-dimethyl-2,2’-
bipyridinium2+ (DM2+) and 4,4’,N,N’’-tetramethyl-2,2’-bipyridinium2+ (TM2+). With this system we have showed that 
MV•+ radicals accumulate when [Fe2(bdt)(CO)6] is present in oxygen free environment. This is a promising result as 
it may facilitate studying slow CEP reactions. Additionally, the data indicates that singly reduced [Fe2(bdt)(CO)6]– is 
formed in the precense of DM•+. In samples with TsOH the [Fe2(bdt)(CO)6]– signal is not seen, indicating formation 
of the protonated [Fe2(bdt)(CO)6H] species in a PCET reaction. The PCET mechanism cannot be discerned from 
the data currently available, but will be the topic of further study.  
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Abbreviations  
 
ET  Electron Transfer 
PT  Proton Transfer 
TS  Transition State 
PCET  Proton Coupled Electron Transfer 
ETPT  ET initiated PCET 
PTET  PT initiated PCET 
CEP  Concerted PCET 
KIE  Kinetic Isotope Effect 
ISC  Intersystem Crossing 
A  Acceptor 
D  Donor 
Q  Quencher 
PS  Photosensitizer 
CV Cyclic voltammogram 
FTIR  Fourier Transform Infrared Spectroscopy 
 
pdt  propanedithiolate 
bdt  benzenedithiolate 
bpy 2,2’-bipyridine 
dmbpy 4,4’-dimethyl-2,2’-bipyridine 
MeCN Acetonitrile 
TTF Tetrathiafulvalene 
TsOH p-toluenesulfonic acid 
MV2+ N,N’-dimethyl-2,2’-bipyridinium2+ (methyl viologen) 
DM2+ N,N’-dimethyl-4,4’-bipyridinium2+ 
TM2+ 4,4’,N,N’’-tetramethyl-4,4’-bipyridinium2+ 
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1. Introduction 
 

Increased energy demands of the ever-growing global population present one of the greatest 
challenges for modern society. Although fossil based fuels can sustain us for some time, they will 
not last forever. Additionally, the climate issues that come with them may prove to be a major 
concern. As of today, no renewable technology is available that can match the scales required to 
replace fossil fuels, and major research efforts must be put into exploring novel approaches.  

Fossil fuels are the only source currently able to supply the amount of energy required in a 
form accessible to us. They are, however, nothing more than solar energy stored in chemical 
bonds. We know how to collect solar energy; reasonably priced solar cells converting sunlight to 
electricity at over 20% efficiency are readily available. The issue lies in storage. As of today, there 
are no robust and cost effective ways of storing energy from sunlight. To mediate this, a large 
research effort is being put into artificial photosynthesis – the science of storing energy from the sun 
in chemical bonds.  

An important part in the artificial photosynthesis effort is finding cheap and efficient 
catalysts for fuel formation and combustion processes. Catalysis is a complex topic, and rational 
design choices are often inhibited by lack of mechanistic understanding. In this work, we study 
the reaction mechanisms of bio-inspired metallo-organic molecular catalysts. These compounds 
constitute an attractive group of catalysts, since their properties can be fine-tuned through ligand 
modification. 

The transfer of protons and electrons is of utmost importance to fuel formation processes. 
Often electron transfer (ET) and proton transfer (PT) reactions are coupled, giving rise to so-
called proton coupled electron transfer (PCET) reactions. These reactions can either proceed 
through stepwise mechanisms, where isolated transfer of an electron or a proton initiates the 
reaction, or through concerted mechanisms (CEP) where electrons and protons transfer 
simultaneously. The concerted pathways avoid high-energy intermediates and thus offer lower 
overall activation barriers; this in turn leads to lower over-potential requirements, which may 
allow higher catalytic efficiencies. Observations of CEP in metal complexes are rare. Recently, 
however, Hammarström and co-workers demonstrated a concerted pathway in a tungsten-
hydride complex. The ET reaction rates were measured over a range of pKas and reduction 
potentials by stopped-flow methods. By comparing the trends in observed oxidation rates with 
those expected from theory, it was shown that for weak oxidants a CEP pathway is favored over 
the otherwise dominant electron transfer initiated pathway.1 This has opened a new venue for 
PCET research, spurring interest in applying similar strategies to other metal-hydride complexes.  

Hydrogenase enzymes are the most efficient naturally occurring hydrogen evolving catalysts 
known. The iron containing metal centers that drive the catalytic reactions have been extensively 
studied, and a great number of molecular analogues have been explored as hydrogen evolving 
catalysts.2–4 Mechanistic studies on these compounds are of interest both to further the 
understanding of molecular catalysts and to better understand enzymatic processes. The 
Hammarström group has put significant effort into mapping the mechanistic behavior of these 
compounds – most recently through a study on the mechanism of hydrogen evolution of 
[Fe2(bdt)(CO)6] (bdt = benzenedithiolate). The study showed that under strongly reducing 
conditions the singly reduced [Fe2(bdt)(CO)6]

– complex is formed, which in the presence of acid 
forms the protonated [Fe2(bdt)(CO)6H] complex.5 Under these conditions, electron transfer 
initiated PCET is likely. However, the PCET pathway has not been studied and it is plausible that 
it may involve a concerted mechanism under less strongly reducing conditions. The aim of this 
study is to serve as an initial foray into the PCET mechanism of [Fe2(L)(CO)6] complexes, where 
L is benzenedithiolate (bdt) or propanedithiolate (pdt). By this, we hope to further the work on 
the tungsten-hydrides to systems that are of greater relevance to catalysis and biology. 
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2. Background 

2.1. Theoretical background 
 
This chapter will outline some of the theoretical 
backdrop of the project. It is not required for the 
general understanding of the rest of the thesis. 
However, it may be of interest to those who want a 
deeper understanding of the processes studied in this 
work. 
 

2.1.1. Electron Transfer  
 
To provide a framework for the PCET theory 
described later in this chapter, some fundaments of 
electron transfer theory are discussed here. Electron 
transfers (ET) constitute one of the basic classes of 
chemical reactions, and are ubiquitous in all fields of 
chemistry. R.A. Marcus first presented the classical 
electron transfer theory in the 1950's – since then 
several modified variants have been conceived that 
better describe cases were the classical treatment is not adequate.6–8 The focus of this 
presentation will be on bimolecular outer-sphere electron transfer, meaning electron transfer 
occurring in solution between separate reactants. 

To understand electron transfer, one has to first understand the contributions to the free 
energy of the states involved. In solution, the free 
energy depends not only on the vibrational and 
conformal modes within the reacting molecules (inner-
sphere contributions), but also on the modes of the 
surroundings (outer-sphere contributions). Solvent 
interactions become particularly important in polar 
media, as movement of charge necessarily requires the 
solvent molecules to reorganize in response to the 
new charge distribution – leading to a large number 
of reaction coordinates. Combination of these 
coordinates into an overall reaction coordinate leads to the free energy parabolas presented in 
figure 1(a). In this depiction the left parabola represent the free energy of the reactant state and 
the right parabola the free energy of the product state. The ground state configurations 
correspond to the minima on the respective parabolas, while the intersection corresponds to the 
transition state (TS). At the TS there is no free energy change associated with moving the electron 
from the donor to the acceptor. As the reactants move along the abscissa, their nuclei reorganize 
towards the equilibrium configuration of the products. The electron transfers at the intersection, 
yielding an excited product state that then relaxes to its equilibrium configuration.  

Before ET, bimolecular reactions in solution must first be initiated by a diffusion controlled 
step were the reactants approach each other forming a precursor complex, in which they are near 
enough to have sufficient electronic coupling for ET. In simple systems, the electronic coupling 
can be expected to depend exponentially on the distance between the reactants, as the electronic 
wave functions decay exponentially with increasing radius. After ET the products relax to a 
successor complex, which ultimately dissociates yielding the products. The kinetics of the electron 
transfer step can be observed if electron transfer is significantly slower than the initial diffusion 

Figur 1 (a) In this depiction the left parabola 
represents the free energy of the reactant state and the 
right parabola the free energy of the product state. 
The ground state configurations correspond to the 
minima on the respective parabolas, while the 
intersection corresponds to the transition state. The 
free energy of reaction ( 𝚫𝐆𝐨 ), activation energy 
(𝚫𝐆‡) and reorganization energy (𝛌 ) is indicated. (b) 
Parabolic dependence of log k on the standard free 
energy, as expected from equation (2). Both figures 
were reprinted with permission from Irebo (2010).8 
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step. In the original Marcus expression – where nuclear motion is treated classical, the ET rate 
constant depend on three factors: the transmission coefficient (𝜅!") describing the probability for 
electronic transition, the collision frequency (𝜈!) indicating the frequency of passage through the 
TS and the free energy of activation (Δ𝐺‡). These contributions yield the Arrhenius-like rate 
constant expression in eq. (1) and (2). 

 
𝑘!" = 𝜅!"𝜈!𝑒!!!

‡/!!! (1) 
 

Δ𝐺‡ = !!!!! !

!!
 (2) 

 
where 𝑘!  is the Boltzmann constant and T  the absolute temperature. The free energy of 
activation depends on the standard free energy of reaction (Δ𝐺!) and the reorganization energy 𝜆 
according to eq. (2). As shown in figure (1a), the reorganization energy equals the free energy 
change associated with moving along the reactant free energy curve from the equilibrium 
coordinate of the reactants to the equilibrium coordinate of the products. In other words, the 
energy it would take to rearrange all the nuclei in the reactant so that they are in the equilibrium 
positions of the products without transferring the electron. As indicated above, the 
reorganization energy has both inner-sphere and outer-sphere contributions. 

The expression in equation (2) leads to a parabolic dependence of log 𝑘 on −Δ𝐺!, shown in 
figure 2. When −Δ𝐺! is small, so that −Δ𝐺! < 𝜆, the reaction is in the normal region and the 
electron transfer rate increases with increasing −Δ𝐺!. At −Δ𝐺! = 𝜆 the reaction is said to be 
activation-less and reaches its highest possible rate (𝑘!" = 𝜅!"𝜈!). However, when −Δ𝐺! > 𝜆 the 
reverse dependence is observed. The reaction is now in the so-called Marcus inverted region, where 
the rate of electron transfer decreases with larger −Δ𝐺!. For reasons which will not be discussed 
here, the parabolic dependence is often not as pronounced in the inverted region making it 
difficult to observe experimentally.  

The expressions are derived by applying the Born-Oppenheimer approximation and the 
Frank-Condon principle; it thus assumes that the nuclei stay fixed while the electron transfers. 
For non-adiabatic reactions, where the probability for electron transfer is low at the TS (𝜅!" ≪ 1), 
nuclear tunneling must also be accounted for. At very low temperatures, and in the inverted 
region similar considerations are required. Non-adiabatic reactions therefore require more 
complex expressions for the rate constant, based on quantum mechanical treatments. For PCET 
reactions the motion of protons is necessarily involved, making these treatments highly relevant 
for the reactions studied in this work. Eq. (3) shows a semi-classical expression often used for 
non-adiabatic reactions in the high temperature limit. Here, the inner-sphere is treated quantum 
mechanically while other-sphere contributions, for example from the solvent, are treated 
classically.8 
 

𝑘!"   =
!!"
!

ℏ
!

! !!!
𝑒𝑥𝑝 − !!!!!

!

!! !!!
 (3) 

 
In this equation ℏ is the reduced Planck’s constant, 𝑘!  the Bolzman constant and VET  the 
vibrational coupling between the donor and acceptor orbitals. A discussion on the derivation of 
this expression and the background of the vibrational coupling term is outside of the scope of 
this work. The interested reader can find more in depth descriptions in the literature. 6–8 
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2.1.2. Proton Transfer 
 
A brief overview of proton transfer (PT) theory is described below. It is a complex topic, and we 
will therefore only discuss the areas most relevant to the PCET reactions in this work. The 
presentation is largely inspired by the description in the thesis of Tania Irebo.8 The interested 
reader is referred to the literature a more comprehensive overview.9,10 

Early treatments of PT were described through a classical transition state (TS) model. Basic 
descriptions of TS theory can be found in elementary physical chemistry books, such as Atkins'.11  
However, the rate of PT changes if the proton is exchanged for a deuteron, giving rise to so-
called kinetic isotope effects (KIE), which could not be explained by the classical model. To 
account for KIEs the model was initially modified by the addition of zero-point energies, and 
later on by correcting for proton tunneling. Tunneling becomes important due to the large 
delocalization afforded by the small mass of the proton.10 In modern treatments the proton is 
generally considered fully quantum, so that it may be transferred in an ET like reaction – where 
the proton tunnels while the other nuclei stay fixed. PT can be defined by two classes of reaction: 
adiabatic PT where the proton does not need to tunnel through an energy barrier, and non-
adiabatic PT where transfer requires tunneling through a barrier. It may seem counter-intuitive, 
but even for adiabatic PT the reaction needs to be treated quantum mechanically due to the small 
mass of the proton.10 Figure 2 (a) shows the free energy parabolas for a donor (D) and an 
acceptor (A), while (b) shows the position of the D and A energy wells as a function of proton 
coordinate. At the D ground state configuration the energy well for the proton is significantly 
lower on D than it is on A. As we move along the reaction coordinate towards the TS, the D and 
A energy wells become increasingly similar. At the TS the zero-point energies are equal and PT 
can occur. After PT A relaxes to its ground state configuration, decreasing the energy of its 
potential well, while increasing that of the D. 

 
Figur 2. (a) The free energy surface for donor (D) and acceptor (A). (b) The position of the D and A potential wells as a 
function of proton coordinate. Figures reprinted with permission from Irebo (2010).8   

KIEs are commonly used to separate adiabatic and non-adiabatic PT.  In adiabatic PT the main 
contribution is the higher energy barrier afforded by the lower zero-point energy of the deuteron. 
However, this difference in activation energy only results in a small KIE. For non-adiabatic 
reactions, where the proton needs to tunnel, the KIE is often much larger. This is explained by 
the shorter wavelength of the deuterium wave functions. The resulting smaller wave function 
overlap reduces the vibrational coupling, inhibiting efficient tunneling and explaining the larger 
KIE. 
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2.1.3. Proton Coupled Electron Transfer  
 
Proton coupled electron transfer (PCET) 
reactions are essential to many biological systems, 
and important to renewable fuel solutions – such 
as artificial photosynthesis.12–16 PCET reactions 
differ significantly from ordinary ET or PT 
reactions in that the redistribution of charge 
accompanying the transfer of one strongly affects 
the transfer of the other.15 Figure 3 illustrates the 
possible reaction pathways for PCET. Along 
the edges we find the limiting cases, where the 
ET and PT occur in separate steps. The ET 
initiated process is termed ETPT and the PT 
initiated process PTET. These pathways occur 
through well-defined intermediates, with an 
endothermic initial step. In fact – the defining 
feature of a PCET reaction is that the initial PT 
or ET steps are thermodynamically uphill, while 
the total reaction is downhill. Within the 
parallelogram, the proton and electron transfers 
simultaneously; these reactions are termed 
concerted proton coupled electron transfers 
(CEP). Most commonly, CEP is treated as if it 
occurs on the limiting diagonal pathway – 
minimizing the charge buildup during the 
reaction. However, this may not always be the 
case. A concerted reaction may proceed through 
any pathway within the parallelogram.15 In any 
case, CEP pathways experience a lower overall 
energy barrier and will often be favored when 
the driving force for either of the stepwise 
pathways are low. It is reasonable to separate 
PCET reactions into two classes: stepwise pathways and concerted pathways. Hydrogen atom 
transfers, where a proton and an electron transfer simultaneously and from the same orbital, are 
commonly not included in the PCET definition. However, some authors add HAT as a third 
class of PCET reaction.17  

CEP is often classified by the lack of a stable intermediate; the reaction proceeds through a 
single transition state. It is best described as a non-adiabatic transition between the reactant and 
product states.13 Figure 4 shows Marcus-like free energy surfaces for a CEP reaction. As we move 
along the reaction coordinate the position of the energy wells change, as described in the 
previous chapter. However, here, the change in the energy of the potential wells is connected to 
the transfer of an electron. One possible way of imagining a CEP is the electron moving back 
and forth between the donor and the acceptor, slowly pulling the proton across the barrier.15 The 
kinetics of CEP becomes significantly more complex than for simple ET or PT reactions. The 
movement of charge involved in both transfer of electrons and transfer of protons perturb the 
terms in the rate constant expressions for ET (eq. 3) and PT, thus changing the conditions as the 
reaction progresses. Additionally, both the proton and the electron can tunnel, further 
complicating the analysis. Several rate constant expressions are available for various limiting 
cases. The interested reader is referred to the work by Hammes-Schiffer and co-workers.13  

Figur 3. Illustration of the PCET pathways. Along the edges 
we find the limiting cases, where the ET and PT occur in 
separate steps. Within the parallelogram, the proton and 
electron transfers simultaneously. Figure reprinted with 
permission from Reece (2009).15 

Figur 4. Marcus-like free energy surfaces for a CEP 
reaction. As we move along the reaction coordinate the 
position of the energy wells change, as described in the 
previous chapter. Figure reprinted with permission from 
Hammes-Schiffer (2010). Copyright 2010 American 
Chemical Society.13 
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The PCET pathway depends on the kinetics of the available paths, which in turn are 
determined from the driving force and reorganization energy. For ETPT the kinetics depend only 
on the rate of ET and thus on the difference in reduction potential between the reactant and the 
intermediate. For PTET we need only consider PT rate, which is controlled by the difference in 
pKa. However, for CEP both the ET and the PT driving force contribute to the overall kinetics. 
These arguments can be used when determining which pathway is dominant. The rate of an 
ETPT should only depend on the difference in reduction potential, while the rate of a PTET 
reaction depend only on the difference in pKa. On the other hand, the CEP kinetics depends on 
both. Therefore, by observing the kinetic trends based on acid concentration and reduction 
potentials of the donor and acceptor, one can determine the mechanism. That said, one must be 
careful to choose reactants so that the reorganization energy is near constant as the analysis may 
otherwise give erroneous results. Also, pre-equilibrium followed by rapid protonation or electron 
transfer may confuse the analysis if not properly accounted for. 

As mentioned earlier, at high driving force the stepwise mechanism are often faster while 
concerted mechanisms may dominate for low driving force reactions. Low driving force results in 
slow reaction rates, meaning that CEP is usually observed under conditions where the rate of 
reaction is slow. This puts additional constraints on the methods that can be used to detect CEP 
pathways, as the reagents used must be long lived. 

 

2.2. Spectroscopy 
 
This chapter will give an introduction to the spectroscopic techniques used in this work. Some 
general principles behind UV-visible and IR spectroscopy will be discussed, followed by an 
overview of transient spectroscopy and the instrumentation used. 

The basis for spectroscopy is the interaction between light and matter, and the energy 
changes brought about when such interactions occur. In this work, we are particularly interested 
in the absorption of photons by small molecular compounds, and will therefore limit the 
discussion to that topic. Depending on the energy regime of the photons, absorption may bring 
about electronic, vibration or rotational transitions. Due to the quantized nature of photons and 
the discrete energy levels of molecular compounds, only photons with certain energies can be 
absorbed.  

In the UV-visible regime, absorption occurs through electronic transitions, resulting in 
electronically excited states (denoted *). An electronically excited singlet state can decay through 
three pathways: fluorescence (f), intersystem crossing (ISC) and internal conversion (IC). For the 
compounds used in this study, we are mainly concerned with deactivation through ISC. ISC 
consists of forbidden transitions from a singlet excited states S* to a triplet excited states T*. 
These transitions become weakly allowed for compounds with large spin-orbit coupling. Large 
spin-orbit coupling is generally found for compounds with heavy metal centers, such as the 
Ru(L)3 compounds used in this work, for with the ISC quantum yield is close to unity.18 Reactions 
1-3 demonstrate the excitation and deactivation pathway of [Ru(bpy)3]

2+, including  the emissive 
deactivation of the T* state by phosphorescence. 

 
1   𝐸𝑥𝑖𝑡𝑎𝑡𝑖𝑜𝑛                   Ru(bpy)!

!
!! + ℎ𝜈!"#   ⟶ Ru(bpy)!

!
!!∗     

(2)  𝐼𝑆𝐶                                           Ru(bpy)!
!
!!∗ ⟶ Ru bpy!

!
!!∗   

3   𝑃ℎ𝑜𝑠𝑝ℎ𝑜𝑟𝑒𝑠𝑐𝑒𝑛𝑐𝑒   Ru(bpy)!
!
!!∗ ⟶ Ru bpy!

!
!! + ℎ𝜈!   

 
Because the triplet-singlet transition in step 3 is disallowed, the lifetime of the T* state becomes 
much longer than what is observed for S* states. Also, due to vibrational relaxation within both 
the S* and the T* state, the phosphorescence wavelength will be significantly red-shifted from the 
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absorption wavelength. The long lifetime of the T* state is important in this study, as it makes 
molecular quenching highly likely when quenchers are present.  

Within the IR range, excitation occurs through stimulation of vibrational modes within the 
molecules. However, not all vibrational modes are IR active; only transitions that result in a 
change in dipole moment absorb in the IR range. Therefore, homonuclear diatomic molecules 
such as N2 and O2 are not IR active, while CO2 is. By the 3n-5 rule for linear molecules, CO2 has 4 
vibrational modes. These are symmetric stretch, asymmetric stretch and two degenerate bending 
modes corresponding to different directions in 3d. There are thus three IR active modes in CO2, 
but we only see two peaks, as the two bending modes are degenerate. For [Fe2(bdt)(CO)6]  the 
peaks of interest are those related to the six carbonyls.  

The kinetics of short-lived species can be observed by flash photolysis, which involves 
probing reactions initiated by short laser pulses. When coupled to spectroscopic detectors, these 
techniques are often termed transient spectroscopy. The pulse width of the laser flash used can 
vary between milliseconds and attoseconds, although most measurements are conducted in the 
nanosecond to femtosecond range. The different time scales are suited for studying different 
phenomena. For example, electronic excitation and electron transfer within molecules occur on 
femtosecond time scales, and is therefore best studied in that regime. On the other hand, decay 
of T* states through phosphorescence and many chemical reactions between separate molecules 
in solution occur on the nanosecond timescale. In this work we use a nanosecond system, as the 
phenomena studied are phosphorescence and electron transfer between discrete molecules in 
solution, where the diffusion limit (approximately 1010 M-1s-1 in acetonitrile) sets the limit for what 
can be observed. The instrumentation used in this study is capable of recording full transient 
spectra at given time points, as well as kinetic traces at given wavelengths. 

The Hammarström lab has extensive experience using photosensitizers as electron donors 
and electron acceptors. Whether the photosensitizer acts as a donor or an acceptor depends on 
the quenching agent (Q) chosen; electron-donating quenchers produce reduced photosensitizers, 
and electron-accepting quenchers give oxidized photosensitizers. The reaction scheme for 
reductive quenching of a photosensitizer PS by a donor D is given below. 
 
 
4   𝐸𝑥𝑐𝑖𝑡𝑎𝑡𝑖𝑜𝑛                𝑃𝑆 + ℎ𝜈  ⟶ 𝑃𝑆∗  
5   𝑄𝑢𝑒𝑛𝑐ℎ𝑖𝑛𝑔              𝑃𝑆∗ + 𝐷  ⟶ 𝑃𝑆– + 𝐷!  
6   𝑅𝑒𝑐𝑜𝑚𝑏𝑖𝑛𝑎𝑡𝑖𝑜𝑛  𝑃𝑆– + 𝐷! ⟶ 𝑃𝑆 + 𝐷   

 
Unless a secondary reaction path is available, the initial charge-separated state produced in 
reaction (5) will recombine through reaction (6). Recombination reactions are second-order, and 
under the assumption that 𝑃𝑆! = 𝐷!  the rate of recombination is given by eq. 5, derived 
below. The same derivation holds for oxidative quenchers.  
 
!   !"–

!"
= −𝑘!"#   𝑃𝑆– 𝐷! = −𝑘!"#   𝑃𝑆–

!
                                        ⟺  

Separation of variables and integration yields, 
!   !"–

  !"–
! = −𝑘!"#𝑑𝑡     

!

  !"–
!

− !

  !"–
= −𝑘!"#𝑡                          ⟺   

  𝑃𝑆– = !
!

  !"–
!

!!!"#!
=

  !"–
!

!!   !"–
!
!!"#!

   (5)  

 
Recombination is usually strongly thermodynamically favored, resulting in near diffusion 
controlled reaction rates. Nevertheless, as the rate of second order reactions depend on the initial 
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concentration – which in our experiments is rather low, we observe comparatively slow 
recombination rates. 

When a quencher is present, so that quenching pathway (5) is available, the rate of 
quenching can be calculated from the emission life time of PS*. The emission lifetime is easily 
measured through flash quench methods. Given that the concentration of Q is significantly 
greater than the concentration of PS*, the reaction becomes pseudo-first order and can be fitted 
to eq. 6. Following derivation shows the validity of eq. 6. A reductive quencher is used for the 
derivation, but it could have as easily been done for an oxidative quencher. The rate of PS* decay 
is second order with respect to [PS*] and [D], but [D] becomes approximately constant if it is 
much larger than [PS]*. We get the following derivation: 

 

!   !"∗

!"
= −𝑘! 𝑃𝑆∗ 𝐷 ≈ −𝑘!! 𝑃𝑆∗ ,  where   𝑘!! = 𝑘! 𝐷 .    

Separation of variables and integration yields   
!   !"∗

!"∗
!"∗

!"∗ !
= −𝑘!! 𝑑𝑡

!
!   ⟺ ln !"∗

!"∗ !
= −𝑘!! 𝑡                  ⟺  

𝑃𝑆∗ = 𝑃𝑆∗ !𝑒!!!
! !   = 𝑃𝑆∗ !𝑒!!/!     (6) 

 
where 𝜏 = !

!!
!  is the observed life time. Note that excitation occurs on a different time scale than 

quenching, which means that our expression does not have to account for formation of PS*. 
Single exponential fitting can thus be used to derive the observed emission lifetime. Plotting 
according to the Stern-Volmer equation (eq. 7) can be used to derive the quenching constant 
from observed emission lifetimes. 𝜏! is the lifetime with no Q present. A full derivation of the 
relationship can be found in Atkins'.11 In theory it should not matter if there are other quenchers 
present, as the quotient of the lifetimes is used to derive the constants. However, it is generally 
wise to at least try to minimize the oxygen content of the samples, as slower decays give better 
fitting. 
 
!!
!
= 1+ 𝜏!𝑘! 𝑄      (7) 
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3. Project plan  

3.1. Hydrogenase mimic complexes 
 
Two hydrogenase mimic complexes where studied in this project: [Fe2(bdt)(CO)6] and 
[Fe2(pdt)(CO)6], where bdt = benzenedithiolate and pdt = propanedithiolate. [Fe2(bdt)(CO)6] has 
an inverted reduction potential, meaning that under electrochemical measurements the first 
reduction will not be seen. Instead, a double reduction will occur at a potential somewhere in 
between the first and second reduction. This behavior is likely explained by the large 
reorganization required for single reduction. As shown in figure 5, the benzene group twists and 
a sulfur iron bond is broken in the first reduction. This process is then reversed on double 
excitation or protonation, indicating a significantly higher energy for the singly reduced product 
than for the double-reduction or reduction-protonation product.5 Inability to determine the exact 
reduction potential is an issue for PCET studies; nevertheless, we believe that it can play in our 
favor. The pKa of the [Fe2(bdt)(CO)6] complex is low, so a PTET pathway can be excluded for all 
but the strongest acids. Because of the large energy required to form the singly reduced ET 
product, a concerted pathway with a significantly lower barrier should be considered. The high 
barriers for ET and PT imply that strong reductants and acids can be used without opening the 
ETPT or PTET pathways, increasing the likelihood of observing the CEP pathway. The 
[Fe2(pdt)(CO)6] were used for some of the measurements with [Ru(L)3]

+ electron donors, 
discussed below. This was an attempt to slow down the ET kinetics by using a less oxidizing 
[Fe2(L)(CO)6] complex. 
 

 
Figur 5. On single reduction the benzene group twists and a sulfur-iron bond is broken. The complex reorganizes back to the 
initial configuration upon protonation. Figure reprinted with permission from Mirmohades (2014). Copyright 2014 American 
Chemical Society.5 

 

3.2. Electron transfer from reduced [Ru(L)3]+ 

 
Our initial plan was to use reduced Ruthenium tris-bipyridine derivatives, in conjunction with the 
reductive quencher tetrathiafulvalen (TTF), as electron donors. This system follows the steps (4)-
(6) outlined in chapter 2.2. The system is well known and would therefore require less 
characterization than other alternatives.5 However, we were concerned that high ET rates would 
mask the signatures of the underlying PCET reactions and therefore opted to use the less 
oxidizing [Fe2(pdt)(CO)6] complex for most measurements.  

3.3. Electron transfer from bipyridinium radicals. 
 
N,N’-dimethyl-4,4’-bipyridinum2+, often denoted methyl viologen (MV2+), is a commonly used 
oxidative quencher for [Ru(L)3]

2+*. It reacts in the same manner as the reductive quenchers 
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discussed in the previous chapter (reactions (4)-(6)) but instead yields the oxidized [Ru(L)3]
+ 

product. Usually, the oxidized [Ru(L)3]
+ species is then allowed to oxidize the reactant of interest. 

We will, however, use this system in a different way. Conversely the common scheme, the 
reduced MV• + radical will be used to reduce the [Fe2(bdt)(CO)6]. Optimally, the kinetics of the 
MV• + radical decay can then be used to determine the rate of electron transfer to [Fe2(bdt)(CO)6]. 
Our main concern with this system was that MV• + would not be able to reduce [Fe2(bdt)(CO)6]. 
We therefore also studied two more reducing bipyridinium compounds, N,N’-dimethyl-2,2’–
bipyridinium2+ (DM2+) and 4,4’,N,N’-tetramethyl-2,2’-bipyridinium2+ (TM2+). To maximize the 
yield of bipyridinium radicals [Ru(dmbpy)3]

2+, the most reducing of the [Ru(L)3]
2+ compounds 

available, was used.  
 

4. Instrumentation & experimental details 
 

4.1. Transient spectroscopy 
 
The laser system consisted of a tripled Nd:YAG laser, used at 532 nm without the assistance of 
an optical parametric oscillator. The pulse width at half maximum was approximately 10 ns and 
the power at the sample about 10 mJ/cm2. The probe consisted of a pulsed Xenon-lamp 
positioned perpendicular to the incoming laser beam. The probe was used in continuous wave 
mode for kinetic measurements over 10 ms or longer. Otherwise the standard pulsed setting was 
used. The system could also be used without the probe light to collect emission spectra. This was 
used for the quenching measurements discussed in the results section.  
The detection system, placed opposite the probe light, was equipped with both a charge coupled 
device (CCD) camera and a photo-multiplier tube (PMT). As the phenomena measured are time 
dependent, full spectra cannot be recorded with the help of a monochromator and a PMT, as is 
common in steady-state spectrometers. However, with the help of a CCD camera the whole 
spectrum can be recorded at the same time point, allowing the collection of transient spectra. 
The PMT is used in conjunction with a monochromator to collect time resolved single 
wavelength kinetic traces.  
Basic transient absorption spectra are recorded through two measurements, a probe background 
and a spectrum recorded at a fixed time point after the laser flash. The probe background is 
subtracted from the recorded spectrum to derive difference in absorbance before and after laser 
excitation. For single wavelength kinetic measurements a monochromator is set to transmit only 
a certain wavelength. The response at the chosen wavelength is then recorded by the PMT and 
transcribed through an oscilloscope. The recording is started before the laser pulse, thus 
collecting a background signal without the need for several measurements. 

4.2. Electrochemistry and Spectroelectrochemistry 
 
All electrochemical experiments were performed using a three-electrode setup. Cyclic 
voltammograms were collected with a glassy carbon working electrode, a platinum counter 
electrode and an Ag/(0.01 M AgNO3) reference electrode. During the measurements on 
[Ru(L)3]

2+ compounds discussed in the results section, both the counter electrode and the 
reference electrode were behind salt bridges, while in the measurements conducted in 
conjunction with spectroelectrochemistry only the counter electrode was behind a salt bridge. 
Spectroelectrochemical measurements were conducted with a platinum mesh working electrode, 
and an otherwise identical setup. To avoid interference by O2, all samples were purged with 
liberal amounts of MeCN saturated N2 before and between measurements. 0.1 mM 
tetrabutylammoniumhexafluorophosphate (TBAPF6) in MeCN was used as the electrolyte for all 
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samples.  Before use, TBAPF6 was dried in a vacuum oven to avoid unnecessary water 
contamination. In the measurements with [Ru(L)3]

2+ dry MeCN, and oven dried glassware was 
used.  

The spectroelectrochemistry cell had a path length of 0.1 cm, and had been specially made 
for the purpose. The spectrometer collected data between 190 and 1100 nm. Before collecting 
data for the samples a background was taken with only the electrolyte, making sure that the 
platinum mesh electrode was in a fixed position. All measurements were conducted with an 
automatic procedure, set to collect spectra every 20 seconds for 10 minutes. The first spectrum 
was taken before manually turning on the potentiostat. 

4.3. Fourier Transform Infrared Spectroscopy 
 
Fourier Transform Infrared Spectroscopy (FTIR) was used to asses the [Fe2(bdt)(CO)6] 
concentrations after flash photolysis experiments.  Measurements were performed in a 1 mm 
path length IR cell. Vacuum could not be used as the samples were in liquid form, resulting in 
large amounts of noise around the CO2 and H2O peaks. Fortunately, neither MeCN nor the 
gaseous species present in air absorb at the same wavenumbers as the characteristic 
[Fe2(bdt)(CO)6] carbonyl signals. The cell was rinsed with MeCN between each measurement. 
This may have caused some dilution of the samples, as all MeCN might not have evaporated 
between the measurements. Note that oxygen was allowed to come into contact with the samples 
when they were transferred to the IR cell. 
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5. Results & Discussion 
 

5.1. Electron transfer from reduced [Ru(L)3]+ 

 
In our initial experimental setup we used [Ru(L)3]

+, where L is 2,2’-bipyridine (bpy), 4,4’-
dimethyl-2,2’-bipyridine (dmbpy) as the electron donor and tetrathiafulvalne (TTF) as a reductive 
quencher. Electrochemical data for [Ru(L)3] is reported in table A1 and figure A1 in Appendix A. 
The hydrogenase mimics used were [Fe2(L)(CO)6], L = benzenedithiolate (bdt) and L = 
propanedithiolate (pdt). After reductive quenching [Ru(L)3]

+ can either react with [Fe2(L)(CO)6],  
through reaction (7b) or recombine with TTF+ (7a). 
 

7𝑎   𝑅𝑒𝑐𝑜𝑚𝑏𝑖𝑛𝑎𝑡𝑖𝑜𝑛  [𝑅𝑢 𝐿 ! ]! + 𝑇𝑇𝐹! ⟶ [𝑅𝑢 𝐿 ! ]!! + TTF 

7𝑏   𝐸𝑇  [𝑅𝑢 𝐿 ! ]! + [𝐹𝑒! (𝐿) 𝐶𝑂 ! ⟶ [𝑅𝑢 𝐿 ! ]!! + [𝐹𝑒! (𝐿) 𝐶𝑂 !]! 
 
As discussed above, the flash-quench methods applied are best suited to study reactions 
following first order kinetics. For ease of analysis it is also preferable if there are no significant 
competing reactions to the one studied. In this case, the reaction studied is second order and it 
competes with a recombination reaction. However, by using [Fe2(L)(CO)6] concentrations orders 
of magnitude greater than the concentration of [Ru(L)3]

+ we can avoid both issues. Because 
second order reaction rates depend on concentration, comparatively high [Fe2(L)(CO)6], 
concentrations will shift the reaction preference toward pathway (7b). This allows us 
to neglect the recombination contribution. Additionally, when using high [Fe2(L)(CO)6], 
concentrations the observed rate constant of pathway (7b) becomes pseudo-first order, as shown 
in chapter 2.2.  
To determine the true rate constants of reaction (7b) the observed rate constants were measured 
for a the [Fe2(L)(CO)6]

 concentrations shown in tabel 1. All samples were prepared under Ar 
atmosphere with dry, oxygen free MeCN. The kinetics of the reactions were calculated by fitting 
single exponentials to single wavelength kinetic traces around 520 nm, which corresponds to the 
absorption bleach of [Ru(L)3]

+. The rate constant of ET was then derived by plotting 𝑘!"# =
𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 ! ∗ 𝑘!" + 𝐶  , where 𝑘!"  is 

the rate constant for electron transfer and 
𝑘!"# the observed rate constant and C some 
constant. Figure 6 shows plots for [Ru(bpy)3]

+ 
and [Ru(dmbpy)3]

+ and [Fe2(pdt)(CO)6], 
yielding kET=2.18*109s–1 for [Ru(bpy)3]

 + and 
kET=3.49*109s–1 for [Ru(dmbpy)3]

 +. Both rate 
constants are near that of diffusion-controlled 
reactions. This is unfortunate, as significantly 
slower ET rate is likely required to distinguish 
between different PCET mechanisms. 
Measurements were also made with 
[Fe2(bdt)(CO)6], yielding even higher rate 
constants.  

Because of the high ET reaction rates we 
chose to discontinue this path. It is likely that 
there are other groups of photoreductants 
that may work better for our purposes. We 
would, however, most likely have to 
synthesize them, which is outside of the scope 

Figure 6. Rate constant analysis for ET from [Ru(bpy)3]+ and 
[Ru(dmbpy)3]+ to [Fe2(pdt)(CO)6]. The derived rate constants 
were kET = 2.18*109s-1 for [Ru(bpy)3]+ and kET = 3.46*109s-1 for 
[Ru(dmbpy)3]+. 
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of this work. Therefore, we instead opted to use a different system.  
 

Table 1. Concentrations and kinetic parameters 
experiments with reduced [Ru(L)3]+ compounds. 

    

Sample [Fe2(pdt)(CO)6] [Ru(L)3] 2+ TTF kobs 

[Ru(bpy)3](1) 19.6 µM 39.1 µM 739 µM 6.97 * 104 Ms-1 

[Ru(bpy)3] (2) 39.4 µM 39.1 µM 739 µM 10.8 * 104 Ms-1 
[Ru(bpy)3] (3) 59.1 µM 39.1 µM 739 µM 15.6 * 104 Ms-1 
[Ru(bpy)3] (4) 78.8 µM 39.1 µM 739 µM 19.7 * 104 Ms-1 
[Ru(dmbpy)3](1) 19.6 µM 40.1 µM 696 µM 9.52 * 104 Ms-1 
[Ru(dmbpy)3] (2) 39.4 µM 40.1 µM 696 µM 16.9 * 104 Ms-1 
[Ru(dmbpy)3](3) 59.1 µM 40.1 µM 696 µM 23.5 * 104 Ms-1 
[Ru(dmbpy)3] (4) 78.8 µM 40.1 µM 696 µM 30.0 * 104 Ms-1 

 
 

5.2. Electron transfer from bipyridinium radicals 
 
All the experiments discussed below were 
conducted in acetonitrile (MeCN). The 
compounds used were available in the form of 
various salts. Readily solvable 
[Ru(dmbpy)3(PF6)2] and [Fe2(bdt)(CO)6] were on 
hand, however, the bipyridinum compounds 
were in the form of iodide and chloride salts 
with low solubility in MeCN. Counter ion 
exchange was performed on these compounds 
by mixing near saturated water solutions of the 
available bipyridinium salts and NH4PF6. This 
resulted in a white precipitate that was filtered 
of and rinsed with liberal amounts of water, 
followed by 99.5% ethanol. The compounds 
were finally dried for 24 h under high vacuum. 
No further purification was performed.  

Before measurements with [Fe2(bdt)(CO)6], 
we needed to know the quenching constants kQ 
for the three bipyridinium compounds. 
Knowing kQ for the quenchers is important; 
when kQ is known appropriate quencher concentrations can be chosen based on the desired 
degree of quenching. The emission life time of [Ru(dmbpy)3]

2+* was determined through flash 
photolysis with single wavelength kinetic measurements at 620nm for samples with 0 to 25 mM 
bipyridinium. To avoid unnessecary quenching by molecular oxygen, all samples were purged 
with liberal amounts of N2 before and in between measurements. The concentrations used and 
the observed rate constants can be found in table A2 (Appendix A). A Stern-Volmer plot, seen in 
figure 7, was used to determine kQ from the observed rate constants. See previous chapters for a 
more in-depth discussion on the method. The derived values were kQ = 1.31*109s–1 for MV2+, kQ 
= 1.20*108s–1 for DM2+ and kQ = 1.87*107s–1 for TM2+. The rate of quenching thus differs 
approximately one order of magnitude between each of the three compounds.  

Figure 7. Stern-Volmer plot for emission quenching of 
[Ru(dmbpy)3]2+* by MV2+, DM2+ and TM2+. The derived 
values were kQ = 1.31*109s–1 for MV2+, kQ = 1.20*108s–1 
for DM2+ and kQ = 1.87*107s–1 for TM2+. 
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Figure 8 Cyclic voltmograms depicting (left) the first reductions of MV2+ and TM2+ and (right) the first oxidation of 
Ru(dmbpy)32+.. The CV for Ru(dmbpy)32+ is a cutout from a larger scan (-2.5 V to 1.5 V). The parameters derived are presented in 
table 1. 
 
Spectroelectrochemical measurements were performed on all three bipyridinium compounds and 
on [Ru(dmbpy)3]

2+.  Due to the transient nature of [Fe2(bdt)(CO)6]
–  its spectrum can not be 

collected spectroelectrochemically. All measurements were made with a three-electrode setup in 
0.1 M tetrabutylammoniumhexafluorophosphate (TBAPF6), with an Ag/(0.01M AgNO3) 
reference electrode. The setup was placed in a 1mm cuvette designed for this specific purpose. 
The aim of these experiments was to derive difference spectra that can be compared to those 
produced by the flash photolysis experiments. Cyclic voltamograms (CVs) were taken before 
each spectroelectrochemical measurement, and are presented in figure 8. The peak potentials of 
the first reduction of MV2+ and TM2+ and of the oxidation of [Ru(dmbpy)3]

2+, were derived from 
the CVs. The reduction potentials, presented in table 1, were calculated as the mean of the anodic 
(Epa) and catholic (Epc) peak currents. Due to a computer error the CV of DM2+ is not available at 
this time, however, the first reduction potential is in between that of MV2+ and TM2+. 
 

Table 1. Reduction potentials of bipyridinium 
compounds and 𝑹𝒖(𝒅𝒎𝒃𝒑𝒚)𝟑𝟐!. 

  
 

Electrode reaction Epc Epa E0 

𝑀𝑉!! + 𝑒! → 𝑀𝑉•! -0.788 V -0.719 V -0.75 V 
𝑇𝑀!! + 𝑒! → 𝑇𝑀•! -1.250 V -1.138 V -1.19 V 

𝑅𝑢(𝑑𝑚𝑏𝑝𝑦)!!! + 𝑒! → 𝑅𝑢(𝑑𝑚𝑏𝑝𝑦)!! 0.765 V 0.840 V 0.80 V 
 
Table 2 shows the concentrations and potentials used during the spectroelectrochemistry 
experiment, as well as the length of the respective runs. The concentrations were chosen aiming 
at absorbance levels between 0.5 and 1. To get reliable difference spectra it is important to know 
how large a fraction of the reactants that have been reduced/oxidized. For simplicity, if possible, 
it is optimal to choose an over-potential giving a near 100 % yield. The over-potential required 
can be calculated from the Nernst equation rewritten in the form 𝜂 = − !"

!"
𝑙𝑛𝑄 , where 

𝜂 = 𝐸!"## − 𝐸!"##!  is the over-potential, R the gas constant, T the absolute temperature, n the 
number of electrons in the reaction, F faradays constant and Q the reaction quotient. For a one 
electron reduction/oxidation at 20°C, 59 mV over-potential will give a 90 % yield, while 117 mV 
will give a 99 % yield. In our experiments 𝜂 > 117  𝑚𝑉, and thus we assume a 100% yield in all 
calculations. 
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Figure 9. (a) Spectroelectrochemistry data from the reduction of MV2+ at -900 mV. Spectra were taken every 30 seconds for 10 
minutes. Each spectrum in the figure represents one time point. The dashed and dotted lines mark the initial and final points. (b) 
Extinction coefficient plots for methyl viologen species calculated by Beer’s law. The solid green line represents the difference in 
extinction coefficient between the two species. (c) Difference in extinction coefficient (∆𝜺) plotted as a function of wavelength 
for all compounds examined. The solid lines represent the bipyridinium species and the dashed line the Ruthenium species. (d) 
The difference in extinction coefficient (∆𝜺) that can be expected when equal amounts of [Ru(dmbpy)3]+ and bipyridinium 
radicals are formed.  

Spectroelectrochemistry was carried out for 10 minutes for the bipyridinium species and for 20 
minutes for [Ru(dmbpy)3]

2+. Spectra were taken every 30 seconds in both cases. The spectra 
collected for reduction of MV2+ is shown in figure 9 (a). More important than the spectra 
themselves is the difference between the spectra of the unreduced MV2+ (dashed blue line) and 
the single reduced MV•+ radical (orange dotted line). By applying Beer’s law in the form 𝜀 = !

!∗!
, 

where 𝜀 is the extinction coefficient, A the absorbance, c the concentration and l the path length, 
we get the extinction coefficient as a function of wavelength. The dotted and striped lines in 
figure 9 (b) shows such plots for MV•+ and MV2+. The solid line shows the difference in 
extinction coefficient (∆𝜀) between MV•+ and MV2+. This is proportional to the response we 
expect to see when MV•+ formed during flash photolysis experiments, and can be used to 
calculate the concentrations of the species produced. Figure 9 (c) shows similar ∆𝜀 plots for all 
the compounds used. During the actual flash photolysis experiments we will of course not only 
see the spectra of one compound at a time, and must therefore combine ∆𝜀  of several 
compounds to get a good comparison. Figure 9 (d) shows the addition of ∆𝜀 for [Ru(dmbpy)3]

+ 
formation with ∆𝜀 for bipyridinium radical formation.  
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Flash photolysis experiments with [Fe2(bdt)(CO)6] present were made with MV2+ and DM2+. 
TM2+ was not used as there was not enough compound available for satisfactory quenching. Four 
[Fe2(bdt)(CO)6] concentrations, ranging from 0 to approximately 2 mM,  were used for both 
MV2+ and DM2+. Two samples were prepared for each concentration – one without acid and one 
with approximately 11 mM p-toluenesulfonic acid (TsOH). The acid was added from a solution 
without any [Fe2(bdt)(CO)6] present, resulting in a slight decrease of concentration in the samples 
with acid. All samples were prepared under dry argon atmosphere, using dry and oxygen-free 
MeCN. Table 3 and 4 presents all samples used with their respective concentrations. 

 
 

Table 2. Concentrations and parameters used for 
spectroelectrochemistry. 

   

Species Concentration Potential Time 
𝑀𝑉!! 0.920 mM -0.9 V 600 s 
𝐷𝑀!! 0.929 mM -1.35 V 600 s 
𝑇𝑀!! 0.921 mM -1.35 V 600 s 

𝑅𝑢(𝑑𝑚𝑏𝑝𝑦)!!! 0.1335 mM 1.10 V 12000 s 
 
 

Table 3. Concentrations [Ru(dmbpy)3]2+, bipyridinium and TsOH used for 
flash quench measurements. 

   

Series [Ru(dmbpy)3]2+ [Bipyridinium] [TsOH] when present 
MV2+ samples 13.5 mM 94.7 µM 10.7 mM 
DM2+ samples 56.7 mM 108 µM 10.8 mM 

 
 

Table 4. Concentrations of [Fe2(bdt)(CO)6]2+ in the 
samples used for flash quench measurements. 

   

Samples without acid [Fe2(bdt)(CO)6]2+ Sample with acid [Fe2(bdt)(CO)6]2+ 
MV1 0 MV1A 0 
MV2 0.427 mM MV2A 0.388 mM 
MV3 0.990 mM MV3A 900 mM 
MV4 1.88 mM MV4A 1.71 mM 
DM1 0 DM1A 0 
DM2 0.591 mM DM2A 0.473 mM 
DM3 1.17 mM DM3A 0.936 mM 
DM4 2.51 mM DM4A 2.00 mM 

 
 

The four solid lines in figure 10 shows transient spectra recorded for MV2+ and [Ru(dmbpy)3]
2+, 

without any [Fe2(bdt)(CO)6] or TsOH present. The dashed line shows the expected response, 
based on the spectroelectrochemical data discussed above. The broad peak at 600 nm follows the 
expected spectrum well, however, both the bleach at 450 nm and the sharp peak at 397 nm 
deviates significantly. Curiously, the former of the two is weaker then expected and the latter is 
significantly stronger. This could indicate that some unknown process is present, giving rise to an 
absorbance increase below 500 nm. Figure 11 (a) shows the kinetic trace at 600 nm for the 
presumed recombination of MV•+ and [Ru(dmbpy)3]

+. Surprisingly, the trace fits well to a single 
exponential decay – indicating a first order or pseudo-first order reaction, and not a second order 
recombination as we expected. Nevertheless, when TsOH was added the kinetics changed 
abruptly – giving a much longer lived second-order decay (figure 11 (b)). 
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Over short time scales, the behavior of all the 
samples with [Fe2(bdt)(CO)6] was similar to 
that of the acid free recombination in figure 
10 and 11 (a). The kinetic spectra and rate 
constants derived from sample MV2-4 and 
MV2A-4A is shown in figure A2 a-b and table 
A3 (Appendix A). All observed rate constants 
are of the same order of magnitude and no 
trends can be discerned with respect to 
concentrations or addition of TsOH. Some 
interesting observations can, however, be 
made at longer time scales. The solid lines in 
figure 12 (a) show the transient spectra after 
400 µs for samples with approximately 0.5 
mM [Fe2(bdt)(CO)6]. Although similar in 
shape, the response at the given time point is 
stronger than what was seen without 
[Fe2(bdt)(CO)6]. This is somewhat surprising; 
we believe that the oxidized [Ru(dmbpy)3]

+ 
reacts with [Fe2(bdt)(CO)6], thus stabilizing 
the MV•+ radical by removing  some of its 
recombination partners. This will be discussed 
further in the next paragraph. The shape of the spectra with and without TsOH is similar, but the 
sample with TsOH retains a larger response. This trend becomes even more apparent when 
looking at the kinetic traces in figure 12 (b). Both traces start of with almost identical first order 
decays, only to stabilize at a constant level after about 100 µs. The plateaued signal with TsOH is 
almost twice as large as that without TsOH. This effect becomes even more apparent as 
[Fe2(bdt)(CO)6] concentrations increase (Figure A2 a-b Appendix A). One explanation could be 
that TsOH also reacts with the oxidized [Ru(dmbpy)3]

+. However, it may be more likely that it is 
tied to the longer recombination life times observed without any [Fe2(bdt)(CO)6]

 present. We will 
come back to this later. It can be assumed that all oxidized [Ru(dmbpy)3]

+ has been consumed at 
 

 
 
Figure 11. (a) Kinetic trace at 600 nm for the presumed recombination of MV•+ and Ru(dmbpy)33+. Surprisingly, the trace fits 
well to a single exponential decay – indicating a first order or pseudo-first order reaction. (b) When TsOH was added the kinetics 
changed abruptly – giving a much longer lived second-order decay. Note the different time scales in the figure 10 (a) and 10 (b). 

Figure 10. The solid lines show transient spectra recorded for 
MV2+ and [Ru(dmbpy)3], without [Fe2(bdt)(CO)6] or TsOH 
present. The dashed line shows the expected response, based on 
the spectroelectrochemistry data discussed above. The broad 
peak at 600 nm follows the expected spectrum well, however, 
both the bleach at 450 nm and the sharp peak at 397 nm 
deviates significantly. 
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the plateau, as it would otherwise keep reacting with the MV•+ radical.  When comparing the 
transient spectra the expected spectra of MV•+ (dashed orange line), we nevertheless see a large 
positive discrepancy between 400 and 600 nm. It is hard to distinguish the cause, but it could be 
related to formation of the singly reduced [Fe2(bdt)(CO)6]

– species. Comparison with the 
transient spectra (figure 12 (c)) of [Fe2(bdt)(CO)6]

– published by Hammarström and co-workers, 
shows that the expected peak is in that area.5 

 
Figure 12 (a) Transient spectra after 400 µs for samples with approximately 0.5 mM [Fe2(bdt)(CO)6]. The shape of the spectra 
with and without TsOH is similar, but the sample with TsOH retains a stronger response at the chosen time point. The dashed 
lines show the expected spectroelectrochemical response (orange) and the spectrum recorded after 100 µs with no 
[Fe2(bdt)(CO)6] or TsOH present (purple). (b) Both traces start of with almost identical first order decays, only to stabilize at a 
constant level after about 100 µs. The plateaued signal with TsOH is almost twice as large as that without TsOH. (c) Difference 
in extinction coefficient between [FeFe(bdt)(CO)6] and [FeFe(bdt)(CO)6]–, derived by transient flash photolysis. Figure reprinted 
with permission from Mirmohades (2014). Copyright 2014 American Chemical Society.5 (d) The two cuvettes to the right have 
been exposed to several hundred laser flashes and the one to the left is freshly prepared. 
When viewing the cuvettes after a series of laser flashes, it becomes rather obvious that there are 
significant long-term effects. After a few measurements, a greenish-blue area can be seen in part 
of the sample exposed to the laser pulse. Additionally, over many flashes the color of the solution 
turns from a light orange to a dark green.  Figure 12 (d) shows two cuvettes that have been 
exposed to several hundred laser flashes (right) and one with has not yet been measured upon 
(left). To further examine the observed product a series of 60 measurements, each with 5 laser 
flashes, were made on sample M4A. A background taken before the start of the measurement 
was subtracted from the raw transmission data of each single measurement. The absorbance 
difference could then be calculated from the intensities of the respective peaks., yielding the 
spectra in figure 13. The spectra strongly resemble the broad MV•+ peak at 600 nm. Due to the 
very low transmittance at 500 nm, we cannot expect to see any usefull patterns in the < 500 nm 
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range. Using Beer’s law and the extinction coefficient at 600 nm given in figure 9 (c), the 
concentration of MV•+ was calculated to 56.4 µM, indicating an average formation of 0.19 µM in 
each laser flash. Applying the same calculation to sample M2A (figure 10 (a), solid blue line) gives 
0.483 µM per laser flash. The amount of MV•+ formed in each flash decreases with the number 
of flashes due to increased absorption of the 532 nm laser pulse in areas where the sample is not 
probed. Thus, these numbers are quite reasonable. 

The samples with DM2+ behaved similarly as those for MV2+ at short time scales. Therefore 
the short timescale behavior of these samples will not be discussed in depth. However, it should 
be mentioned that a fraction of the DM• radical 
seems to decompose under all conditions 
studied. The kinetic traces for all eight samples 
are found in Figure A3 a-b and the observed 
rate constants are summarized in table A4 
(Appendix A). The DM•+ radical is significantly 
more reducing than its MV•+ counterpart 
(Δ𝐸! = −440  𝑚𝑉), and is thus more capable 
of donating an electron to [Fe2(bdt)(CO)6]. The 
two solid lines in figure 14 (a) show the 
transient spectra of sample DM2 at 2.5 ms and 
15 ms. Interestingly, the absorbance increases 
over time. This is additionally confirmed by the 
kinetic trace in figure 14 (b), which shows and 
equally sized changed in absorbance between 0 
and 15 ms. Comparison with a spectrum 
collected without addition of [Fe2(bdt)(CO)6] 
(dashed green line) shows a clear blue-shift, in 
agreement of what would be expected on 
formation of singly reduced [Fe2(bdt)(CO)6]

–.  
 

 
Figure 14. (a) The two solid lines show the transient spectra of sample DM2 at 2.5 ms and 15 ms. Interestingly, the absorbance 
increases over time. Comparison with a spectrum collected without addition of [Fe2(bdt)(CO)6] (dashed green line) shows a clear 
blue-shift, in agreement of what would be expected on formation of singly reduced [Fe2(bdt)(CO)6]–. Also, upon addition of 
TsOH the observed spectrum (dashed purple line) becomes almost identical to that without [Fe2(bdt)(CO)6]. (b) The kinetic trace 
at 550 nm confirms the increase in absorbance over time. The stability of the probe light is poor at very long time scales, resulting 
in a rather uneven curve. 

Figure 13. Formation of MV•+ radicals in sample S4A. The 
samples were exposed to 5 laser pulses between each 
measurement, totaling 300 pulses between the first and the last 
measurement. 
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Additionally, upon addition of TsOH the observed spectrum (dashed purple line) becomes 
almost identical to that without [Fe2(bdt)(CO)6]. This is to be expected, as the spectrum of the 
singly reduced and protonated [Fe2(bdt)(CO)6H] complex is indistinguishable from 
[Fe2(bdt)(CO)6] in the UV-visible range. These two results strongly indicate that singly reduced 
[Fe2(bdt)(CO)6]

– is produced, and that the protonated [Fe2(bdt)(CO)6H] is formed in the presence 
of acid. The possible reaction steps are outlined below, ignoring contributions from any 
decomposition reactions. 
 

8                    𝑅𝑢 𝑑𝑚𝑏𝑝𝑦 !
!! + ℎ𝜈  ⟶ 𝑅𝑢 𝑑𝑚𝑏𝑝𝑦 !

!!∗   
9                    𝑅𝑢 𝑑𝑚𝑏𝑝𝑦 !

!!∗ + 𝐷𝑀!! ⟶ 𝑅𝑢 𝑑𝑚𝑏𝑝𝑦 !
! + 𝐷𝑀•!   

10𝑎          𝑅𝑢 𝑑𝑚𝑏𝑝𝑦 !
! + 𝐷𝑀•! ⟶ 𝑅𝑢 𝑑𝑚𝑏𝑝𝑦 !

!! + 𝐷𝑀!! 
10𝑏         𝐷𝑀•! + 𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 ! ⟶ 𝐷𝑀!! + [𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 !]!   
(10𝑐)        [𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 !]+ 𝐷𝑀•! + 𝐻𝑂𝑇𝑠⟶    [𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 !𝐻]+ 𝐷𝑀!! + 𝑂𝑇𝑠!  
11             [𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 !]! + 𝐻𝑂𝑇𝑠⟶    [𝐹𝑒! 𝑏𝑑𝑡 𝐶𝑂 !𝐻]+ 𝑂𝑇𝑠!  

 
With no acid or [Fe2(bdt)(CO)6] present the reaction will follow steps (8)-(10a), adding the 
competing (10b) reaction when [Fe2(bdt)(CO)6] is present. When acid is present a third concerted 
proton coupled electron transfer (CEP) pathway (10c) is added alongside ET and recombination. 
Whether the reaction follows the CEP pathway or if protonation occurs through the ETPT path 
in (11) is not possible to discern from the data currently available. That will, however, be the 
topic of the next step in this project.  

To investigate whether the [Fe2(bdt)(CO)6] decomposed during flash photolysis, FTIR 
measurements were conducted on selection of the samples (MV2, MV3A, MV4A, DM3A, DM3, 
DM4A and DM4). Figure 15 shows the spectra focused on the carbonyl strech of 
[Fe2(bdt)(CO)6]. Beer’s law was used to calculated  the concentrations from the 2004 cm-1 peak, 
using  ε = 5500 M-1cm-1.5 Although a decrease (3 – 17%) could be observed, no clear trend could 
be seen. MV4A retained 97% of the original [Fe2(bdt)(CO)6] content even though it was exposed 
to the largest number of laser flashes (> 1000.). Most likely, factors unrelated to decomosition are 
resonsible for the deviance from the expected values; left-over MeCN used for cleaning the 
cyvette could be a major contribution. 
 

 
Figure 15. FTIR measurements conducted on (a) MV2, MV3A and MV4A (b) DM3A, DM3, DM4A and DM4. Concentrations 
were calculated from the peak at 2004 cm-1 
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Table 5. Concentrations after flash photolysis calculated 
from FTIR-spectra. All absorbance values were taken from 
the 2008 cm-1 peaks. 

    

Sample Absorbance Concentration ΔConcentration % change 
MV2 0.195  0.354 mM 73,4  µM 83 % 
MV3A 0.451  0.820 mM 79.8  µM 91 % 
MV4A 0.914  1.66 mM 48.9  µM 97 % 
DM3 0.623  1.11 mM 56.7  µM 95 % 
DM3A 0.504 0.916 mM 20.2  µM 98 % 
DM4 1.34 2.44 mM 73.6 µM 97 % 
DM4A 0.982 1.78 mM 215  µM 89 % 

 
It seems likely that we indeed observe both single reduction of [Fe2(bdt)(CO)6] and a PCET 
reaction with DM•+ as the electron donor. Before drawing any final conclusions, however, the 
transient spectra need to be quantitativly compared to the expected response for singly reduced 
[Fe2(bdt)(CO)6]

–. As of yet, no evidence of a CEP has been observed. On the contrary, the decay 
rate of DM•+ did not appear to change significantly upon addition of acid. That said, it is possible 
that the acid concentraion was too low, or that the acid was not strong enough to make a 
noticable impact.  This does not contradict the idea that all [Fe2(bdt)(CO)6]

– quickly reacts 
through the (4 PTET) pathway, as [Fe2(bdt)(CO)6]

– is highly basic and should react with acids at 
diffusion controlled rates.  

There is some indication of [Fe2(bdt)(CO)6]
– when MV•- is used as the reducing agent, as the 

transient spectra deviate from the expected spectra in the region where the [Fe2(bdt)(CO)6]
– 

signal is expected. However, a slight deviation is also seen for samples with no [Fe2(bdt)(CO)6] 
present. If [Fe2(bdt)(CO)6]

– is formed, it must be in equilibrium with MV•+ as we would otherwise 
not observe the long lived MV•+ that have been present in all samples with [Fe2(bdt)(CO)6]. The 
deviations may also be the effect of impurities present in the compounds. A quencher impurity 
that becomes deactivated by protonation could explain the switch from first-order to second 
order decay upon addition of TsOH with no [Fe2(bdt)(CO)6] present.  

The serendipitous discovery of the long lived MV•+ species may prove great asset in future 
experiments. As mentioned in the theory chapter, CEP dominated reactions tend to be slow, 
meaning that long lived reagents are necessary. We were concerned that our methods would not 
be able to produce reactive species that are sufficiently long lived, but with this discovery we have 
been afforded a reagent with almost infinite life time. Of course, it is possible that the driving 
force for ET between [Fe2(bdt)(CO)6] and MV•+ is not large enough to drive a reaction – even 
with strong acids present. We have, nevertheless, been presented with a very powerful tool. 
 

6. Conclusions 
 
We have showed that, in the presence of [Fe2(bdt)(CO)6] and oxygen free environment, MV•+ 
radicals accumulate during flash photolysis experiments. This is a promising result as it may allow 
us to follow very slow CEP reactions. Additionally, our data indicates that without TsOH singly 
reduced [Fe2(bdt)(CO)6]

– is formed in the precense of DM•+. In samples with TsOH the 
[Fe2(bdt)(CO)6]

– signal is not seen, indicating formation of the protonated [Fe2(bdt)(CO)6H] 

species. The PCET mechanism cannot be discerned from the data currently available, but could 
be the topic of further study.  
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Appendix A 
 
Electrochemical measurements on [Ru(L)3] 

 
The electrochemical data for the [Ru(L)3] compounds is presented below. All measurements were 
performed in 0.1 M TBAPF6. Electrode potentials are reported against an Ag/(0.01M AgNO3) 
reference electrode. 
 
Tabel A1. Reduction potentials for the [Ru(L)3] 
compounds. 

   

Sample [Ru(L)3]+/[Ru(L)3]
2+ 

[Ru(L)3]/[Ru(L)3]+ [Ru(L)3]–/[Ru(L)3] 

[Ru(bpy)3] -1.65 V -1,80 V -2,09 V 
[Ru(dmbpy)3] -1.75 V -1.89 V -2.18 V 
 

 
Figur A1. Cyclic voltamograms for [Ru(bpy)3] and [Ru(dmbpy)3] 

 
Emission quenching  
 
Tabel A2 shows the concentrations used for emission quenching of [Ru(dmbpy)3]

2+* with 
bipyridinium compounds. The DM2+ samples were water and oxygenfree. The other two were 
purged with liberal amounts of MeCN saturated N2 before and in between measurements. 
 
Table A2. Concentrations used for emission 
quenching measurements, and the lifetimes 
observed. 

       

MV2+ / mM 0 0.614 1.14 1.60 2.58 - - 
MV2+ 𝜏  / ns 807 644 470 321 215 - - 
DM2+ / mM 0 0.109 1.09 5.16 10.9 15.5 26.3 
DM2+ 𝜏 / ns 849 845 831 720 494 400 233 
TM2+ / mM 0 4.92 9.15 12.8 16.0 10.7 22,9 
TM2+ 𝜏 / ns 807 744 721 689 661 630 602 
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Kinetic traces and derived rate constants for MV2+ samples 
 
Kinetic traces for MV samples not shown in the main results section. Figure A2 (a) shows traces 
without TsOH and figure A2 (b) shows the traces with 11 mM TsOH. The observed rate 
constants are summarized in table A3. The concentrations for the samples can be found in the 
results section. 

 

 
 

Figur A2. (a) Kinetic traces of sample MV2-MV4 with single exponential fits. 

 
Figur A2 (b) Kinetic traces of sample MV2A-MV4A with single exponential fits. 

 
Table A3. Observed rate constants for MV 
samples. 

   

Sample Kobs / 105s-1 Sample Kobs / 105s-1 
MV2 1.25 MV2A 0.549 
MV3 0.796 MV3A 0.820 
MV4 1.01 MV4A 0.420 
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Kinetic traces and derived rate constants for DM2+ samples 
 
Kinetic traces for all DM samples. Figure A3 (a) shows traces without TsOH and figure A3 (b) 
shows the traces with 11 mM TsOH. The observed rate constants are summarized in table A3. 
The concentrations for the samples can be found in the results section. 
 

 
 

Figur A3. (a) Kinetic traces of sample MV2-MV4 with single exponential fits. 

 
Figur A3. (b) Kinetic traces of sample MV2A-MV4A with single exponential fits. 

Table A4. Observed rate constants for DM 
samples. 

   

Sample Kobs / 105s-1 Sample Kobs / 105s-1 
DM1 0.271 DM1A 0.253 
DM2 0.748 DM2A 0.222 
DM3 0.472 DM3A 0.170 
DM4 0.353 DM4A 0.134 

 


