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Summary 
 
Humic substances are redox active organic macromolecules and have been shown to 
play an important role in biogeochemical and pollutant redox reactions, both under 
oxic and anoxic conditions. Some key redox properties of HS remain incompletely 
characterized, including the reversibility of electron transfer to and from HS, the 
electron and proton transfer equilibria of the reducible moieties in HS, the electron 
donating properties of HS under oxic conditions.  

The overall objective of this work was to characterize the electron accepting and 
electron donating properties of a diverse set of HS using electrochemical approaches. 
In order to meet this objective and to investigate the key redox properties specified 
above, a novel electrochemical approach was developed. This approach comprised the 
following methods: Direct electrochemical reduction (DER) of HS at carbon working 
electrodes can be used to generate large quantities of reduced HS. DER allows for 
continuous monitoring of electron and proton transfer to HS by chronocoulometry and 
automated acid titration, respectively. Mediated electrochemical reduction and 
oxidation (MEO and MER) directly quantify the number of electrons transferred to 
and from small HS samples at a given applied redox potential Eh and pH. Mediated 
potentiometry. In this methods electron transfer mediators are used to facilitate 
attainment of equilibria between redox electrodes and the electron accepting moieties 
in HS. These methods were applied to the redox characterization of HS.  
 The electron transfer to a model HS was largely reversible over three cycles of 
electrochemical reduction and O2 reoxidation. A large fraction of the reduced moieties 
was reoxidized within minutes. These results support that HS can act as electron 
acceptors for microorganisms under anoxic conditions and donate these electrons to 
O2 upon reaeration. The electron accepting capacities (EACs) of a chemically diverse 
set of HS, quantified by MER, showed a linear correlation with the aromaticities of the 
HS. This correlation was consistent with quinones as the major electron accepting 
moieties in HS.  

Acid titration coupled DER showed that electron transfer to humic acids (HA) 
was coupled to proton uptake by HA. Consistently, mediated potentiometry showed 
that the Eh of the tested HA decreased with increasing solution pH. Reduction of 
selected HA resulted in a gradual decrease in reduction potential Eh over a wide 
potential range. Modeling of the decrease in Eh with the number of electrons 



  

   

II 

transferred to the HA revealed a wide distributions in the apparent standard reduction 
potentials of the reducible moieties in the HA. These findings are consistent with the 
multitude of environmental redox reactions involving HS. Moreover these results 
allow assessing the thermodynamics of electron transfer reactions to and from HS 
under reducing conditions.  
 Electrochemical oxidation of three model HAs was largely irreversible. The 
EDCs of the same HAs, quantified by MEO, continuously increased with increasing 
Eh and pH. These findings suggested that these HAs contain moieties that donate 
electrons over a wide potential range and that oxidation of these moieties is coupled to 
the release of protons. The EDCs of a diverse set of HS were linearly correlated with 
their titrated phenol contents. These findings are consistent with phenols as major 
electron donating moieties in HS. The EDCs of 15 HS were compared to their 
respective EACs. Aquatic HS had higher EDCs but lower EACs than terrestrial HS. 
Relating EDCs and EACs to HS aromaticities indicated that electron donating phenol 
moieties are depleted relative to the electron accepting quinone moieties during 
transformation of HS in the environment.  

DER was used to reduce a model HA, which was subsequently used in sorption 
experiments to assess whether HS reduction affects its sorbent properties for apolar 
naphthalene, the monopolar acetophenone and quinoline, the bipolar 2-naphthol and 
the organocation paraquat. The redox states of both the unreduced and the reduced 
HAs did not change during the sorption experiments as demonstrated by a 
spectrophotometric assay based on the reductive decolorization of 2,6-dichlorophenol 
indophenol. There were no significant differences in sorption to reduced and 
unreduced HA for all organic pollutants tested. This implies that HA reduction did not 
result in detectable changes in its cohesive energy, its H-donor and H-acceptor 
properties, and its number of anionic binding sites. The work suggests that models 
describing organic pollutant sorption to oxidized natural organic matter are also valid 
for sorption to reduced organic matter.  

This work contributes to a better understanding of the redox properties of HS 
and the reactions they are involved in. Beyond the redox characterization of HS these 
methods are also applicable to other redox active organic and mineral phases.  
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Zusammenfassung 
 

Huminstoffe sind redox-aktive organische Makromoleküle, die sowohl unter 
oxischen als auch unter anoxischen Bedingungen eine wichtige Rolle in 
biogeochemischen Redoxprozessen und in Redoxreaktionen von Schadstoffen 
spielen. Einige der wichtigsten Redoxeigenschaften von Huminstoffen sind 
bisher unzureichend charakterisiert. Diese Eigenschaften beinhalten die 
Reversibilität des Elektronentransfers auf und von Huminstoffen, die Protonen- 
und Elektronentransfergleichgewichte der reduzierbaren Gruppen in 
Huminstoffen und die Elektrondonorkapazitäten von Huminstoffen unter 
oxischen Bedingungen.  

Das übergeordnete Ziel dieser Arbeit war eine Charakterisierung der 
Elektronakzeptor- und Elektronendonoreigenschaften einer Auswahl von 
chemisch diversen Huminstoffen. Um dieses Ziel zu erreichen und um die oben 
genannten Redoxeigenschaften genauer zu charakterisieren wurde ein neuartiger 
elektrochemischer Ansatz entwickelt. Dieser Ansatz umfasst die folgenden 
Methoden: Direkte elektrochemische Reduktion (DER) von Huminstoffen an 
Glascarbonelektroden erlaubt es, grosse Mengen von Huminstoffen sauber zu 
reduzieren. Die bei der Reduktion übertragenen Elektronen und Protonen 
können durch Chronocoulometrie beziehungsweise automatische Säuretitration 
bestimmt werden. Mediierte elektrochemische Oxidation und Reduktion (MEO 
und MER) erlauben es, die Anzahl an Elektronen zu quantifizieren, die bei 
einem gegebenen Potential und pH Wert von beziehungsweise auf Huminstoffe 
transferiert werden. In der mediierten Potentiometrie werden organische 
Elektronentransfermediatoren verwendet, um das Einstellen von 
Gleichgewichten zwischen Redoxelektroden und elektronenakzeptierenden 
Gruppen in den Huminstoffen zu beschleunigen. Diese Methoden wurden im 
Weiteren für die Redoxcharakterisierung von Huminstoffen angewendet.  

Das Übertragen von Elektronen auf eine Modellhuminsäure war 
grösstenteils reversibel über drei aufeinanderfolgende elektrochemische 
Reduktions- und O2 Reoxidationsschritte. Ein grosser Anteil der reduzierten 
Gruppen wurde innerhalb weniger Minuten rückoxidiert. Diese Ergebnisse 
bestätigen, dass Huminstoffe unter anoxischen Bedingungen als 
Elektronenakzeptoren für Mikroorganismen fungieren können und dass die 
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reduzierten Huminstoffe diese Elektronen bei Wiederbelüftung auf O2 
übertragen können. die mittels MER quantifizierten 
Elektronenakzeptorkapazitäten (EAKs) einer Auswahl chemisch 
unterschiedlicher Huminstoffe waren linear mit der Aromatizität der 
Huminstoffe korreliert. Diese Korrelation weist auf Quinone als prädominante 
elektronenakzeptierende Gruppen in Huminstoffen hin.  

DER mit gekoppelter automatischer Säuretitration zeigte, dass der 
Elektronentransfer auf Huminsäuren auch zu einer Aufnahme von Protonen 
führt. Diese Beobachtung war im Einklang mit mediierten 
Potentiometriemessungen, die eine Abnahme des Reduktionspotentials der 
getesteten Huminsäuren mit zunehmenden pH Werten zeigten. Die Reduktion 
ausgewählter Huminstoffen führte zu einer graduellen Abnahme des 
Reduktionspotentials über einen weiten Potentialbereich. Das Modellieren der 
Potentialabnahme mit zunehmender Anzahl übertragener Elektronen 
verdeutlichte, dass die reduzierbaren Gruppen in den Huminsäuren einen weiten 
Bereich an Standardreduktionspotentialen abdecken. Diese Resultate sind im 
Einklang mit der grossen Anzahl von Redoxreaktionen in der Umwelt, an denen 
Huminstoffe beteiligt sind. Diese Ergebnisse ermöglichen zudem die 
Thermodynamik von Elektrontransferreaktionen auf und von Huminstoffen 
unter reduzierenden Bedingungen abzuschätzen.  

Es konnte gezeigt werden, dass die elektrochemische Oxidation von drei 
Huminsäuren, im Gegensatz zu deren Reduktion, grösstenteils irreversibel war. 
Die mittels MEO quantifizierte Elektronendonorkapazitäten (EDKs) der 
gleichen Huminsäuren nahmen kontinuierlich zu mit zunehmendem 
Reduktionspotential und mit zunehmendem pH Wert. Diese Ergebnisse weisen 
auf funktionelle Gruppen hin, die über einen weiten Potentialbereich Elektronen 
abgeben. Die Oxidation dieser Gruppen ist an eine Protonenübertragung 
gekoppelt. Die EDKs einer grossen Anzahl chemisch diverser Huminstoffe war 
linear mit deren titrierten Phenolgehalten korreliert. Diese Ergebnisse weisen 
auf Phenole als prädominante elektronabgebende Gruppen in Huminstoffen hin. 
Die EDKs von 15 Huminstoffen wurde mit ihren jeweiligen EAKs verglichen. 
Aquatische Huminstoffe zeigten grössere EDKs aber kleinere EAKs als 
terrestrische Huminstoffe. Werden diese EDCs und EAKs mit den 
Aromatizitäten der jeweiligen Huminstoffe in Verbindung gesetzt, so deutet 
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sich an, dass die elektonenabgebenden Gruppen während der Umwandlung der 
Huminstoffe in der Umwelt präferentiell abgereichert werden. 

Mittels DER wurde eine Modellhuminsäure reduziert. Diese reduzierte 
Huminsäure wurde anschliessend verwendet, um in Sorptionsexperimenten den 
Einfluss des Redoxstatus der Huminsäure auf deren Eigenschaften als Sorbens 
für organische Schadstoffe zu untersuchen. Die ausgewählten Schadstoffe 
umfassten die apolare Substanz Naphthalene, die monopolaren Verbindungen 
Acetophenone und Quinoline, die bipolare Substanz 2-Naphthol sowie das 
organische Kation Paraquat. Ein spektroskopischer Test, der auf der reduktiven 
Entfärbung von 2,6-Dichlorophenol Indophenol beruht, zeigte, dass sich der 
Redoxstatus sowohl der unreduzierten als auch der reduzierten Huminsäure über 
den Verlauf des Sorptionsexperimentes nicht änderte. Keiner der getesteten 
Schadstoffe zeigte einen erkennbaren Unterschied in ihrer Sorption an die 
unreduzierte und an die reduzierte Huminsäure. Dieses Ergebnis bedeutet, dass 
die Reduktion von Huminsäure zu keiner nachweisbaren Änderung der 
kohäsiven Energie, der H-Donor-und Akzeptoreigenschaften und der Anzahl an 
Kationenbindungsplätzen führte. Diese Studie deutet darauf hin, dass Modelle, 
die basierend auf der Schadstoffsorption an oxidierte natürliche organisch 
Substanz entwickelt worden sind, auch zur Beschreibung der Sorption an 
reduzierte organische Substanz angewendet werden können.  

Diese Arbeit trägt unmittelbar zu einem besseren Verständnis der 
Redoxeigenschaften von Huminstoffen und ihrer Reaktionen in der Umwelt bei. 
Darüber hinaus leistet diese Arbeit auch einen Beitrag dazu, weitere redoxaktive 
organische und mineralische Umweltphasen mittels der entwickelten 
elektrochemischen Methoden zu charakterisieren.  
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1.1. Background 

Humic substances (HS) are a heterogeneous mixture of refractory organic 
macromolecules originating mainly from higher plant and microbial precursors 
[1, 2]. HS are a major fraction of natural organic matter in the environment and 
exhibit key functions in terrestrial and aquatic ecosystems. This work focuses 
on the redox properties of HS under both reducing and oxidizing conditions. 

 
Electron accepting properties. Under reducing conditions HS may both accept 
and donate electrons, which largely affects numerous biogeochemical electron 
transfer reactions as well as reactions involving redox-active organic and 
inorganic pollutants [3, 4]. In temporarily anoxic systems such as bogs, 
sediments, and capillary fringes of soils, HS may accept electrons directly from 
microorganisms [5] or from microbially reduced species (e.g. Fe2+, HS-) during 
anoxic phases. Upon aeration, reduced HS may donate electrons to oxygen, 
resulting in a regeneration of the pool of electron accepting moieties in HS. 
These redox buffer properties of HS may reduce the flow of electrons to other 
electron acceptors [6]. In peat bogs, and potentially also in other wetlands 
electron transfer to HS is hypothesized to result in a significant decrease of 
methanogenesis [7]. Since 20-39% of the global methane emission stems from 
wetlands, electron transfer to HS likely is relevant for global methane budgets 
[8].  

HS also act as redox mediators under reducing conditions. For instance, HS 
may facilitate the electron transfer from microorganisms to solid iron oxides and 
hydroxides, which leads to an enhanced reductive dissolution of these phases [5, 
9]. Furthermore, HS can mediate electron transfer from microorganisms and 
inorganic electron donors to organic and inorganic pollutants [3]. Given the 
numerous redox reactions in which HS participate under reducing conditions, 
the electron accepting properties of HS have received considerable research 
interest. The electron accepting properties of humic substances has been 
ascribed primarily to quinone moieties [3, 10-13] although it has been argued 
that other HS components, including complexed metals (e.g. ferric iron), may 
also be involved [14]. Quinones are present in HS, as shown by spectroscopy, 
including HS analysis by 15N NMR after derivatization with 15N-labeled 
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hydroxylamine [15] and by 2D NMR techniques [16]. Evidence supportive of 
quinones as major electron accepting moieties includes largely reversible 
electron transfer to HS [13, 17], linear correlation of the number of electrons 
transferrable to different HS with the aromaticities of the HS [10, 13], the 
presence of organic radicals (presumably semiquinones) in HS [18, 19], which 
increase in concentration upon HS reduction [10, 11, 20]. Furthermore similar 
electron transfer mediation of HS and of model quinones have been observed in 
organic pollutant reduction experiments [3, 21]. Many studies have focused on 
quantifying the number of electron accepting moieties in different HS, which 
has been termed electron carrying capacity [13], microbial and chemical 
reducing capacity [22], or electron accepting capacity [10, 23]. In this work, the 
term electron accepting capacity (EAC) is used. The EAC is operationally 
defined as it depends on the used quantification method.  

In most previous studies, the EAC of a HS was quantified in a two-step 
approach. The HS was first reduced, commonly by H2 and catalysts, 
microorganisms such as Geobacter metallireducens, H2S, or reducing metals 
(e.g. Zn) [10, 13]. In a subsequent step, the reduced HS was reoxidized, 
typically with complexed Fe3+-species such as iron citrate or ferricyanide.  
The EAC of the HS was thereby inferred from the moles of chemical oxidant 
reduced by the HS (i.e., the moles of Fe2+ formed) [10, 13, 23]. Fewer studies 
determined the EAC by quantifying the oxidation of the added chemical 
reductants (i.e., Zn0 to Zn2+ and H2S to S2O3

2-) [24, 25]. 
 
Electron donating properties under oxic conditions Compared to the redox 
properties of HS under reducing conditions, the electron donating properties of 
HS under oxic conditions have received less attention. The presence of electron 
donating moieties in HS stored under oxic conditions has been demonstrated by 
reduction of chemical oxidants such as iron complexes or iodine [14, 22, 23, 
26]. Because of their electron donating properties, HS may act as antioxidants in 
the environment. For example HS may donate electrons to free radicals (such as 
peroxy radicals) and interrupt oxidative radical chain reactions [27-30]. It has 
been hypothesized that the antioxidant properties of soil organic matter slow 
down its oxidative breakdown and increase its recalcitrance in the environment 
[31-33]. In aquatic systems, the antioxidant properties of HS have been invoked 
to rationalize the inhibitory effect of HS on the indirect phototransformation 
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rates of organic pollutants. Inhibition is hypothesized to result from HS 
donating electrons to radical pollutant oxidation intermediates, which are 
reduced back to the parent compounds [34, 35]. The electron donating 
properties of HS are also relevant in oxidative water treatment processes. 
Electron donation by HS is expected to determine the oxidant doses required for 
the disinfection and the decoloration of water and for the removal of pollutants 
from the water. Furthermore, the antioxidant properties of HS may be linked to 
their potential to form disinfection byproducts [36-38].   

Previous work suggested that polyphenolic moieties are the major electron 
donating moieties in HS [39] and that these moieties are derived from higher 
plant precursors, such as lignin and tannins. The presence of phenolic moieties 
in HS can be inferred from their pronounced acid/base buffering capacities in 
the pH range from 8 to 10, which corresponds to the typical pKa range for 
phenols [40, 41]. Furthermore, the presence of lignin-derived residues in HS 
was demonstrated by Fourier transform-ion cyclotron resonance mass 
spectrometry, NMR spectroscopy, and Pyrolysis-GC-MS techniques [42-44]. 
Phenols as major electron donating moieties were suggested by similar redox 
titration curves of HS and of mixtures of synthetic, low molecular weight 
phenols [39]. Evidence for proton coupled electron transfer (including proton 
release during HS oxidation) further supported phenolic electron donating 
moieties in HS [14, 39, 45]. As for the electron accepting moieties, the number 
of electron donating moieties in HS is operationally defined because it varies 
depending on the used oxidant and the pH). In this work, the term electron 
donating capacity (EDC) is used. It refers to the moles of electrons which are 
donated from a given mass of HS under well-defined experimental conditions 
[23]. In previous work, EDCs have primarily been determined by reacting HS 
with chemical oxidants, either in batch experiments or by potentiometric redox 
titrations. The most commonly oxidants used were the iron complexes 
ferricyanide and Fe3+ citrate, and iodine [14, 22, 23, 39, 45]. In a different 
approach, Rimmer et al. [31] recently determined the EDCs of soil extracts 
using the organic radical oxidant 2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic 
acid) (ABTS). This radical is widely used in antioxidant assays in the food 
science and in medical research [28, 46].   
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Critical evaluation of previous approaches to the redox characterization of 
HS. Previously used methods to determine the EACs and EDCs of HS were 
indirect in that they relied primarily on quantifying electron transfer reactions 
between HS added chemical reducants and oxidants. The electron transfer 
kinetics between HS and some of the chemical reductants and oxidants are, 
however, rather slow [23], which raises the question whether some of the 
reported EACs and EDCs are true equilibrium values. In addition, many of the 
used chemical oxidants and reductants have pH dependent reduction potentials 
[23] which makes it difficult to compare EACs and EDCs that were determined 
at different pH values. Finally, many of the previously used reduction methods 
do not allow determining the moles of electrons transferred to HS. In these 
cases, it is, strictly speaking, impossible to assess the reversibility of electron 
transfer to and from HS.  

In addition to chemical reduction and oxidation methods, a number of 
spectroscopic techniques have been used to characterize the redox properties of 
HS. It was proposed that the analysis of fluorescence excitation emission 
matrices of HS provides insight into the redox state of the HS [47]. However, 
the fluorescence spectra largely vary between HS and are strongly pH 
dependent. Also, the deconvolution of excitation emission matrices into several 
distinct components some of which were assigned to quinone species has been 
questioned both on theoretical and experimental grounds [48, 49].  

Electron paramagnetic resonance (EPR) spectroscopy was used to show 
that the number of organic radicals, presumably semiquinones, in HS increased 
upon HS reduction [11, 20]. However, EPR cannot be used to quantify the 
moles of electrons transferred to the HS, due to the fact that the semiquinone 
species is not expected to be the predominant quinone species at circumneutral 
pH [50] (i.e., the quinone is directly reduced to the hydroquinone). Consistently, 
the increase in the number of radicals during reduction at circumneutral pH 
accounted for only a few percent of the electrons transferred to the HS [10, 14].  

Other spectroscopic techniques, including Nuclear Magnetic Resonance 
(NMR) and Fourier-Transform-Infrared (FTIR) spectroscopy, were successfully 
applied in a general characterization of the chemical structures of HS [15, 16, 
51]. These techniques have, however, limited selectivity for the reducible 
moieties in HS. High resolution methods such as Fourier Transform Cyclotron 
Resonance Mass Spectrometry (FTCR-MS) [51] have not yet been applied to 
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study the redox properties of HS. It is questionable whether this technique is 
applicable as the intrinsic redox state of HS samples is likely lost in the 
ionization unit of the MS.  
 
Research needs. While previous work on the redox properties of HS has greatly 
contributed to a better understanding of the role of HS in biogeochemical and 
pollutant redox reactions, methodological constraints have impaired addressing 
some fundamental redox properties of HS.  
Electron transfer reversibility. Previous work showed that electron transfer to 
HS is at least partially reversible upon re-aeration of reduced HS with O2 [10, 
13, 17]. These studies did not quantify the numbers of electrons transferred to 
HS during reduction. Reversibility can however only be unambiguously 
established by balancing the moles of electrons transferred to and from the HS 
during both reduction and oxidation, respectively.  
Thermodynamics of redox reactions involving HS. While the electron accepting 
and donating capacities of HS are well studied [10, 13, 23], the thermodynamics 
of the electron transfer reactions to and from HS have received considerably 
less attention. Research is warranted on the redox potential distribution of the 
electron accepting and donating moieties in HS and on the effect of pH on the 
redox potentials of HS.  
Integrated assessment of the electron donating and accepting properties of HS. 
While the diversity of HS from different source material has been addressed in 
studies on the electron accepting properties of HS [10, 13], studies on the 
electron donating properties of HS have focused on few HS [14, 23, 45]. An 
integrated assessment of both electron donating and accepting properties of a 
large and diverse set of HS is required to identify the environmental factors and 
the structural properties of HS that affect their redox properties. This set of HS 
has to include aquatic, terrestrial, and synthetic HS. 

These research questions can only be addressed if new approaches to 
characterize the redox properties of HS are developed. These new approaches 
need to be selective for the electron accepting or electron donating moieties in 
HS and have to fulfill several requirements including a direct quantification of 
electron transfer to and from HS, independent control of Eh and pH during HS 
reduction and oxidation, and accurate Eh measurement in HS solutions.  
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In principle, electrochemical methods are selective for the reducible or 
oxidizable moieties in HS and promise to fulfill the above requirements. In 
several studies, electrochemical methods, including bulk electrolysis, open 
circuit potential measurements, and cyclic voltammetry have been applied to 
characterize the redox properties of HS [12, 39, 52-54].  

For instance, bulk electrolysis with a platinum working electrode was 
used to generate reduced HA that was subsequently used as reductant for 
chlorinated hydrocarbons [52]. However, proton reduction at the Pt electrode 
resulted in high background currents, which impeded direct chronocoulometric 
quantification of the electron transfer to the HA [55]. Furthermore the 
production of H2 on the Pt surface may have resulted in chemical modifications 
of the HA, including the hydrogenation of double bonds. Therefore, other inert 
electrode materials that have a higher overpotential for proton reduction than Pt 
are required. In this regard, carbon may be a suitable working electrode material 
[55]. 

In addition to bulk electrolysis at a constant redox potential, potential 
sweep methods have also been applied. These methods include linear sweep 
voltammetry [53] and cyclic voltammetry [12, 39, 56]. Linear sweep and cyclic 
voltammograms a of HS in aqueous solutions were, however, devoid of clear 
features, presumable due to slow direct electron transfer between the electrode 
and HS [12, 39, 56]. Conversely, discrete reduction and oxidation current peaks 
were obtained in the cyclic voltammograms of HS dissolved in an aprotic 
solvent [12]. The half peak potentials were comparable to those of model 
quinones dissolved in the same solvent. While these studies provided insight 
into the redox potentials distribution of the redox-active moieties in HS in 
aprotic organic solvents, these results are not directly transferrable to HS in 
aqueous solutions. Electron transfer to and from HS in aqueous solutions may 
result in the uptake and release of protons, which are, however, absent in the 
aprotic organic solvent. Furthermore, HS likely adapts very different 
conformations in the aprotic organic solvent and in water, which is expected to 
affect HS redox properties.  

A few studies have quantified the pH dependence of the reduction 
potentials of HS by potentiometric redox potential measurements [54, 57]. 
These measurements were, however, conducted only for unreduced HS, over a 
rather narrow pH range, and showed clear signs of redox nonequilibria between 
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the HS and the redox electrode [54]. Attainment of redox equilibria between HS 
and the redox electrodes may be facilitated by the use of small amounts of 
organic redox mediator molecules [58, 59]. 

  
1.2. Objectives of this work  

The overall goal of this work was to characterize the electron accepting and 
donating properties of a diverse set of humic substances, using electrochemical 
approaches.  
 
Five specific objectives were defined to operationalize this overall goal:  

1) To advance and validate an electrochemical approach that allows for (i) 
selective reduction of electron accepting moieties in HS, (ii) the direct 
quantification of the electron donating and accepting capacities of HS at 
different Eh and pH, and (iii) accurate potentiometric Eh measurement in 
HS solutions. 

2) To establish the extent of reversibility of HS reduction and oxidation 
3) To determining the redox potential distribution of the electron accepting 

and electron donating moieties in HS and to assess the pH dependence of 
HS redox potentials 

4) To determine the relationship between electron donating and accepting 
properties of HS and their origin and chemical structure  

5) To elucidate whether reduction of HS affects its properties as sorbent for 
apolar, polar, and ionic organic pollutants. 
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1.3. Thesis organization  

Chapter 2. In this chapter a novel electrochemical approach to characterize the 
redox properties of HS is presented and evaluated. This approach comprises two 
methods. The first is direct electrochemical reduction (DER) of HS in a bulk 
electrolysis setup at glassy carbon working electrodes. This method allows 
generating large quantities of reduced HS. The moles of electrons transferred to 
the HS are determined by chronocoulometry. DER in bulk electrolysis cells can 
be coupled to automated pH stat titration to quantify the number of protons 
transferred to HS during the reduction. The second method comprises mediated 
electrochemical reduction (MER) and oxidation (MEO) in which small amounts 
of HS are spiked to an electrochemical cell containing electron transfer 
mediators. The organic radicals 2,2'-azino-bis(3-ethylbenzthiazoline-6-sulfonic 
acid) (ABTS•+) and 1,1'-Ethylene-2,2'-bipyridyldiylium dibromide (DQ•+) 
served as mediators to fascilitate electron transfer between electrodes and HS. 
The reductive and oxidative current responses in MER and MEO resulting from 
the HS spikes are integrated to give the EACs and EDCs, respectively, of the 
spiked HS samples. The two methods were combined to assess (i) whether MER 
and MEO quantitatively detected electrons transferred to an HA by DER, (ii) 
the reversibility of electron transfer to and from a model HA over successive 
electrochemical reduction and O2-reoxdation cycles, and (iii) the kinetics of O2-
reoxidation of a reduced HA. Finally, MER was used to quantify the EACs of a 
diverse set of 13 terrestrial and aquatic HS. The EACs were related to the 
chemical composition of the HS and compared to previously published EAC 
values for the same HS. 

Chapter 3. This chapter focuses on elucidating the electron and proton transfer 
equilibria of the reducible moieties in an aquatic, a terrestrial, and a lignite-
derived HA. Cyclic voltammetry experiments served to assess electron transfer 
mediation between HS and electrodes by the redox-active organic radicals 
DQ•+, 1,1′-Diethyl-4,4′-bipyridinium dibromide (EV•+) and 1,1’-
Bis(cyanomethyl)-4,4’-bipyridinium (CV•+). It was further tested whether these 
radicals facilitate attainment of redox equilibrium in potentiometric Eh 
measurements in HS solutions. The pH dependencies of the Eh of the electron 
accepting moieties in HAs were determined by quantifying the molar ratios of 
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protons to electrons transferred to the HAs during electrochemical reduction and 
by potentiometric Eh-pH titrations of HAs pre-reduced by DER to different 
extents. Finally, the decrease in Eh with increasing moles of electrons 
transferred to the tested HAs during electrochemical reduction was quantified 
and modeled to assess the distribution of apparent standard reduction potentials 
of the reducible moieties.  

Chapter 4. This chapter presents the results of a systematic study of the effects 
of Eh and pH on the antioxidant properties of a diverse set of terrestrial and 
aquatic humic substances and natural organic matter samples. Similar to chapter 
3, cyclic voltammetry experiments were conducted to assess mediated electron 
transfer from HS to the working electrode by the organic radical ABTS•+. 
Model antioxidants with known EDCs were analyzed using MEO with ABTS•+ 
as mediator to test whether this technique allows for a quantitative detection of 
EDCs. The results from a number of electrochemical experiments are presented 
that were conducted to determine the reversibility of HS oxidation and the 
dependence of the EDCs on the redox potential and on solution pH. 
Furthermore MEO was used to quantify the EDCs of a diverse set of terrestrial, 
aquatic, microbial, and artificial HS. These EDCs were correlated to the titrated 
phenol content and the aromaticities of the HS. Finally the EDC and EACs of 
the different HS were used to assess the relationship between HS redox 
properties on their origin and chemical structure. 

Chapter 5. The work presented in this chapter assesses whether the reduction of 
HS alters their sorbent properties for organic pollutants. Leonardite humic acid 
(LHA), a well characterized HA with a relatively high EAC, was reduced by 
bulk electrolysis at different pH. The redox state of LHA was determined prior 
to and after each sorption experiment by a novel spectrophotometric assay that 
relies on the decolorization of the blue redox dye 2,6-dichlorophenol indophenol 
upon its reduction by LHA. The unreduced and reduced LHA were 
subsequently used in sorption experiments at pH 7, 9, and 11. The set of organic 
pollutants included apolar napththalene, the H-bond accepting acteophenone 
and quinoline, the H-bond donating and accepting 2-naphthol, and the 
organocation 1,1'-Dimethyl-4,4'-bipyridinium (paraquat). This set of probe 
molecules was chosen to test whether HA redox state changes the H-bond 
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interactions between the HA and the organic pollutants, the cohesive energy of 
the HA phase, and/or the number of anionic sites in HA for cation binding.  
 
Chapter 6 provides a general conclusion and an outlook. 
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Abstract 

Two electrochemical methods to assess the redox properties of humic 
substances (HS) are presented: Direct electrochemical reduction (DER) on 
glassy carbon working electrodes (WE) and mediated electrochemical reduction 
(MER) and oxidation (MEO) using organic radicals to facilitate electron 
transfer between HS and the WE. DER allows for continuous monitoring of 
electron and proton transfer to HS by chronocoulometry and automated acid 
titration, respectively, and of changes in bulk HS redox potential Eh. Leonardite 
humic acid (LHA) showed an H+/e- ratio of unity and a decrease in potential 
from Eh= +0.18 to -0.23 V upon transfer of 822 µmole- gLHA

-1 at pH 7, consistent 
with quinones as major redox-active functional moieties in LHA. MER and 
MEO quantitatively detected electrons in LHA samples that were pre-reduced 
by DER to different extents. MER and MEO therefore accurately quantify the 
redox state of HS. Cyclic DER and O2-reoxidation revealed that electron 
transfer to LHA was largely reversible. However, LHA contained a small pool 
of moieties that were not re-oxidized, likely due to endergonic first electron 
transfer to O2. Electron accepting capacities of 13 different HS, determined by 
MER, strongly correlated with their C/H ratios and aromaticities and with 
previously published values, which, however, were a factor of three smaller due 
to methodological limitations 
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2.1. Introduction 

Humic substances (HS), including humic and fulvic acids, are redox-active 
natural organic macromolecules that are ubiquitous in soils and sediments and 
predominate in the subsurface of peatlands and bogs. The redox-activity of HS 
has been primarily ascribed to quinone-hydroquinone moieties (1-5), although 
complexed metals, in particular iron, may also play a role. In environments with 
changing redox conditions, such as capillary fringes of soils, HS may act as 
redox buffers by accepting electrons from microbial respiration under anoxic 
condition (6-8), and, upon re-aeration, by donating electrons to oxygen. In 
peatlands and bogs, this process is believed to significantly decrease 
methanogenesis (8, 9). In addition to acting as redox buffers, HS mediate 
biogeochemical redox reactions, including the transfer of electrons from 
microorganisms to poorly accessible mineral phases, such as Fe3+-oxides (6, 7, 
10). HS also mediate electron transfer from abiotic reductants (e.g., H2S) to 
organic pollutants (e.g., halogenated hydrocarbons and nitroaromatics) (11-13). 
The role of HS as redox buffers and mediators has drawn considerable interest 
in their redox properties, including the reversibility of electron transfer to and 
from HS and their electron acceptor (EAC) and donor (EDC) capacities (i.e., the 
moles of electrons that can be transferred or withdrawn, respectively, from HS 
at a given potential Eh). 

Some previous methods to determine EAC have used H2S and Zn0 as 
reductants (14, 15). Following HS reduction, the oxidation products S2O3

2- and 
Zn2+ were quantified and set equal to EAC. Other studies determined the EAC 
indirectly by measuring the difference in EDCs of a pre-reduced and a non-
treated HS. Pre-reduction was achieved either microbially (Geobacter 
metallireducens), chemically (H2 in the presence of Pt or Pd, H2S, Zn0), or 
electrochemically (bulk electrolysis at a Pt working electrode) (2, 12, 16, 17). 
The EDCs were determined by quantifying the amount of Fe2+ formed by the 
reduction of added Fe3+ complexes (most often Fe3+-citrate or hexacyanoferrate) 
by HS. This experimental approach has also been used to determine changes in 
the redox states of HS samples, for instance along environmental redox-
gradients (8). 

Although widely used, the above methods have some limitations: First, 
the amount of electrons transferred to and withdrawn from HS was determined 
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only indirectly by quantifying the oxidation or reduction of added chemicals. A 
direct measurement of transferred electrons is, however, required to improve 
accuracy and reduce analysis time. Second, electron transfer to and from added 
chemical oxidants and reductants is often coupled to proton exchange, which 
resulted in a pH-dependent reduction potential Eh and hence driving force for 
HS oxidation and reduction. This impedes direct comparisons of the redox 
properties of HS (e.g. EAC and EDC) if determined at different pH. Ideally, 
both EAC and EDC should be determined relative to reference states with pH-
independent Eh. Third, EDC quantification by re-oxidation with Fe3+ is slow, 
requiring hours to days to attain apparent reaction equilibrium (17). Yet, 
reaction times were often not more than 15 min to one hour (2, 16), such that 
determined values underestimated true equilibrium EDCs. Clearly, methods 
with faster electron transfer kinetics to and from HS are required. Fourth, the 
use of chemical reductants may result in side reactions, including complexation 
of added Fe and Zn by HS or covalent modification of HS (e.g., nucleophilic 
addition of reduced sulfur species) (14, 15). 

In this paper, we present a novel electrochemical approach to study the 
redox properties of HS, which overcomes the limitations of previously used 
methods. The approach combines two electrochemical methods. The first is 
constant-potential direct electrochemical reduction (DER) of HS at a glassy 
carbon (GC) working electrode (WE). The use of GC allowed for a continuous 
chronocoulometric quantification of the amount of electrons transferred to HS, 
since background currents from H+ reduction were negligible. DER served to 
generate clean HS samples with known redox states, to quantify the ratio of 
protons to electrons transferred during reduction, and to monitor the resulting 
decrease in redox potential Eh during the reduction. The second method, 
mediated electrochemical reduction (MER) and oxidation (MEO), quantified 
differences in the electron contents between small HS samples by 
chronocoulometry. Organic radicals mediated the electron transfer between the 
HS and carbon electrode and established stable, pH-independent redox 
potentials in the electrochemical cell. 

The versatility of this novel approach is demonstrated by evaluation of 
the reversibility of electron transfer to Leonardite humic acid (LHA) in 
successive DER and O2 re-oxidation cycles, and by the quantification of the 
EACs of a broad set of terrestrial and aquatic humic and fulvic acids. 
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2.2. Materials and Methods  

Chemicals. Diquat dibromide monohydrate (99.5%, Supelco) (DQ), 2,2'-azino-
bis(3-ethylbenzthiazoline-6-sulfonic acid) diammonium salt (>99%) (ABTS), 
2,6–dichlorophenol indophenol sodium salt hydrate (purum.p.a) (DCPIP), starch 
from wheat, potassium chloride (>99.5 %), sodium hydroxide (puriss. p.a.), and 
hydrochloric acid (puriss. p.a.) were purchased from Fluka (St. Louis, MO, 
USA). Ethyl viologen dibromide (>99%), 9,10-anthraquinone-2,6-disulfonic 
acid disodium salt (>98%), and 2-hydroxy-1,4-naphthoquinone (Lawsone) 
(>97%) were from Sigma-Aldrich (St. Louis, MO, USA), disodium hydrogen 
phosphate dihydrate (p.a.) was from Merck (Darmstadt, Germany).  

All aqueous solutions were prepared with nanopure water (Barnstead 
NANOpure Diamond Water Purification System). 
 
Humic substances (HS) were used as received. Aldrich humic acid was 
obtained from Sigma-Aldrich (St Louis, MO). All other HS (i.e., Suwannee 
River Humic Acid Standard II, Suwannee River Fulvic Acid Standard II, Elliott 
Soil Humic Acid Standard, Eliott Soil Fulvic Acid Standard III, Leonardite 
Humic Acid Standard, Pahokee Peat Humic Acid Standard, Pahokee Peat 
Humic Acid Reference, Pahokee Peat Fulvic Acid Standard II, Waskish Peat 
Humic Acid Reference, Nordic Aquatic Humic Acid Reference, Nordic Aquatic 
Fulvic Acid Reference, Pony Lake (Antarctica) Fulvic Acid Reference) were 
from the International Humic Substances Society (IHSS, St. Paul, MN, USA).  
 
Electrochemical experiments. All electrochemical measurements were 
conducted in an anoxic glovebox (N2 atmosphere at 25±1 °C, O2< 0.1 ppm). 
Aqueous solutions were made anoxic by purging with argon for one hour at 
150°C and for one hour at room temperature. All solutions used for 
electrochemical experiments contained 0.1 M KCl as supporting electrolyte. 
Potentials were measured vs. Ag/AgCl but are reported vs. SHE.  
 
Direct electrochemical reduction (DER) of Leonardite humic acid (LHA). 
Dissolved LHA (2 gLHA L-1) was reduced in a ~0.1 L bulk electrolysis cell. The 
cell consisted of a glass vessel closed with a Teflon cover, a GC WE 
(Sigradur G, HTW, Tierhaupten, Germany), an Ag/AgCl reference electrode, 
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and a coiled platinum wire auxiliary electrode (both from Bioanalytical Systems 
Inc., West Lafayette, IN, USA). The auxiliary electrode was placed in an anodic 
compartment separated from the cathodic compartment by a glass frit to 
minimize re-oxidation of reduced HA. A CHInstruments 630C instrument 
(Austin, TX, USA) and an Autolab PG 302 instrument (EcoChemieB.V, 
Utrecht, The Netherlands) were used to measure currents I (A) and to control 
potentials at the WE. Unless stated otherwise, DER were carried out at Eh= -
0.59 V. The transferred amount of electrons, QDER (µmole-), was obtained by 
chronocoulometry (i.e., integration of the reductive and oxidative currents I over 
time t (s)). 
 Two different setups were used to ensure constant pH 7 throughout DER. 
In the first, HS solutions contained 0.1 M phosphate. In the second setup, the 
HS solution (75 ml, 2 gLHA L-1) was continuously circulated through the 
electrochemical cell and two flow-through cells (Figure 1a). Increase in solution 
pH by proton consumption was monitored by a pH electrode in the first flow 
through cell and compensated by titration of diluted HCl (18.5 mM) to the 
electrochemical cell using an automated titrator (751 GPD Titrino, Metrohm, 
Zofingen, Switzerland). The redox potential Eh was measured by a platinum-
ring redox electrode (Metrohm, Zofingen, Switzerland) placed in the second 
flow through cell.  
 
Mediated electrochemical reduction (MER) and oxidation (MEO) of HS 
samples was conducted with the electrochemical equipment described above. 
However, instead of GC, reticulated vitreous carbon (RVC, Bioanalytical 
Systems Inc., West Lafayette, IN, USA) was used as WE material to increase 
the surface area and hence to facilitate electron transfer to and from the 
mediator. The electrochemical cell was filled with 80 mL buffer (0.1 M KCl, 
0.1 M phosphate, pH 7) and the electrode was equilibrated to the desired 
potentials (i.e. Eh= -0.49 V in MER and Eh= +0.61 V in MEO, which were 
below respectively above the potential range reported for quinones (see Figure 
S1)). Subsequently the mediators DQ for MER and ABTS for MEO were 
spiked, resulting in reductive and oxidative currents, respectively. Structural 
formula and standard potentials of these mediators are given in Figure 1d. After 
re-attainment of constant background currents, small amounts (< 1 mg) of HS 
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samples were spiked to the cells and the transferred amount of electrons was 
measured by chronocoulometry.  
 
Reversibility of electron transfer to HS using O2 as oxidant. DER-reduced 
LHA was transferred to a gas tight serum flask, and re-oxidized with excess O2 
by purging the flask with synthetic air for 1h, followed by 24h incubation. 
Subsequently, un-reacted O2 was removed by Ar-purging for 1h. This 
reduction-re-oxidation cycle was carried out three times, with incubation 
periods of LHA after purging with synthetic air of 24 h (cycle 1 and 2) and 8 d 
(cycle 3). After each reduction and oxidation step, an aliquot of the LHA was 
withdrawn and the EAC was determined by MER. To determine the re-
oxidation kinetics of LHA by O2, 9 mL aliquots of DER-reduced LHA were 
transferred into stoppered, gas tight serum flasks. Using a gas-tight syringe, 25 
mL of the flasks headspace were withdrawn and replaced with oxygen. The 
flasks were incubated for different time spans. Oxidation of LHA was quenched 
by purging the flasks with argon for >1 hour to remove un-reacted O2. Changes 
in EACs of the samples were quantified by MER. 
 
Electron-accepting capacities (EAC) of HS. Solutions of a diverse set of HS 
listed above were prepared in buffer (0.5 gHS L-1; 0.1 M KCl, 0.1 M phosphate, 
pH 7). The EACs were quantified by MER. 
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2.3. Results and Discussion  

2.3.1. Description and Evaluation of Electrochemical Methods 
Electron transfer, proton consumption and change in redox potential in DER 
of LHA. Figure 1b shows the reductive current I during DER of LHA (red line) 
using acid titration to maintain constant pH 7 (black line). High initial I > 300 
µA decreased to (but did not level off at) ~ 30 µA after 50 h at which DER was 
stopped. Negligible background currents were measured in the absence of LHA 
(< 1 µA; grey line). This shows that the redox-active moieties in LHA can be 
directly reduced at GC and that no significant H2 generation by proton reduction 
occurred. Hence the electrons transferred during DER could be quantified 
directly by integration of the LHA reduction current and was QDER = 822 µmole- 
gLHA

-1 after 50 h. In contrast, the platinum electrode used in (12, 17), resulted in 
extensive H2 production (and potentially catalytic hydrogenation reactions by 
H2/Pt), which impaired accurate quantification of the transferred amount of 
electrons.  
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Figure 1. a. Direct electrochemical reduction (DER) of humic acid (HA). The 
electrochemical cell consisted of a cylindrical glassy carbon (GC) working electrode (applied 
potential Eh vs. SHE), an Ag/AgCl reference electrode, and a platinum-wire counter electrode 
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separated from the main compartment by a glass frit to avoid re-oxidation of reduced HA. 
The HA solution was continuously circulated through two small volume flow-through cells 
containing a pH electrode and a Pt-ring redox electrode. A constant experimental pH was 
maintained by automated addition of diluted acid to the electrochemical cell by a titration unit 
connected to the pH electrode. b. Reductive current (red trace) and solution pH (black trace) 
during DER of Leonardie humic acid (LHA) at Eh= -0.59V for 50 h. The background current 
(grey trace) was measured at the same Eh in the absence of LHA. c. Decrease in solution 
potential Eh (V vs. SHE) (black trace) and ratio of protons to electrons, H+/e-, transferred to 
LHA (grey trace) as a function of the amount of electrons transferred to LHA by DER, QDER, 
at pH 7. The standard redox potentials Eh

0 of 1,4-benzoquinone (1,4-BQ), 1,4-
naphthoquinone (1,4-NQ), and 9,10-anthraquione-2-sulfonate (9,10-AQS) at pH 7 are given 
as references. The peaks in I, pH, and H+/e- (indicated by asterisk *) in panels b and c resulted 
from short time malfunctioning of the pH electrode. d. Schematic of mediated 
electrochemical reduction (MER) at Eh= -0.49 V and oxidation (MEO) at Eh= 0.61 V using 
the organic radicals diquat (DQ) and 2,2'-Azino-bis(3-ethylbenzthiazoline-6-sulfonic acid) 
(ABTS), respectively, to facilitate electron transfer between the reticulated vitreous carbon 
(RVC) working electrode to humic substances (HS). e. Electrons transferred to LHA in DER, 
QDER (red trace and arrows) and MEO, QMEO (green arrows), and electrons withdrawn from 
LHA in MEO, QMEO (blue arrows). Samples S0 to S10 were withdrawn from the 
electrochemical cell during DER and represented LHA standards with known QDER. f. 
Reductive and oxidative current responses in MER (green peaks) and MEO (blue peaks), 
respectively, for LHA samples S0 to S10. Current peaks were integrated to give transferred 
charge equivalents, QMER and QMEO, represented by arrows in panel e. Sample S5 could only 
be analyzed in MER.  
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The transfer of electrons to LHA during DER resulted in a gradual decrease in 
solution redox potential from Eh= +0.18 to -0.23 V (black line; Figure 1c). Eh 
decreased only slightly when the same potential was applied to buffer in the 
absence of LHA (data not shown). The gradual decrease in Eh in combination 
with the absence of inflexion point(s) supports that LHA contains redox-active 
functional moieties with a wide distribution in redox potentials, falling into the 
potential range covered by benzo-, naphtha-, and anthraquinones (Figure 1c and 
Figure S1). This is consistent with the hypothesis that quinones are the 
predominant redox active moieties in HS. A similar wide range of HS redox 
potentials was reported in (7). Note that the wide potential distribution of redox-
active moieties in LHA and slow electron transfer kinetics at GC provide 
plausible explanations for the absence of distinct reduction and oxidation waves 
in cyclic voltammetry measurements of HA (4, 19).  

The solution potential after 50 h of DER, Eh= -0.23 V, was significantly 
higher than the potential at the WE, Eh= -0.59 V. Therefore, LHA had not come 
to equilibrium with the WE over the course of DER. Plausible explanations for 
non-equilibrium (i.e., sluggish electron transfer) include passivation of the GC 
electrode surface due to HA adsorption (20) and the macromolecular nature of 
HA (e.g. slow reduction of redox-sites in the interior of HA colloids) (21). The 
non-equilibrium led to increasing QDER with increasing reduction time and with 
decreasing applied potential (shown for LHA in Figure S3a for applied 
potentials of Eh= -0.39, -0.59, and -0.79 V). Slow DER reduction kinetics were 
linked to HA since the same setup resulted in much faster and quantitative 
reduction of the model quinone lawsone (Figure S3b). The chosen Eh= -0.59 V 
allowed for DER also at pH< 7 without significant H2 generation (data not 
shown).  
The molar ratio of titrated protons to transferred electrons increased from 0.6 to 
1.0 within the first ~250 µmole- gLHA

-1 transferred after which it remained 
constant (Figure 1c, grey trace). The final H+ to e- ratio was 1.01. Proton 
titration was negligible when the potential Eh= -0.59 V was applied to buffer in 
the absence of LHA (data not shown). The H+ to e- ratio of unity implies that 
one H+ was taken up per e- transferred to redox-active functional moieties in 
LHA. This again supports the hypothesis that quinones are the major redox 
active groups in HS, because most hydroquinones have acidity constants pKa> 7 
(22). The smaller initial H+ to e- ratio likely resulted from internal proton 
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buffering by LHA and/or by the transient formation of semiquinone radical 
anions, which is not coupled to H+ uptake (2, 22). A detailed analysis of the pH-
dependency of the ratio of H+ to e- transferred during DER will be presented in 
a forthcoming paper. DER of LHA solutions in which the pH was buffered by 
phosphate resulted in very similar current responses (Figure S3a). 

In summary, the results show that DER at GC has several advantages 
over previously employed reduction methods: DER allows for (i) a direct 
quantification of transferred electrons during reduction, (ii) simultaneous 
monitoring of electron and proton transfers, pH, and Eh during reduction, (iii) 
reduction at different Eh, (Figure S3) and pH (data not shown), and (iv) 
generation of bulk (mg to g) amounts of ‘clean’ reduced HA samples (devoid of 
chemical reducing agents such as complexed metal cations or covalently bonded 
H2S species) with defined redox states that can be directly used in follow up 
experiments.  
 
Mediated electrochemical reduction and oxidation (MER and MEO). Spiking 
of small volumes of pre-reduced and non-treated LHA samples into 
electrochemical cells with the WE pre-polarized to Eh= -0.49 V and +0.61 V, 
but in the absence of organic electron transfer mediators, resulted in poorly 
defined reductive and oxidative current responses, respectively (Figure S4), 
reflecting sluggish direct electron transfer between LHA and the WE. The peaks 
could not be exactly integrated. Hence, in order to facilitate the electron 
transfer, organic electron transfer mediators were employed. The radicals diquat 
(DQ, first electron reduction potential Eh

1= -0.36 V) and ethylviologen (EV, 
Eh

1= -0.48 V) (data not shown) were used for MER and ABTS (second electron 
reduction potential Eh

2= +0.68 V) for MEO (Figure S2) (23, 24), because these 
chemicals fulfilled the following requirements (25, 26): (i) fast and reversible 
heterogeneous electron transfer at the electrode and homogenous electron 
transfer with LHA in solution, (ii) pH-independent redox potentials Eh (i.e., 
organic radicals), (iii) stability at potentials sufficiently low (mediator in MER) 
respectively high (mediator in MEO) to cover the Eh-range of the redox-active 
moieties in LHA (Figure S1), and (iv) sufficiently high water solubility. Spiking 
of DQ to the electrochemical cell with the WE pre-polarized to Eh= -0.49 V 
resulted in reductive current peaks due to one-electron reduction of DQ2+ to the 
radical DQ•+ (Figures S2 and S4a). The transferred amount of electrons 
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obtained from peak integration was 100±5% of the amount expected for an 
equimolar electron transfer to DQ2+, demonstrating accurate chronocoulometric 
quantification. Analogously, spiking of ABTS to the electrochemical cell with 
the WE pre-polarized to Eh= +0.61 V resulted in oxidative currents due to one-
electron oxidation of ABTS to ABTS•+ (Figures S2 and S4b). Subsequent 
spiking of LHA samples to both systems resulted in very sharp, well-defined 
current peaks (Figure S4), demonstrating that DQ and ABTS facilitated the 
electron transfer between LHA and the WE (Figure 1d). 

A series of eleven LHA samples (S0 to S10) with increasing QDER from 0 
µmole- gLHA

-1 (S0) to 966 µmole- gLHA
-1 (S10) were obtained by DER (Figure 

1e). These samples served as standards with known differences in electron 
contents to test the recovery of DER-transferred electrons by MER and MEO. 
Figure 1f shows the current responses of samples S0 to S10 in MER (green 
peaks) and MEO (blue peaks). The height of the current peaks decreased in 
MER and increased in MEO with increasing pre-reduction of LHA by DER 
(i.e., from S0 to S10, Figure 1f). No reductive and oxidative current peaks were 
detected when background buffer without LHA was spiked. The results of a 
number of additional control experiments, including MER and MEO of two 
model quinones, lawsone and AQDS, and of starch, a non redox-active organic 
polymer, are summarized in Table S1.  
The amount of electrons transferred to and from LHA in sample SX (X= 0 to 
10) during MER, QMER(SX), and MEO, QMEO(SX), were obtained by integration 
of the respective reductive and oxidative current peaks in Figure 1f. Figure 1e 
shows that QMER (green arrows), decreased, while QMEO (blue arrows) increased 
with increasing amounts of electrons transferred to LHA during pre-reduction 
by DER, QDER (red arrows). Notably, the same total amount of electrons, 
QDER(SX) + QMER(SX), was transferred to each of the samples. Moreover, the 
amount of electrons withdrawn by MEO from sample SX, QMEO(SX), was equal 
to QDER(SX) + QMEO(S0), where sample S0 contained LHA that was not pre-
reduced by DER (Figure 1e). The recovery of QDER was 104 (± 3) % by MER 
and 90 (± 4) % by MEO (determined by regression analysis, see Figure S5 for 
details). MER and MEO therefore quantitatively detected the electrons that had 
been transferred to LHA during DER.  
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These findings have the following implications: (i) Redox-active moieties 
in HS that were reducible by DER in the absence of mediator were also reduced 
by DQ in MER. Furthermore, electron transfer to LHA by DER was largely 
reversible when ABTS was used as oxidant. Re-oxidation by ABTS was 
therefore both kinetically fast and thermodynamically favorable. (ii) Non-
treated LHA (sample S0) contained reduced moieties that were oxidized by 
ABTS. The Eh-data in Figures 1c and S1 suggests that some of these moieties 
might have been hydroquinones with Eh

0> +0.18 V at pH 7, the potential of un-
treated LHA inside the glovebox. Note that QMEO increased with increasing Eh 
applied to the WE (data not shown). This was likely due to oxidation of 
phenolic and other oxidizable moieties in LHA, as suggested by MEO of model 
quinones lawsone and AQDS (Table S1). (iii) Electron transfer to LHA in MER 
was much faster and more extensive than in DER, even though the potentials of 
the WE were lower in DER (Eh= -0.59 V) than in MER (Eh= -0.49 V), thus 
confirming non-equilibrium conditions of LHA and the WE during DER. (iv) 
The quantitative recovery confirmed that reductive currents during DER were 
due to electron transfer to redox-active moieties in LHA and not due to 
reduction of solution protons (i.e., H2 generation). (v) MER and MEO are 
perfectly suited to determine the redox states (i.e., the degree of reduction and 
oxidation with regard to the reference states of MER and MEO) of HS from 
small environmental samples. Other redox-active species (e.g. iron) in the 
sample will also be detected.  
 
2.3.2. Method applications  
Reversibility of electron transfer to and from LHA Redox buffering and 
electron transfer mediation by HS requires that they contain functional moieties 
that reversibly accept and donate electrons. Reversibility in successive reduction 
and O2-oxidation cycles is of particular interest to studies of redox-dynamics in 
temporarily anoxic environments. In previous work it was shown for a set of 
eight HS, that the difference in the EDCs of Pd/H2-reduced and O2 re-oxidized 
HS to Fe3+-citrate remained more or less constant over five successive reduction 
and oxidation cycles. This demonstrated that within the range of Eh values 
considered, each of the tested HS contained a constant pool of functional 
moieties with reversible electron transfer (16). However, because the size of this 
pool could not be related to the unknown amount of electrons transferred to HS 
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during Pd/H2 reduction, the degree of electron transfer reversibility in one and 
over all cycles remained unknown. As demonstrated in the following example, 
electron transfer reversibility in reduction-oxidation cycles can be accurately 
determined by combining DER with MEO and MER.  

Figure 2a shows the excess amount of electrons, Q, on LHA samples 
relative to non-treated LHA during three DER-reduction (red traces) and O2-
reoxidation (black dashed arrows) cycles. Within each cycle Q increased by 
DER of LHA and decreased by exposure of LHA to excess O2. Each reduction 
and re-oxidation step therefore regenerated a large fraction of the capacity of 
LHA to donate and accept electrons, respectively. This reversible fraction 
underpins that HS act as redox buffers in temporarily anoxic environments. A 
smaller fraction of DER-transferred electrons was not re-oxidized by O2 over 1d 
in cycles 1 and 2 and 8d in cycle 3. The size of this recalcitrant fraction was 
consistently quantified both by MER and MEO and accounted for 28%, 38%, 
and 32% of Q in LHA prior to exposure to O2 in cycles 1, 2, and 3, respectively.  
 Quantitative recovery of DER-transferred electrons by ABTS in MEO at 
Eh= +0.61 V implies that the recalcitrant fraction did not result from truly 
irreversible electron transfer during LHA reduction. The reduction potential for 
the half reaction of O2 + 4e- + 4H+ ⇔ 2 H2O, Eh

0= +0.77 V at pH 7 (27), is 
much higher than the Eh in MEO and the measured Eh for extensively reduced 
LHA (Figures 1c and S1), indicating that re-oxidation of LHA by O2 to form 
water was thermodynamically favorable. In contrast, the first electron reduction 
potential of O2 at pH 7, Eh

1= –0.16 V, to form superoxide lies at the lower end 
of measured Eh for LHA. Notably, the recalcitrant fraction was largely formed 
during the first DER step and increased only slightly to the second DER step 
(Figure 2a). This suggests that the oxidation-recalcitrant fraction was composed 
of (benzo-)quinones with first electron reduction potentials above the potential 
applied at the working electrode (i.e., moieties that were readily reduced in the 
first DER step), yet with second electron reduction potentials much higher than 
the Eh

1 of O2, resulting in endergonic and hence slow first electron transfer to 
O2. This is supported by a highly endergonic free energy of one electron transfer 
from 1,4-hydroquinone, a model for benzoquinone moieties in LHA, to 
molecular oxygen of ΔG1= +64.5 kJ mol-1 at pH 7 (calculations in SI). 
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Figure 2. a. Change in the amount of electrons on Leonardite humic acid (LHA), Q, relative 
to non-treated LHA during three successive cycles of direct electrochemical reduction (DER) 
and re-oxidation by O2. Electrons transferred to LHA were directly quantified in DER (red 
traces). Mediated electrochemical reduction (MER; green triangles) and oxidation (MEO; 
blue squares) were used to quantify Q following DER and O2 re-oxidation and were generally 
very good agreement. b. Re-oxidation kinetics of DER-reduced LHA by excess O2. The 
amount of electrons on LHA, Q, relative to non-treated LHA was quantified by MER.  
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Slow and incomplete re-oxidation was verified by oxidizing reduced LHA 
(QDER= 1053 µmole- gLHA

-1) with excess O2 (Figure 2b). About 50% of QDER was 
transferred to O2 within less than 1 min, consistent with similar findings in (10). 
This fast initial re-oxidation was followed by slower re-oxidation (up to 24 h), 
during which an additional ~35% of QDER was transferred to O2. Beyond 24 h, 
no further re-oxidation was detected up to 5 d. The amounts of DER-transferred 
electrons recalcitrant to O2-reoxidation in Figure 2a and 2b were very similar 
(i.e., 200-300 µmole- gLHA

-1), albeit the total QDER was higher in the second than 
the first experiment. This indicates a constant pool of readily reducible quinones 
in LHA that form hydroquinones with low first electron oxidation potentials. 
The size of this pool in LHA corresponds well to the size recently reported for a 
peat humic acid (∼220 µmole- g-1) (10).  

 

Electron accepting capacities (EACs) of a broad spectrum of terrestrial and 
aquatic HS. The EACs of eight HA and five FA was determined by MER. The 
EACs ranged from 493±10 µmole- g-1 for Pony Lake Fulvic Acid Standard to 
1961±15 µmole- g-1 for Eliott Soil Humic Acid Standard (Figure 3a and Table 
S2). There are two clear trends among the tested HS. First, HA had higher 
EACs than FA (i.e., 920 to 1960 µmole- g-1 compared to 490 to 1050 µmole- g-1, 
respectively). This is particularly evident when comparing HA and FA extracted 
from the same source material (No. 2 and 5 or 8 and 11 in Figure 2a). Second, 
terrestrial HA had higher EACs than aquatic HA. The EACs therefore decreased 
in the order terrestrial HA> aquatic HA, aquatic FA, terrestrial FA > Pony Lake 
FA. The latter is of microbial origin (28) and therefore devoid of lignin-derived 
moieties.  
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Figure 3. a. Linear correlation of electron accepting capacity (EACs) versus the carbon to 
hydrogen ratio (C/H) of 13 tested humic substances. The EACs were determined by mediated 
electrochemical reduction (MER) at an electrode potentials Eh=-0.49 V vs. SHE using diquat 
as mediator. C/H were determined by the International Humic Substances Society (IHSS; 
http://ihss.gatech.edu/ihss2/). The solid line represents the best fit of experimental data and 
dashed lines correspond to the 95% confidence intervals of the experimental fit. 1: Pony lake 
fulvic acid reference; 2 Suwannee River Fulvic acid Standard; 3: Elliott Soil Fulvic acid 
Standard; 4: Aldrich humic acid; 5 Suwannee River humic acid Standard; 6: Waskish Peat 
Humic acid Reference; 7: Nordic Lake Fulvic acid Reference; 8: Pahokee Peat Fulvic Acid 
Standard; 9: Nordic Lake Humic acid Reference; 10: Pahokee Peat Humic Acid Reference; 
11: Pahokee Peat Humic Acid Standard; 12: Leonardite Humic acid Standard; 13: Elliot Soil 
Humic acid Standard. b. Linear correlation of EACs of a subset of tested HS versus the 
electron carrying capacities (ECC) of the same HS taken from (16). The numbers in panel b 
correspond to numbers in panel a. 
 
The EACs correlated linearly with the C/H elemental ratios of all thirteen tested 
HS (R2= 0.82; Figure 3a) and with aromaticity for eleven of the tested HS, for 
which experimental aromaticity data from 13C-NMR was available (R2= 0.82; 
Figure S6). The correlation with aromaticity was stronger than a previously 
published correlation based on nine HS (R2= 0.66) in (2), in which EACs were 
determined indirectly by oxidation of non-treated and microbially reduced HS 
using Fe3+. The good correlations presented herein provide additional evidence 
that aromatic systems, likely quinone moieties, dominate the redox 
characteristics of HS. This is supported by calculations showing that the molar 
concentrations of non-carboxylic and non-phenolic oxygen (µmolO gHS

-1) of the 



 Chapter 2 
 
 

   

37 

tested HS, which include oxygen in quinone moieties, were much larger than 
their respective EAC (Table S2). The high EAC of terrestrial HA and the low 
EAC of aquatic FA, particularly of Pony lake FA, suggests that such quinone 
groups most likely originate from phenolic moieties in lignin (2).  
 
Comparison of different methods for determining EACs. The EACs of seven 
of the tested HS linearly correlated (R2= 0.94) with their electron carrying 
capacities (ECC) reported in (16) (Figure 3b), where the ECC was defined as 
the difference in the amounts of electrons transferred to Fe3+-citrate within 15 
min of reaction between non-treated and from Pd/H2 pre-reduced HS. However, 
since the electron transfer from HS to Fe3+-citrate requires >24 hours to reach 
equilibrium (17), reported ECCs likely underestimated equilibrium values. This 
explains why ECCs were about a factor of three smaller than EACs determined 
by MER (Figure 3b). The linear correlation of EAC and ECC, however, implies 
that the HS in Figure 3b had similar relative amounts of their EACs that were 
readily re-oxidized by Fe3+-citrate. Thus, even though short time oxidation of 
extensively reduced HS by Fe3+-citrate resulted in incomplete recovery of 
reductively transferred electrons, the assay may be used to determine the 
relative differences in the EACs among HS and to detect changes in the redox 
states of partially reduced HS.  

Similar to re-oxidation by Fe3+, the non-radical organic mediator 
dichlorophenol-indophenol (DCPIP) (Figure S2), when used in MEO at Eh= 
+0.61 V, recovered 50% of the electrons that had been transferred to LHA 
samples by DER (samples B0 to B4 in Figure S5). Incomplete recovery by 
DCPIP yet close to complete recovery by ABTS, despite the same electrode 
potential in MEO, show that DER-reduced LHA contained moieties that were 
only slowly oxidized by DCPIP, likely due to slow first electron transfer 
kinetics. The amount of electrons recovered by DCPIP, however, correlated 
linearly with the amount of electrons that had been transferred to LHA during 
DER (Figure S5). DCPIP therefore accurately detected changes in the redox 
states of partially reduced HA.  

Oxidized DCPIP is blue (λmax= 603 nm), while reduced DCPIPH2 is 
colorless. The reductive decolorization of DCPIP can therefore be used in a 
spectrophotometric assay to quantify redox changes in HS (method details in 
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SI), extending on an earlier approach using DCPIP to determine sediment redox 
states (18).  

Addition of DER-reduced LHA (QDER= 999 µmole- gLHA
-1) to DCPIP 

resulted in a decrease in the absorption at λmax= 603 nm (due to reduction of 
DCPIP), which was proportional to the amount of LHA added (Figure S7). In 
contrast, addition of non-treated LHA resulted in little reduction of DCPIP 
(Figure S7). The calculated amounts of electrons transferred from pre-reduced 
and non-treated LHA to DCPIP were 612 and 42 µmole- gLHA

-1, respectively. 
This corresponds to a recovery of 57% of QDER, which agreed well with the 
recovery in MEO using DCPIP as mediator. Higher recoveries were obtained 
when the reoxidation was conducted over longer time periods (data not shown). 
Quantification of HS redox status is faster and more direct by this DCPIP assay 
than by currently used Fe3+-assays in which complexation of the reduction 
product Fe2+ with ferrozin is required prior to its spectroscopic analysis (17). 
The DCPIP assay is therefore suited for high-throughput analysis of changes in 
the redox states of large sets of HS samples. Yet, for accurate balancing (i.e., 
complete recovery) of electrons transferred to and from HS, the use of organic 
radical mediators in MER and MEO is recommended. 
 
Brief. The electrochemical approach allows for direct quantification of electrons 
and protons transferred to and from humic substances under controlled potential 
and pH conditions.   
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All potentials Eh are reported versus the standard hydrogen electrode (SHE) 
 
Section 1. Decrease in potential Eh of Leonardite Humic Acid during direct 
electrochemical reduction (DER) in comparison to the standard reduction 
potentials (pH 7) Eh

0’ of electron transfer mediators, selected model quinones, 
and selected chemical oxidants, and to electrode potentials applied in DER, 
mediated electrochemical reduction (MER) and oxidation (MEO). 

 
 
Figure S1. Decrease in solution potential Eh during direct electrochemical reduction (DER) 
of Leonardite Humic Acid (LHA) at pH 7 as a function of DER-transferred amount of 
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electrons, QDER (µmole- gLHA
-1). Dashed horizontal lines indicate potentials Eh at which DER 

(red dashed line), mediated electrochemical reduction (MER) using the mediator 1-1’-
ethylene-2-2’bipyridyl (diquat, DQ, green dashed line), and mediated electrochemical 
oxidation (MEO) using the mediator 2,2’azino-bis(3-ethylbenzthiazoline-6-sulfonic acid) 
(ABTS, blue dashed line) were conducted. The colored symbols to the right of the 
experimental data represent standard reduction potentials (pH 7) Eh

0’  of the radical mediators 
ABTS (blue square) and DQ (green triangle), of the mediator 2,6-dichlorophenol indophenol 
(DCPIP) (purple circle), molecular oxygen O2 to superoxide radical anion O2•¯ (black circle), 
Fe3+-citrate (olive-colored circle) (1), hexacyanoferrate (orange circle) (2), and of several 
model benzo-, naphtho-, and anthraquinones (cyan diamonds; from top to bottom: 1. 1,2-
benzoquinone (3); 2. 1,4-benzoquinone (2); 3. 2-hydroxy-1,4-benzoquinone (4); 4. 1,4-
naphthoquinone-2-sulfonate (3); 5. 1,4-naphthoquinone (2); 6. 5,8-dihydroxy-1,4-
naphthoquione (2); 7. 2-hydroxy-1,4-naphthoquione (2); 8. 9,10-anthraquinone-2,6-
disulfonate (2); 9. 9,10-anthraquinone-2-sulfonate (2); 10. 9,10-anthraquinone-2-carboxylic 
acid (5)). 
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Section 2. Direct electrochemical reduction (DER) of Leonardite Humic Acid 
(LHA) and the model quinone Lawsone at different electrode potentials Eh. 
 

 
 
Figure S2. a. Amount of electrons transferred to Leonardite Humic Acid Standard (LHA; 2 g 
L-1; pH 7) during direct electrochemical reduction (DER), QDER (µmole- gLHA

-1) at electrode 
potentials Eh= -0.79 V (grey curve), Eh=-0.59 V (red dotted curve), and Eh=-0.39 V (black 
curve), using phosphate as buffer to maintain constant pH 7. Similar reduction curves at Eh= -
0.59 V were obtained when coupling DER to proton titration to maintain constant pH 7 (red 
dashed curve). b. Amount of electrons transferred to the model quinone lawsone (2-hydroxy-
1,4-naphthoquinone) during DER, QDER, at electrode potentials Eh= -0.39 V (red curve) and 
Eh= -0.19V (blue curve). Numbers I, II, III, and IV represent Lawsone samples with known 
QDER used to validate mediated electrochemical reduction (MER) and oxidation (MEO) (see 
Table S1). The red and the grey dashed horizontal lines represent expected QDER (calculated 
by Nernst equation) upon attainment of reduction equilibrium at Eh= -0.39 V and Eh= -0.19 
V, respectively.  
 



 Chapter 2 
 
 

   

48 

Section 3. Facilitation of electron transfer between Leonardite Humic Acid 
(LHA) and the reticulated vitreous carbon (RVC) working electrode by the 
radical mediators diquat (DQ) and 2,2’Azino-bis(3-ethylbenzthiazoline-6-
sulfonic acid (ABTS). 
 

 
 
Figure S3. a. Reductive current peaks obtained upon spiking (i) non-treated (i.e., 
‘unreduced’) LHA (LHAunred; 100 µL of 2 gLHA L-1; peak #1), (ii) LHA prereduced by direct 
electrochemical reduction (DER) (LHAred; 100 µL of 2 gLHA L-1 with 962 µmole- gLHA

-1 
transferred by DER; peak #2), (iii) the mediator diquat (DQ; 2 mL of 5 mmol L-1; peak #3), 
followed by re-spiking (i) 'unreduced' LHA (peak #4) and (ii) prereduced LHA (peak #5), on 
RVC electrode pre-polarized to Eh= -0.49 V. Peaks #1 and #2 could not be accurately 
integrated due to small peak maxima and broad peak shapes. Conversely, in the presence of 
the mediator DQ, the same LHA spikes resulted in sharp, well defined peaks #4 and #5, 
which could be accurately integrated. The difference in the areas of current peaks #4 and #5 
corresponds to the amount of electrons transferred to LHAred in DER. b. Oxidative current 
peaks obtained upon spiking (i) LHA prereduced by direct electrochemical reduction (DER) 
(LHAred 100 µL of 2 gLHA L-1 with 966 µmole- gLHA

-1 transferred by DER; peak #1), (ii) the 
mediator 2,2’azino-bis(3-ethylbenzthiazoline-6-sulfonic acid) (ABTS; 4 mL of 2.3 mmol L-1; 
peak #2), followed by re-spiking (i) prereduced LHA (peak #3) on RVC electrode pre-
polarized to Eh= +0.61 V. Peak #1 could not be accurately integrated due to small peak 
maximum and broad peak shape. Conversely, in the presence of the mediator ABTS, the 
same LHA spike resulted in a sharp, well-defined peak #3, which could be accurately 
integrated. 
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Section 4. Chemical structures of radical and non-radical organic electron 
transfer mediators used in mediated electrochemical reduction (MER) and 
oxidation (MER) of humic substances. 
 

 
 
Figure S4. Chemical structures and standard reduction potentials Eh

0 of organic radical 
mediators 1-1’-ethylene-2-2’bipyridyl (diquat, DQ (2)), 1,1’-diethyl-4,4’-bipyridyl 
(ethylviologen, EV (2)), 2,2’Azino-bis(3-ethylbenzthiazoline-6-sulfonic acid) (ABTS (6)), 
and standard reduction potentials (pH 7) Eh

0’ of 2,6-dichlorophenol indophenol (DCPIP (2)). 
Mediators used for mediated electrochemical reduction (MER) were DQ and EV (no data 
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shown in the paper) and mediators used for mediated electrochemical oxidation (MEO) were 
ABTS and DCPIP. One electron reduction and oxidation of DQ2+/DQ•+, EV2+/EV•+, and 
ABTS2-/ABTS•- were not coupled to proton uptake and release, whereas two electron 
reduction and oxidation of DCPIP/DCPIPH2 at pH 7 was coupled to uptake and release of 2 
protons (i.e., pKa1 of DCPIPH2= 7.0 and pKa2 = 10.5 (7)).  
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 Section 5. Recovery of electrons transferred to Leonardite Humic Acid (LHA) 
in mediated electrochemical reduction (MER) and oxidation (MEO).  
 

 
 

Figure S5. Regression analysis of charge equivalents Qdetected (µmole- gLHA
-1) on Leonardite 

Humic Acid samples S0 to S10 and samples B0 to B4 detected by mediated electrochemical 
reduction (MER; mediator 1-1’-ethylene-2-2’bipyridyl (diquat, DQ) (samples S0 to S10; 
green line), and by mediated electrochemical oxidation (MEO; mediators 2,2’azino-bis(3-
ethylbenzthiazoline-6-sulfonic acid) (ABTS) (samples S0 to S10; blue line) and 2,6-
dichlorophenol indophenol (DCPIP) (samples B0 to B4; purple line)) versus the known 
amount of electrons transferred to LHA in samples S0 to S10 and B0 to B4 by direct 
electrochemical reduction (DER). MER and MEO were conducted at electrode potentials Eh= 
-0.49 V and Eh = +0.61 V, respectively. Qdetected for sample SX in MER corresponds to the 
difference in the amount of electrons transferred to sample S0 (i.e., LHA not prereduced by 
DER), QMER(S0), and to sample SX, QMER(SX) in MER. Qdetected for samples SX and BX in 
MEO corresponds to the difference in the amount of electrons withdrawn from sample SX 
(i.e., LHA prereduced by DER), QMEO(SX), and from sample S0 (i.e., LHA not prereduced 
by DER), QMEO(S0) in MEO. Regression analysis yielded slopes of 1.00 (± 0.03) for MER 
(R2= 1.00), 0.94 (± 0.04) (R2= 0.98) for MEO with ABTS as mediator, and 0.50 (±0.03) (R2= 
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0.98) for MEO with DCPIP as mediator, corresponding to recoveries of DER transferred 
electrons of 100%, 94%, and 50%, respectively.  
 
Section S6. Linear correlation of electron accepting capacities (EACs) 
determined by mediated electrochemical reduction (MER) of humic substances 
with their aromaticities. 
 

 
 
Figure S6. Linear correlation of electron accepting capacities (EACs) (µmole- gHS

-1) with the 
aromaticities (%) of tested humic substances. The EACs were determined by mediated 
electrochemical reduction (MER) at Eh= -0.49 V using diquat as mediator. Aromaticities 
determined by 13C-Nuclear magnetic resonance are provided by the International Humic 
Substances Society (IHSS; http://ihss.gatech.edu/ihss2/). The solid line represents the linear 
fit and dashed lines correspond to the 95% confidence intervals of the fitted line. The humic 
substances are: #1: Pony Lake Fulvic Acid Reference; #2 Suwannee River Fulvic Acid 
Standard; #3: Elliott Soil Fulvic Acid Standard; #4: Aldrich Humic Acid; #5 Suwannee River 
Humic Acid Standard; #6: Waskish Peat Humic Acid Reference; #7: Nordic Lake Fulvic 
Acid Reference; #8: Pahokee Peat Fulvic Acid Standard; #9: Nordic Lake Humic Acid 
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Reference; #10: Pahokee Peat Humic Acid Reference; #11: Pahokee Peat Humic Acid 
Standard; #12: Leonardite Humic Acid Standard; #13: Elliot Soil Humic Acid Standard.  
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Section S7. Spectrophotometric assay to determine the redox states of HS 
samples based on the reductive decolorization of the redox-dye dichlorophenol-
indophenol (DCPIP). 
 
The spectrophotometric assay involves the following steps:  
(i) Aliquots of 20 µL, 40 µL and 80 µL of the reduced HS sample are spiked 
into plastic cuvettes (Brand GMBH, Wertheim, Germany) containing 2 mL of 
an anoxic 50 µM solution of oxidized DCPIP (buffered at pH 7). Cuvettes are 
capped, thoroughly mixed and transferred to the spectrophotometer outside the 
glovebox. Reduction of DCPIP by reduced HS is followed by measuring the 
decrease in absorption of DCPIP from λ=400 to 800 nm (λ max at 603 nm).  
Figure S7a shows the decrease in absorbance of DCPIP with increasing 
amounts of added LHA to which 999 µmole- (gLHA)-1 had been transferred by 
direct electrochemical reduction. The spectra were taken after 15 min of 
reaction.  
(ii) Aliquots of 0 µL, 40 µL, 80 µL and 150 µL of the non-treated (i.e., not 
prereduced by DER) HS sample are spiked into plastic cuvettes (Brand GMBH, 
Wertheim, Germany) containing two mL of an anoxic 50 µM solution of 
oxidized DCPIP (in buffer pH 7). Cuvettes are capped, thoroughly mixed and 
transferred to the spectrophotometer outside the glovebox. Reduction of DCPIP 
by reduced HS is followed by measuring the decrease in absorption of DCPIP 
from λ=400 to 800 nm (λ max at 603 nm). 
Figure S7b shows the decrease in absorbance of DCPIP with increasing amount 
of added LHA that had not been prereduced in DER. The spectra were taken 
after 15 min of reaction.  
(iii) The same volumes of reduced HS (20 µL, 40 µL and 80 µL) and non-
treated (i.e., not prereduced) HS (40 µL, 80 µL and 150 µL) are spiked into 
reference cuvettes containing 2 mL of buffer. Absorbance measurements in (i) 
and (ii) are corrected for the absorbance of HS at 603 nm. 
(iv) The amounts of electrons transferred from HS to DCPIP in both (i) and 
(ii) are calculated (using a linear, four point DCPIP calibration curve collected 
at λmax= 603 nm) from the decrease in DCPIP absorbance and plotted versus the 
added masses of reduced and non-treated (i.e., not prereduced) HS. The slope of 



 Chapter 2 
 
 

   

55 

the linear regression lines corresponds to the amount of electrons that can be 
withdrawn by DCPIP per mass of HS.  
As an example, Figure S7c shows the linear correlations of detected amounts of 
electrons on reduced and non-treated (i.e., not prereduced) LHA (R2= 1.00 and 
0.99, respectively). The reduced LHA was obtained by DER in which 999 
µmole- (gLHA)-1 had been transferred. The assay detected 612 and 42 µmole- 
(gLHA)-1

 on the reduced and non-treated LHA, respectively. This corresponds to 
a recovery of DER-transferred electrons of 57% [i.e., (612 µmole- (gLHA)-1

 - 42 
µmole- (gLHA)-1) / (999µmole- (gLHA)-1 )*100].  
 

 
 
Figure S7. Quantification of the redox states of prereduced (by direct electrochemical 
reduction (DER)) and non-treated (i.e., not prereduced by DER) Leonardite Humic Acid 
(LHA) samples by spectrophotometric analysis of the reduction of the dye 2,6-dichlorophenol 
indophenol (DCPIP). a, b. Decrease in absorbance of DCPIP (wavelengths measured from 
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λ= 400 to 800 nm with λmax at 603 nm) upon addition of small volumes of prereduced (panel 
a) and non-treated (panel b) LHA (concentration: 0.5 gLHA L-1), respectively. The reaction 
time was 15 minutes. c. Linear correlation of the amount of electrons withdrawn from LHA 
by DCPIP versus the added amount of prereduced (top) and non-treated (bottom) LHA. The 
slopes of the regression lines correspond the amount of electrons detected per mass of added 
LHA. d. Comparison of charge transferred to LHA during direct electrochemical reduction 
(DER), QDER= 999 µmole- gLHA

-1, and the amount of electrons withdrawn from DER 
prereduced LHA (612 µmole- gLHA

-1) and non-treated LHA (42 µmole- gLHA
-1) by DCPIP. The 

recovery was 57%, which is in good agreement with the recovery obtained for mediated 
electrochemical oxidation (MEO) using DCPIP as mediator (see Figure S5). 
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Section S8. Free energy of the one electron transfer from 1,4-
benzohydroquinone to molecular oxygen. 
 

 
 
Figure S8. Calculation of the standard free energy for the one electron transfer from 1,4-
benzohydroquinone to molecular oxygen O2 at pH 7, ΔG1’. Reaction (I): one electron 
reduction of O2 to form superoxide; (II): one electron reduction of 1,4-benzo-semiquinone 
(SQ) to form 1,4-benzohydroquinone (H2Q). (III) One electron reduction of O2 by H2Q to 
form superoxide and SQ. a, b One electron reduction potentials, Eh

1’ (pH 7) from (8) and (9), 
respectively.  
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Abstract 

 
Humic substances play a key role in biogeochemical and pollutant redox 

reactions. The objective of this work was to characterize the proton and electron 
transfer equilibria of the reducible moieties in different humic acids (HA). 
Cyclic voltammetry experiments demonstrated electron transfer mediation 
between electrodes and HA by diquat or ethylviologen present at low 
concentrations. These compounds were used to facilitate attainment of redox 
equilibria between redox electrodes and HA in potentiometric Eh measurements. 
Bulk electrolysis of HA combined with pH-stat acid titration demonstrated that 
electron transfer to the reducible moieties in HA also resulted in proton uptake, 
suggesting decreasing reduction potentials Eh of HA with increasing pH. This 
was confirmed by potentiometric Eh-pH titrations of HA at different redox 
states. Eh measurements of HA samples pre-reduced to different redox states by 
bulk electrolysis revealed reducible moieties in HA that cover a wide range of 
apparent standard reduction potentials at pH 7 from Eh

0*= +0.15 to -0.3 V. 
Modeling revealed an overall increase in the relative abundance of reducible 
moieties with decreasing Eh. The wide range of HA is consistent with its 
involvement in numerous environmental electron transfer reactions under 
various redox conditions.  
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3.1. Introduction 

 Humic substances (HS) play a key role in many biogeochemical redox 
reactions with natural and anthropogenic chemicals (1-7). As a consequence, the 
redox properties of HS have received considerable interest. Previous work 
suggested quinones as major reducible moieties in HS. Experimental evidence 
supportive of quinones includes largely reversible electron transfer to HS (8-
10), increases in organic radical contents upon HS reduction (presumably due to 
semiquinone formation) (2, 11), comparable features in cyclic voltammograms 
of HS and model quinones in non-aqueous solvents (12), and positive 
correlations of HS electron-accepting capacities (EAC) with HS aromaticity (2, 
8, 9). HS and model quinones also showed similar reactivities as electron 
transfer mediators in the reductive transformation of organic pollutants (6, 13).  
 The distribution of standard reduction potentials, Eh

0, and the protonation 
equilibria of reducible moieties in HS remain, however, poorly characterized, 
although they are of key importance for assessing the role of HS in 
environmental redox reactions. First, the Eh distribution determines the 
thermodynamics of electron transfer reactions involving HS (14) as well as the 
extent of redox buffering by HS at a given reduction potential. Second, the 
protonation equilibria of reducible moieties define the extent to which Eh is pH 
dependent. Furthermore protonation equilibra provide insight into the chemical 
nature of the redox-active moieties. For instance, quinone moieties exist in three 
oxidation states, the quinone (Q), semiquinone (QH•), and hydroquinone (QH2), 
which interconvert via reversible single electron transfer reactions coupled to 
pH-dependent proton transfers (15-17) (see section S1, Supporting Information 
(SI)). Third, the transfer of unequal numbers of protons and electrons to HS 
alters its charge. This, in turn, may affect other environmentally relevant 
processes such as pH buffering and metal binding by HS (18).  
 Previous information on protonation equilibria of the reducible moieties 
in HS was primarily derived from the effect of pH on HS reduction potentials 
(19, 20). The Eh-pH dependencies suggested coupled proton and electron 
transfers with molar ratios between 0.75 and 1.1. However, the Eh-pH 
dependencies were only determined for unreduced HA and only at pH≤ 6. 
Furthermore, accurate Eh measurements were hindered by the lack of redox 
equilibria between redox electrodes and the redox active moieties in the HS 
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(19). More systematic studies on the Eh-pH dependencies need to investigate 
wider pH ranges, include HA at different redox states, and find means to 
facilitate attainment of redox equilibria in Eh measurements.  

In a recent publication we demonstrated that analytical electrochemistry, 
namely mediated and direct electrochemical reduction (MER and DER), can be 
used to study HS redox properties. MER allowed for accurate and direct 
quantification of electron accepting capacities and redox states of HS (8). This 
was achieved by spiking small amounts of HS into an electrochemical cell 
containing high concentrations of pre-reduced redox mediator. Added HS 
oxidized the mediator, which was readily re-reduced at the working electrode, 
resulting in a current peak. Integration of this peak yielded the moles of 
electrons transferred per added mass of HS. Diquat and ethylviologen, both 
radicals in their reduced form, were used as mediators. Compared to mediators 
with coupled proton and electron transfers, these radicals are advantageous in 
that pH does not affect their speciation and, hence, Eh at a given extent of 
reduction. DER of HS at carbon working electrodes in bulk electrolysis cells 
was used to generate bulk amounts of HS with defined reduction states. When 
coupled to automated acid titration, bulk electrolysis allowed quantifying the 
moles of both electrons, ne- (mole- gHA

-1), and protons, nH+ (molH+ gHA
-1) 

transferred to a given mass of HA during the reduction. Using this approach, 
molar ratios of protons to electrons nH+(ne-)-1 close to unity were reported for 
two humic acids at pH 7 (8, 18).  

 The objective of this work was a systematic characterization of the proton 
and electron transfer equilibria of the reducible moieties in selected terrestrial 
and mixed aquatic-terrestrial humic acids (HA). To this end, we further 
advanced the analytical electrochemistry of HA. First, we used cyclic 
voltammetry to test whether small concentrations of diquat and ethylviologen 
facilitated electron transfer between working electrodes and HA. We further 
assessed whether these compounds mediated the attainment of redox equilibria 
in potentiometric Eh measurements of HA. Such Eh measurements of HA 
require low mediator concentrations to ensure that the redox active moieties in 
the HA and not the mediator dominate the measured Eh. While the concept of 
redox mediation is not new (21-23), this is the first time it is used to determine 
the Eh characteristics of HA. Second, we used bulk electrolysis coupled to 
automated acid titration to determine nH+(ne-)-1 during the reduction of HA over 
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a wide pH range and to prepare HA at different redox states for subsequent 
potentiometric Eh-pH titrations. Complementary experiments were conducted 
for selected model quinones. These experiments provide information on the 
protonation equilibria of reducible moieties in the HA and on the pH 
dependencies of Eh. Third, we conducted potentiometric Eh measurements in 
HA samples pre-reduced at pH 7 and 9 to different redox states by bulk 
electrolysis. The dependence of Eh on HA redox state was modeled to derive the 
distribution of apparent standard reduction potentials, Eh

0*, of the reducible 
moieties in the HA. The term ‘apparent’ standard reduction potentials reflects 
that the activities of the oxidized and reduced species in the HA were unknown.  

 
3.2. Materials and Methods 

 Chemicals. 1,1'-Ethylene-2,2'-bipyridyldiylium dibromide monohydrate 
(= diquat, DQ; 99.5%) was from Supelco. Sodium hydroxide (puriss. p.a.), 
hydrochloric acid (puriss. p.a.), potassium chloride (KCl, puriss. p.a.), boric acid 
(puriss. p.a.), and 2,6-dichlorophenol indophenol sodium salt hydrate (DCPIP; 
>97%) were purchased from Fluka. 1,1′-Diethyl-4,4′-bipyridinium dibromide (= 
ethylviologen, EV; >99%), disodium hydrogen phosphate dihydrate (p.a.), 9,10-
anthraquinone-2,6-disulfonic acid disodium salt (AQ26DS, >98%), 2-hydroxy-
1,4-naphthoquinone (NQOH, >97%), 9,10-anthraquinone-1,5-disulfonic acid 
(AQ15DS, 95%), 1,2-naphthoquinone-4-sulfonic acid (NQSA, 97%) were from 
Sigma-Aldrich. Titration experiments were conducted with 0.5 mol L-1 
hydrochloric acid and 0.5 mol L-1 sodium hydroxide solutions prepared from 
Titrisol® ampoules (Merck, Darmstadt, Germany). All aqueous solutions were 
prepared with nanopure water (Barnstead NANOpure Water System). 1,1’-
Bis(cyanomethyl)-4,4’-bipyridinium dibromide (= cyaonoviologen, CyV) was 
synthesized and purified according to (24). The identity of CyV was confirmed 
by 13C-NMR, 1H-NMR, and high-resolution mass spectrometry (data not 
shown). 
 Humic acid (HA) standards of Suwannee River (Nr. II, SRHA), Elliott 
Soil (ESHA), and Leonardite (LHA) and the HA reference of Pahokee Peat 
(PPHA) were purchased from the International Humic Substances Society 
(IHSS, St. Paul, MN, USA) and were used as received. The concentrations of 
Fe, Mn, and Cu in the HA were determined by ICP-OES (Varian Vista-MPX) 
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(Table S1, SI). The metal concentrations in all three HA were much smaller 
than the respective electron accepting capacities of the HA reported in (8), 
demonstrating that electrons were predominantly transferred to organic moieties 
in the HA during reductions. 
 Experimental setup. All experiments sensitive to oxygen were conducted 
in an anoxic glovebox (N2 atmosphere at 25±1 °C, O2 < 0.1 ppm). Water, KCl 
solutions, buffer solutions, and diluted acids and bases were made anoxic by 
purging with argon for two hours at 150°C and for one hour at room 
temperature prior to transfer to the glovebox. All other solutions were prepared 
directly in the glovebox by dissolving the respective chemicals or HAs in 
anoxic water or buffer. Solutions used in electrochemical experiments contained 
0.1 M KCl as background electrolyte. Electrochemical experiments were 
conducted either with an Autolab PG 302 (EcoChemie B.V., Netherlands) or a 
CHInstruments 630C (Austin, TX) electrochemical analyzer. Potentials were 
measured vs. Ag/AgCl but are reported vs. SHE. The reduction states of HAs or 
model quinones are reported as the moles of electrons, ne-, transferred to a unit 
mass of HA [mmole-(gHA)-1] or model quinone [mmole-(gquinone)-1]. The pH 
adjusted, apparent standard reduction potentials for the HA and the standard 
reduction potentials for the quinones are denoted as Eh

0*(pH) and Eh
0 (pH), 

respectively.  
Bulk electrolysis of HA and model quinones was carried out by DER as 

described in (8). In brief, bulk electrolysis was conducted in an ~0.1 L 
electrochemical cell containing a glassy carbon working electrode (Sigradur 
G, HTW, Tierhaupten, Germany), a coiled platinum wire auxiliary electrode, 
which was placed in an anode compartment separated from the cathodic 
compartment by a porous frit, and an Ag/AgCl reference electrode (both from 
Bioanalytical Systems Inc., West Lafayette, IN, USA). The anode compartment 
was constantly flushed with background electrolyte solution (0.1 M KCl) to 
remove O2 and H+ formed by water oxidation at the Pt counter electrode. 
Reductions were carried out at applied potentials of Eh= -0.59 V for > 48 h for 
HA and of Eh= -0.14 to -0.69 V for 2 to 4 hours for the quinones and diquat. 
The moles of electrons transferred during the reduction were determined by 
chronocoulometry. The pH of HA and quinone solutions was kept constant 
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during electrolysis either by the use of pH buffers (i.e., phosphate and borate at 
pH 7 and 9) or by automated acid titration (see below).  

The pH dependence of nH+(ne-)-1 during HA and quinone reduction was 
determined by bulk electrolysis coupled to automated acid titration. HA or 
quinone solutions were circulated from the electrolysis cell through a flow 
through system containing a pH electrode connected to a titration unit (Titrino 
751 GPD, Metrohm) operated in pH-stat mode. In reductions that consumed 
protons, a constant pH was maintained by addition of known volumes of 0.01 M 
HCl (prepared from a 0.5 M Titrisol ® solution) to the solutions in the bulk 
electrolysis cell. This setup allows quantifying the moles of both electrons, ne- 
(mmole- gHA

-1
 or mmole- gquinone

-1), and protons, nH+ (mmolH+ gHA
-1

 or mmolH+ 
gquinone

-1), transferred to a unit mass of HA and quinone during electrolysis. 
nH+(ne-)-1 were determined for LHA, PPHA, ESHA at pH 6 to 10.5, for the 
model quinones AQ26DS, AQ15DS, NQOH and NQSA at pH 3.5 to 11, and for 
diquat at pH 7 and 9. 

Cyclic voltammetry experiments were conducted in 4-5 mL solutions 
using a 3 mm diameter glassy carbon disk working electrode (WE), a platinum 
wire counter electrode (both Radiometer Analytical SAS, France), and an 
Ag/AgCl reference electrode (Bioanalytical Systems Inc., USA). The WE was 
polished and cleaned before each series of scans, as described in section S2, SI. 
Cyclic voltammograms (CVs) were collected for solutions (i) containing neither 
mediator nor LHA (background), (ii) containing unreduced LHA at various 
concentrations (0.25 – 5 gLHAL-1), (iii) containing either DQ, EV, or CyV (C= 
30 µM) but no LHA, and (iv) containing unreduced LHA and either DQ, EV, or 
CyV (C= 30 µM). In addition we tested how HA pre-reduction and solution pH 
affected electron transfer mediation by DQ to HA: we recorded CVs of LHA 
solutions (2 gL-1) that were pre-reduced by bulk electrolysis to different ne-, and 
of unreduced LHA solutions (2 gL-1) titrated from pH 6.3 to 11.7 and from pH 
11.7 to 5.7, respectively.  

Reoxidation of LHA. We further assessed whether the electrochemically-
reduced moieties in HA could be re-oxidized by O2. To this end, we collected 
CVs of unreduced LHA, of LHA pre-reduced by bulk electrolysis, and of pre-
reduced LHA after O2 re-oxidation. Re-oxidation was achieved by transferring 
10-12 mL of reduced HA into 20 mL gas tight serum flasks, which were then 
purged with synthetic air for 15 min. The flasks were agitated for ~5 days and 
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then purged with argon (> 1h) to remove unreacted O2. Prior to CV 
measurements, the reduction states of unreduced, reduced, and re-oxidized LHA 
were quantified by MER according to (8). We further assessed re-oxidation of 
LHA by running CV of LHA (CLHA= 2 gL-1) experiments in the presence of 
both DQ (CDQ= 30 µM) and DCPIP (CDCPIP= 16 µM). Further details on the CV 
measurements are provided in section S3, SI. 
 Potentiometric Eh-pH titrations were conducted for HA and selected 
quinones pre-reduced to different extents by bulk electrolysis (i.e., ne-= 0, 0.54, 
and 1.15 mmole-(gLHA)-1 for LHA; ne-= 0 and 0.38 mmole-(gSRHA)-1 for SRHA; ne-

= 0 and 0.6 mmole-(gPPHA)-1 for PPHA; and ne-= 0 mmole-(gESHA)-1 for ESHA, all 
ne- were quantified by MER (8); and for AQ26DS, NQOH, NQSA, and DQ 
brought to 50% reduction by bulk electrolysis). For the Eh-pH titrations, 30 to 
40 mL of HA (0.4 -2 gL-1) or quinone (~ 1 mM) were transferred into a 0.1 L 
glass vessel covered by Parafilm® (Pechiney Plastic Packaging, USA), 
followed by acid and base titrations (2.5-10 mM HCl and 2.5-20 mM NaOH, all 
containing 0.1 M KCl) using an automated titrator (751 GPD Titrino, Metrohm, 
Switzerland). The Eh was monitored using a Metrohm Pt-ring redox electrode 
connected to a Metrohm 827 pH lab instrument. 

Eh
0* distribution of reducible moieties in HA. The Eh-ne- dependencies 

were determined for LHA at pH 7 and 9, and for ESHA, SRHA, and AQ26DS 
at pH 7. The reductions were carried out by bulk electrolysis (applied Eh= -0.59 
V) in the presence of 0.1 M phosphate (pH 7) or borate (pH 9) that served as pH 
buffers and in the presence of DQ and EV at low concentrations (i.e., <2% of 
the EAC of the HA in the electrochemical cell). During the reduction, aliquots 
were withdrawn from the bulk electrolysis cell and stored for >12 hours to 
allow for intra-HA redox equilibration. MER and potentiometry with a Pt ring 
redox electrode were used to quantify ne- and the Eh of each sample, 
respectively. For ESHA, Eh of the aliquots were also measured with a combined 
Au ring electrode (Metrohm, Zofingen, Switzerland) and with the GC working 
electrode and the reference electrode used for bulk electrolysis. The reported Eh 
values were measured after equilibration times of at least 50 min and when the 
drifts in measured Eh had decreased to less than 0.005 V per h.  

The Eh-ne- data was described by a model assuming i types of redox-
active sites with different pH-adjusted apparent standard reduction potentials 
Eh,i

0*(pH). At redox equilibrium, ne- is given by equation 1 which was derived 
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from the Nernst equation (section S3, SI):  
 

€ 

ne-  =  10
E h,i

0* (pH)

a Ci

10
Eh
a +10

E h,i
0* (pH)

a

 
i
∑

        
(1) 

 
, where Ci is the total moles of sites i per unit HA mass, a = ln(10)·RT·(F)-1, 
where R, T, and F are the universal gas constant, the absolute temperature, and 
the Faraday constant, respectively. 

The fitting was performed with i=16 and Eh,i
0*(pH) that were equally 

distributed over the experimentally relevant potential range from Eh = +0.2 to -
0.4 V (Figure S1). Following interpolation of the experimental data as described 
in section S3, SI, equation 1 was fitted to the Eh-ne- dependencies using the 
FindFit function in Mathematica® 7.0.1.0 (Wolfram Research, IL, USA) with 
Ci as fitting parameters. Two boundary conditions were implemented: the total 

moles of reducible moieties per mass of HA, 

€ 

Ctot  = Ci
i=1

16
∑ , was set equal to the 

electron accepting capacity (EAC) as published in (8), and each Ci was larger 
than 0 and smaller than the EAC (0< Ci< EAC). 

 
3.3. Results and Discussion  

 Electron transfer mediation by diquat and ethylviologen. Relative to the 
background, CVs of LHA solutions showed higher reductive currents Ic during 
cathodic scanning (Figure 1a), which increased with increasing concentration of 
LHA, CLHA (Figure S2a, section S4, SI). LHA was therefore directly reduced at 
the glassy carbon working electrode. The CVs of LHA were featureless at all 
tested scan rates (v= 0.01 to 0.1 V s-1), likely due to electrode passivation by 
surface-active fractions of LHA and/or due to slow electron transfer from the 
electrode to LHA relative to the applied scan rates. Featureless CVs of HS in 
aqueous solutions were also reported in previous studies (12, 25, 26). The CV of 
DQ-containing solutions showed reversible one-electron cathodic and anodic 
waves centered at Eh= -0.37 V (Figure 1a), which is close to the literature Eh

0 = 
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-0.361 V of DQ (22). A detailed analysis of CVs of DQ is provided in Figure 
S3, SI.   
 At all tested scan rates, the CVs of LHA in the presence of low DQ 
concentrations showed much higher Ic than the CVs of either only DQ or only 
LHA (Figure 1a). While the cathodic peak currents, Ip,c, were linearly correlated 
with CLHA (inset Figure 1a and Figure S2b, SI), the peak current potentials, 
Eh(Ip,c), did not change with CLHA. These results demonstrate that small DQ 
concentrations facilitated electron transfer from the working electrode to LHA. 
Chronocoulometric analysis suggests that each DQ molecule shuttled up to 17 
electrons from the working electrode to LHA during one cathodic scan (CLHA = 
2 gL-1; CDQ= 30 µM; v= 0.01 V/s; Figure S2c, SI). The onset of the cathodic 
wave in the DQ-LHA system was at Eh= -0.15 V. This implies that LHA 
contains a significant number of moieties that can be reduced at or above Eh= -
0.15 V and that DQ effectively mediated electron transfer to LHA at potentials 
much higher than its Eh

0= -0.361 V. This suggests that DQ can also be used as a 
mediator in potentiometric Eh-pH titrations over a wide Eh range. Results similar 
to those for DQ were found for ethylviologen (Figure S2d, SI), indicating that 
other bipyridinium compounds may also facilitate electron transfer from 
electrodes to HA.  

DQ-facilitated electron transfer from the working electrode to HA is 
expected to decrease with increasing depletion of the pool of reducible moieties 
in LHA. Consistently, cathodic peak currents, Ip,c, decreased with increasing 
extent of LHA pre-reduction by bulk electrolysis from samples S0 (unreduced 
LHA) to sample S5 (pre-reduced to ne-= 1.00 mmole- gLHA

-1) (Figures 1b and S4, 
SI). The cathodic wave of CVs of extensively pre-reduced LHA (sample SDQ; ne-

= 1.40 mmole- gLHA
-1, corresponding to 82% of the EAC of LHA (8)) 

approached that of only DQ. The linear correlation of Ip,c with ne- (inset Figure 
1b), shows that CVs in the presence of mediators may be used to quantify the 
redox state of HA. 
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Figure 1b shows that Ip,c decreased and that the onset potential of the cathodic 
wave shifted towards more negative Eh with increasing extent of LHA pre-
reduction from samples S0 to S5. Such shifts were not observed when changing 
the concentration of unreduced LHA (Figures 1a and S2b). The shifts suggest 
that bulk electrolysis resulted in preferential electron transfer to moieties in the 
LHA with the highest reduction potentials.  

Re-oxidation of LHA. Figure 1c shows that O2 re-oxidation of the reduced 
LHA re-increased Ip,c and shifted the onset potential of the cathodic wave to 
more positive values (sample S5 to S5-reox). The cathodic wave of the re-oxidized 
LHA was almost identical to that of LHA prior to reduction by bulk electrolysis 
(sample S0), demonstrating reversible electron transfer to LHA over a reduction-
O2 re-oxidation cycle, consistent with (8, 10, 18). Oxidation of the extensively 
reduced SDQ by O2 had similar effects on the CVs (Figure S5, SI).  

Reversible electron transfer to LHA over a reduction, O2 re-oxidation 
cycle does not stand in contrast to the absence of oxidative current peaks during 
anodic scanning in the CVs of LHA in the presence of DQ (Figure 1). The 
absence of oxidative peak currents merely showed that DQ was not a suitable 
mediator to effectively shuttle electrons from the LHA to the working electrode. 
Inefficient mediation resulted from the fact that the Eh

0 of DQ was much lower 
that the potentials at which re-oxidation of LHA became thermodynamically 
feasible. In this context, it is important to note that the cathodic peak currents 
resulted from electron transfer to moieties in the LHA with reduction potentials 
that were likely much higher than the potentials applied to the working 
electrode. Consistently, the onset potential of the cathodic wave shifted towards 
higher Eh when using CyV (Eh

0= -0.18 V) as mediator instead of DQ (Figure 
S6). The onset potentials of the cathodic waves were therefore defined by the 
‘availability’ of sufficient amounts of reduced mediator and not by the Eh of the 
reducible moieties in the LHA. Yet, direct electrochemical oxidation occurred, 
as demonstrated by increasing anodic currents with increasing extents of LHA 
pre-reduction by bulk electrolysis (Figure S4). Direct electrochemical oxidation 
was, however, slow and resulted in only small oxidative currents. 

We used DCPIP, a two-electron transfer mediator with Eh
0(pH 7)= 

+0.217 V (21), to demonstrate electron transfer reversibility to LHA also 
directly by cyclic voltammetry. Compared to other mediators with high Eh

0, 
DCPIP did not significantly oxidize non pre-reduced LHA (8), a pre-requisite 
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for our experiments. In the absence of LHA, both DQ and LHA showed 
reductive and oxidative waves during cathodic and anodic scanning, 
respectively. In Figure 2a, the scanning direction was inverted from cathodic to 
anodic at potentials larger than those required for significant LHA reduction by 
DQ. As LHA was not reduced during cathodic scanning, it was also not 
oxidized by DCPIP during anodic scanning, such that anodic scans showed no 
catalytic oxidative peak currents. Lowering the vertex potential resulted in 
increasing extent of LHA reduction during cathodic scanning and increasing 
LHA oxidation by DCPIP during subsequent anodic scanning. Overall smaller 
catalytic DCPIP than DQ peaks are consistent with slower electron transfer 
between LHA and DCPIP than between LHA and DQ (8).  
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Similar to the effects of LHA pre-reduction on the catalytic cathodic 
waves, increasing the solution pH decreased the Ip,c and shifted the onset 
potential of the cathodic wave towards lower Eh (Figure S5a, SI). These pH 
effects were largely reversible (Figures S5b, SI). Electron transfer to reducible 
moieties in LHA therefore decreased with increasing pH, consistent with 
decreasing Eh

0(pH) of the reducible moieties in LHA with increasing pH. 
The CV data demonstrate that small concentrations of DQ or EV mediate 

the electron transfer between electrodes and LHA. DQ also facilitated bulk 
electrolysis of LHA (Figure 3a): the addition of small amounts of DQ largely 
facilitated electron transfer from the working electrode to LHA, while it did not 
affect nH+(ne-)-1. In addition, DQ may be used as redox mediator in 
potentiometric Eh measurements, as shown in Figure 3b for LHA. While the Eh 
values measured by a Pt-ring redox electrode slowly drifted in the absence of 
DQ, Eh readings rapidly stabilized after addition of DQ. Constant Eh readings 
strongly suggest attainment of redox equilibrium between the mediator and the 
LHA. DQ therefore allowed for fast and reliable quantification of Eh as a 
function of pH and ne-, as shown below.  

 
Figure 3. Redox mediation between Leonardite humic acid (LHA) and electrodes by diquat 
(DQ). a. The moles of electrons and protons, ne- and nH+, and their ratio, ne- (nH+)-1, 
transferred to a unit mass of LHA during bulk electrolysis prior to and after the addition of 
DQ (final concentration CDQ ~23 µM). b. Change in the reduction potential Eh of LHA 
measured with a Pt ring redox electrode over time prior to and after the addition of DQ (final 
CDQ = 18.6 µM).  
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pH dependencies of nH+(ne-)-1 and Eh. This section provides a systematic 
assessment of the protonation equilibria of the reducible moieties in selected 
HAs by acid-titration coupled bulk electrolysis at different pH and by 
potentiometric Eh-pH titrations of HA at different redox states. Prior to 
analyzing HA, we validated the experimental setups with model quinones that 
have known redox properties. 

Figure 4a shows the pH-dependence of the molar ratio of protons to 
electrons, nH+(ne-)-1, transferred to four quinones during bulk electrolysis 
coupled to automated acid titration. The experimental nH+(ne-)-1 values at the end 
of the reduction (symbols) were in good agreement with the curves calculated 
from literature Eh

0 and pKa values (solid lines) (15, 16, 27-29) (calculation 
details are provided in section S5, SI). In contrast to the quinones, the one 
electron reduction of DQ2+ to the radical DQ•+ is not coupled to proton transfer, 
resulting in nH+(ne-)-1≈ 0 at pH 7 and 9. Good agreement between experimental 
and calculated values demonstrates that the bulk electrolysis setup allowed for 
an accurate quantification of proton and electron transfers.  
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Figure 4. a. Effect of pH on the molar ratio of protons to electrons, nH+(ne-)-1 transferred to 
diquat (DQ), and the quinones 9,10-anthraquinone-2,6-disulfonic acid (AQ26DS), 9,10-
anthraquinone-1,5-disulfonic acid (AQ15DS), 1,4-naphthoquinone-4-sulfonic acid (NQSA), 
and 2-hydroxy-1,4-naphthoquinone (NQOH) during acid-titration coupled bulk electrolysis. 
The solid lines represent the theoretical nH+(ne-)-1 calculated from published standard 
reduction potentials, Eh

0, and acidity constants of the quinones/hydroquinones. Calculations 
were done relative to the unreduced quinone. Inset: Corresponding changes in nH+(ne-)-1 with 
ne- during bulk electrolysis of AQ26DS at pH 7, 9, and 10.5, where MAQ26DS is the molar 
mass of AQ26DS. b. Potentiometric Eh-pH titration curves for AQ26DS, NQSA, NQOH, and 
DQ reduced to 50% of their electron accepting capacities. c. Effect of pH on nH+(ne-)-1 
transferred to Leonardite (LHA), Elliott Soil (ESHA), and Pahokee Peat (PPHA) humic 
acids. Inset: Changes in nH+(ne-)-1 with ne- for LHA at pH 7, 9, and 10.5. d. Potentiometric Eh-
pH titration curves for LHA pre-reduced by bulk electrolysis to ne-= 0.00, 0.54, and 1.15 
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mmole-gLHA
-1, and for SRHA at ne-= 0.00, and 0.38 mmole-(gSRHA)-1. The arrows indicate the 

direction of titration.  
 

The reduction of AQ26DS, AQ15DS, and NQSA exhibited nH+(ne-)-1 ≈ 1 
at pH< pKa1 of the corresponding hydroquinone species, consistent with a 2e-, 
2H+ transfer to the quinone to form the hydroquinone. Ratios of 1≤ nH+(ne-)-1 ≤ 
1.5 for the reduction of NQOH at circumneutral pH reflected the transfer of up 
to three protons per two electrons, as the hydroxy substituent is deprotonated in 
the quinone (acidity constant, pKa, ox= 3.94) but protonated in the hydroquinone 
(pKa,1= 8.7) (16). The inset shows the change of nH+(ne-)-1 during the bulk 
electrolysis of AQ26DS. At less than 25% reduction (i.e., ne-*MAQ26DS < 0.5 
mole- (molAQ26DS)-1), electron transfer to AQ26DS was too fast for automated 
acid titration, resulting in large variations in nH+(ne-)-1. At alkaline pH, the 
gradual increase in nH+(ne-)-1 at ne-*MAQ26DS> 0.5 mole-(molAQ26DS)-1 may have 
resulted from one electron reductions to form the semiquinone radical anion, 
consistent with calculations (Figures S8 and S9, SI). 

Figure 4b shows potentiometric Eh-pH titrations of solutions containing 
model quinones or diquat reduced to 50% of their respective electron accepting 
capacities. Eh-pH data for AQ26DS at additional extents of reduction are 
provided in Figure S10, SI. The measured Eh-pH dependencies of DQ, 
AQ26DS, and NQOH were in good agreement with the Eh-pH dependencies 
calculated from literature Eh

0 and pKa values (solid lines; Table S2, SI) (15, 16, 
27-29). The slopes ΔEh(ΔpH)-1= -0.09 V for NQOH, -0.06 V for AQ26DS and 
NQSA, and 0.0 V for DQ at circumneutral pH were consistent with nH+(ne-)-1= 
1.5, 1.0, and 0.0, respectively, measured during bulk electrolysis coupled to 
automated acid titration. The experimental Eh-pH curve for NQSA was about 
0.06 V lower than expected, corresponding to about 90% instead of 50 % 
reduction. It is conceivable that NQSA became partially reduced during storage 
in the glovebox prior to electrochemical reduction due to its relatively high 
standard reduction potential.  
 Figure 4c shows the pH dependence of nH+(ne-)-1 during bulk electrolysis 
of LHA, PPHA and ESHA. For LHA and ESHA, nH+(ne-)-1 decreased 
continuously with increasing pH from between 1.0 and 1.2 at pH ≤7 to values 
smaller than 0.8 at pH >10. The nH+(ne-)-1 for PPHA, determined at pH 7 and 9, 
were similar to those of LHA and ESHA at the same pH. The gradual decrease 
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in nH+(ne-)-1 with increasing pH implies that the reducible moieties in HA have a 
wide distribution in pKa values. Values of nH+(ne-)-1 larger than unity at pH< 7 
are consistent with the presence of hydroxy-substituted quinone moieties in the 
HA (see NQOH in Figure 4a). The presence of hydroxy-quinones in LHA, 
ESHA, and PPHA is reasonable considering their high O/C ratios (0.49, 0.59 
and 0.66 molO molC

-1) and high titrated phenolic O contents (1.09, 1.08, and 
1.47 mmol(gHA)-1) (30). Values of nH+(ne-)-1 smaller than unity at pH> 7 that 
decreased with increasing pH suggest that a large number of reduced moieties 
deprotonated at alkaline pH. The transfers of electrons and protons to LHA, 
ESHA, and PPHA during reduction are expected to result in increasing H+ 
buffering capacity of the HA with increasing extent of reduction. A significant 
increase in phenol-type proton-binding sites at pH> 8 upon HA reduction was 
previously demonstrated by Maurer et al. (18). 

Over the course of the reduction, nH+(ne-)-1 of all HA initially increased 
and then leveled off, as shown for LHA reduction at pH 7, 9, and 10.5 in the 
inset of Figure 4c. Increasing nH+(ne-)-1 during the initial stages of the reduction 
may have resulted from semiquinone radical formation, consistent with theory 
for quinone reduction (details in Figure S8 and S9, SI) (15, 17) and the finding 
of a transient increase in the radical content during chemical reduction of a soil 
fulvic acid, as measured by EPR spectroscopy (11). Yet, other explanations for 
the gradual increase in nH+(ne-)-1 during bulk electrolysis are also possible, 
including a delayed proton uptake caused by slow structural rearrangements of 
HA (31). 
 Figure 4d shows the Eh-pH curves for unreduced and reduced SRHA and 
LHA at different ne-. Additional data for ESHA and PPHA are provided in 
Figure S11, SI. The Eh-pH titrations for unreduced LHA0 and SRHA0 were 
conducted in the absence of mediator due to the lack of suitable compound with 
sufficiently high Eh

0 at the time of the experiments. The absence of a mediator 
likely resulted in redox non-equilibria between the Pt electrode and the 
unreduced HAs during the titrations. Non-equilibria may explain the hysteresis 
in the titration curves with higher Eh values during base than during acid 
titrations. The differences in Eh were several tens of millivolts (Table S3), 
which is substantial considering that Eh is logarithmically related to the 
concentration of the redox-active moieties. Other processes may, however, also 
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have contributed to hysteresis, including changes in HA aggregation state with 
pH, previously shown to cause hysteresis in proton binding by HA (31).  

HA reduction shifted the Eh-pH curves towards lower potentials (Figure 
4d). LHA1, LHA2, and SRHA1 solutions contained small DQ concentrations to 
facilitate attainment of redox equilibria in Eh-measurements (Figure S12). 
Except for SRHA1, the Eh-pH curves of all HAs, including PPHA and ESHA, 
exhibited slopes between ΔEh(ΔpH)-1= -0.048 V and -0.064 V (Table S3, SI) at 
circumneutral pH, consistent with previously published values of -0.044 V and  
-0.065V and for two unreduced HA (19, 20). The slopes of the Eh-pH titration 
curves suggest the uptake of 0.81 to 1.08 moles of H+ per mole of e- by the four 
tested HA, in good agreement with nH+(ne-)-1≈ 1 for LHA, PPHA, and ESHA 
during bulk electrolysis at circumneutral pH. It is, however, important to note 
that only those moieties that were reduced during bulk electrolysis contributed 
to the measured nH+(ne-)-1≈ 1, whereas all moieties that exchanged current with 
the Pt redox electrode contributed to the measured Eh. Hence, moieties with 
high standard reduction potentials (e.g., benzohydroquinones Eh

0> 0.2V) that 
were already reduced prior to bulk electrolysis of HA may have contributed to 
measured Eh values but not to nH+(ne-)-1. The presence of such reduced moieties 
in untreated HA is supported by their significant electron donating capacities 
under mildly oxidizing conditions (e.g., (8, 10, 18)). A higher abundance of 
such moieties in SRHA than LHA may explain the lower potentials measured 
for SRHA0 compared to LHA0 (Figure 4d).  

 
Apparent standard reduction potential distribution of reducible moieties 

in HA. Figure 5a,b show the results of a detailed analysis of the effect of HA 
redox state on Eh for LHA (pH 7 and 9), SRHA, and ESHA (both at pH 7). All 
Eh measurements were conducted in the presence of small concentrations of DQ 
and EV to facilitate redox equilibration between the HA and the redox 
electrode. Attainment of equilibria is supported by the following findings. First, 
as shown for LHA (Figure S13a, SI), the decrease in Eh with increasing ne- was 
reproducible. Second, potentiometric Eh measurements of ESHA resulted in 
comparable Eh-ne- dependencies when using Pt, Au, and glassy carbon 
electrodes (Figure S13b, SI). These materials are expected to have different 
exchange current densities with redox couples in solution and hence would have 
resulted in different Eh values if equilibrium had not been attained (32-34). 
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Third, the Eh-ne- curve for AQ26DS determined by the same experimental 
approach was in agreement with the curve calculated from literature Eh

0(pH 7) 
values (Figure S14, SI).  

The Eh of all three tested HA decreased with increasing ne- (Figure 5a) 
and covered wide Eh ranges > 0.4 V for LHA and ESHA and > 0.2 V for SRHA. 
The wide Eh ranges indicate wide distributions in the reduction potentials of the 
reducible moieties. The Eh-ne- curve and the corresponding distribution of Eh,i

0* 
for LHA shifted by approximately -0.12 V from pH 7 to pH 9 (Figure 5a, inset). 
This shift is consistent with equimolar proton and electron transfers to the 
reducible moieties in HA, which would result in a shift of -0.059 V at 25°C per 
pH according to the Nernst equation. 
 

 
 
Figure 5 a. Change in the reduction potential Eh of Leonardite humic acid (LHA; pH 7 and 
9), Elliot Soil humic acid (ESHA; pH 7), and Suwanee River humic acid (SRHA; pH 7) with 
increasing moles of electrons, ne-, transferred per mass of HA. The dashed lines represent fits 
by a model assuming i= 16 discrete types of reducible moieties with apparent standard 
reduction potentials Eh,i

0*(pH 7) and Eh,i
0*(pH 9) between +0.2 V and -0.4 V. Inset: Overlap 

in the Eh-ne- data of LHA at pH 9 and at pH 7 following subtraction of ΔEh= 0.12 V. b. Fitted 
Eh,i

0*(pH) distributions of the reducible moieties in LHA (pH 7 and 9), and in ESHA and 
SRHA at pH 7, where Ci(Eh,i

0*(pH)) are the molar concentrations of moieties with Eh,i
0*(pH).  

 
The decrease in Eh was steep at low ne- and leveled off at higher ne-, 

suggesting increasing redox buffering and hence an increase in the abundance of 
reducible moieties with decreasing Eh. This trend is also reflected in the 
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Eh,i
0*(pH) distributions of the reducible moieties obtained from fits of equation 

1 to the experimental data (Figure 5b). The two terrestrial HA, LHA and ESHA, 
showed similar Eh-ne- dependencies and Eh,i

0*(pH 7) distributions. In 
comparison, SRHA showed a steeper decrease in Eh at low ne- and larger redox 
buffering around Eh= -0.2 V (Figure 5a), reflected in the overall narrower 
Eh

0*(pH 7) distribution (Figure 5b). We previously demonstrated strong, 
positive correlations of HS electron accepting capacities with HS aromaticities 
and C/H ratios (8), which are higher for LHA and ESHA than for SRHA. The 
differences in the Eh,i

0*(pH 7) distributions between SRHA and the two 
terrestrial HA may therefore have resulted from a higher abundance of 
polycondensated quinone components (e.g., naphtho- and anthraquinones) with 
lower Eh

0 in LHA and ESHA than in SRHA. 
 

3.4. Environmental implications 

This work has several implications. First, we demonstrated that electron 
transfer to HA also resulted in proton uptake and that the reduction potential Eh 
of HA was strongly pH dependent This implies that solution pH has a strong 
effect on the thermodynamics of electron transfer reactions involving HA. 
Accurate control and/or monitoring of pH therefore are required when 
interpreting HA redox dynamics, measured both in laboratory experiments and 
in the field.  

Second, we showed that HA contain reducible moieties that cover a wide 
range of apparent standard reduction potentials Eh

0*. This range covered 0.2 V 
for SRHA and 0.4 V for LHA and ESHA, at pH 7. This finding suggests that 
HA contain chemically diverse electron accepting moieties, in line with the 
previously established chemical complexity and heterogeneity of HA.  

Third, we evaluated the distribution in the standard reduction potentials 
Eh

0*(pH) of the reducible moieties in different HA. The distributions allow 
assessing the thermodynamics of electron transfer to HA under different redox 
conditions. Figure 6 compares the distribution of Eh

0* of the reducible moieties 
in SRHA and LHA to the reduction potentials of important biogeochemical 
redox couples and of selected organic and inorganic pollutants, all at pH 7. 
Electron transfer to HA is expected to occur under both iron and sulfate 
reducing conditions. A large fraction of the reducible moieties in the studied HA 
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had higher Eh
0* (pH 7) than the CO2/CH4 couple. This finding supports that 

electron transfer to HA suppresses methanogenesis from peat and bog systems 
(7). Furthermore reduced HA contain moieties with sufficiently low Eh

0*(pH 7) 
to reduce iron phases as well as numerous redox-active organic and inorganic 
pollutants, including nitrobenzene, carbon tetrachloride, and chromium, 
consistent with experimental observations (6, 10, 36, 37). 

 
 
Figure 6. Estimated distributions of apparent standard reduction potentials at pH 7, Eh

0*(pH 
7), of reducible moieties in two model humic substances, Leonardite and Suwannee River 
humic acids, compared to the standard reduction potentials Eh

0(pH 7) of model quinones and 
the Eh

0(pH 7) of selected biogeochemical and pollutant redox couples (38-42). For redox 
reactions involving solids, the dissolved species concentrations were set to 10-6 M, and the 
concentration of HCO3

- to 10-3 M. Details on the Eh calculations are provided in Table S4 in 
the Supporting Information. The distributions exclude moieties that were already reduced 
prior to bulk electrolysis.  
 
 Fourth, the protonation equilibria of reduced moieties in HA and the 
range in reduction potentials support quinone components as major electron 
accepting moieties in HA (Figure 6). We previously established that terrestrial 
HS have a larger total number of reducible moieties per unit mass than mixed 
aquatic-terrestrial and microbial HS (8). The results from this work suggest that 
the reducible moieties in terrestrial HS cover a wider range in Eh

0 that extend to 
lower values as compared to the moieties in mixed aquatic-terrestrial HS. HS 
chemical composition therefore strongly affects not only the total number of 
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reducible moieties but also their potential distribution. The effects of source 
material and chemical composition on the pH and Eh characteristics of 
oxidizable moieties will be addressed in forthcoming work. 

Fifth, beyond the direct implications for dissolved HS, this work further 
advances the use of analytical electrochemistry to characterize the redox 
properties of organic and mineral environmental phases. These may include 
particulate organic matter and iron-containing minerals.  
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In the manuscript and in the supporting information, electron and proton 
transfers to humic acids (HA) during electrochemical reduction are given as the 
number of electrons and protons, ne- and nH+, transferred per unit HA mass. The 
units are [mmole-(gHA)-1] for ne- and [mmolH+(gHA)-1] for nH+. Accordingly, the 
redox states of HAs are given as ne- relative to the respective unreduced HAs. 
All reduction potentials Eh are referenced against the standard hydrogen 
electrode. Standard potentials are given for T= 25°C and for a partial pressure of 
the gaseous species of 101.325 kPa (1atm). 
 
Section S1. Quinone redox chemistry  

The redox properties of model quinones have been extensively studied in 
analytical electrochemistry [1]. Quinones exist in three oxidation states, which 
can interconvert via single electron transfer reactions (Scheme S1): the quinone 
(Q), the semiquinolate anion (Q•-), and the quinolate dianion (Q2-). Each of these 
species can accept one or two protons, depending on the solution pH. The 
resulting nine-membered square scheme is shown in Scheme S1 [2, 3].  
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Scheme S1. Nine membered square scheme for the reduction of the quinone (Q) 
to the quinonolate dianion (Q2-) via the semiquinolate (Q•-) (top horizontal line). 
Also shown are the protonation states in the vertical direction. The pKa values 
represent the acid dissociation constants. Prevalent species under 
environmentally relevant pH conditions are depicted in black. The species 
depicted in grey are present only in very small concentrations under 
environmental conditions.  
 

 
Speciation calculations. The equilibrium speciation of quinones as a 

function of solution pH and Eh has been treated in detail in [1, 2]. In general, the 
acidity constants pKa3, pKa4, and pKa5 are below the pKSQ of the 
semiquinolate/semiquinone radical pair (Q•-/QH•), which itself is below 6 for 
most model quinones [2, 4-6]. Therefore, the concentrations of the species 
QH2

2+, QH+, QH2
•+ (grey structures in Scheme S1) are expected to be negligible 

under environmental pH conditions. These three species are not further 
considered in the following calculations.  
 

The equations describing the quinone speciation were derived from 
equations S1 to S4, whereby {activities} were approximated by 
[concentrations]. In the equations, AH and A- are the protonated and 
deprotonated species, respectively; Aox,i, Ared,j represent the oxidized and the 
reduced species, respectively; vox,i, vred,j are the stoichiometric coefficients; n is 
the number of electrons transferred per 

€ 

νox,ii∑ Aox,i, Eh [V] and Eh
0 [V] are the 

reduction potential and the standard reduction potential, respectively, and R 
[J(Kmol)-1], T [K], and F [C(mol)-1] are the universal gas constant, the absolute 
temperature, and the Faraday constant, respectively. Equations S5-S7 represent 
the proton transfer equilibria and equations S8-S9 the electron transfer 
equilibria. The total quinone concentration [Qtot] is kept constant (Equation 
S10). 
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The proton transfer equilibrium is given as: 

    (S1) 

€ 

pH =  pKa +  Log {A-}
{HA}

    (S2) 

 
The electron transfer equilibrium between different species of one redox-active 
compound is given by the Nernst equation [7]: 

  

€ 

νox, iAox,ii∑ + n e−  =  ν red, jAred, jj∑               (S3) 

 

€ 

Eh = Eh
0 - RT

nF
Ln

{Ared,j}ν red, jj∏
{Aox,i}νox,ii∏

    (S4) 

 

The equations describing the redox speciation of a given quinone compound 
are: 

€ 

pH = pKa1 + Log [HQ
- ]

[H2Q]
     (S5) 

€ 

pH = pKa2 + Log [Q
2- ]

[HQ- ]
     (S6) 

€ 

pH = pKaSQ + Log [Q
•- ]

[HQ• ]
      (S7) 

€ 

Eh =  Eh,2
0 - a Log [HQ• ]

[Q]10-pH                        

€ 

a = Ln(10) RT
F

 

 
 

 

 
   (S8) 
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€ 

Eh =  Eh,1
0 - a Log [H2Q]

[HQ• ]10-pH       (S9)

 

€ 

€ 

[Q]tot  =  [Q]+[Q2- ]+[HQ- ]+[H2Q]+[HQ• ]+[Q•− ]   (S10) 

 
The speciation of a given quinone as a function of Eh and pH can be obtained by 
solving equations S5-S10. Using the quinone species, Q, as reference, the ratio 
of protons to electrons, nH+(ne-)-1, transferred during the reduction (Eq. S11) and 
the degree of reduction, expressed as conversion factor r (Eq. S12), are given 
as: 

€ 

nH+
ne−

=  [HQ− ]+ 2[H2Q]+ [HQ• ]

2[Q2− ]+ 2[HQ− ]+ 2[H2Q]+ [HQ• ]+ [Q•− ]
  (S11) 

 

€ 

r =
n e-

2[Q]tot
=  2[Q2− ]+ 2[HQ− ]+ 2[H2Q]+ [HQ• ]+ [Q•− ]

2[Q]+ 2[Q2− ]+ 2[HQ− ]+ 2[H2Q]+ [HQ• ]+ [Q•− ]
 (S12) 

 
Section S2. Materials and Methods 
 
Metal content of humic acids 

 
Table S1. Metal contents of the humic acids were quantified by ICP-OES 

(Varian Vista-MPX).  
 

Humic acid Nr. Fe  

[µmol(gHA)-1]  
Cu  

[µmol(gHA)-1]  
Mn  

[µmol(gHA)-1]  

Suwannee River II 2S101H 22.9±0.5 0.46±0.02 <<0.3µΜa 
Elliott Soil 1S102H 19.6±0.3 4.69±0.14 <<0.3µΜa 
Leonardite 1S104H 10.0±0.3 0.11±0.01 <<0.3µΜa 
Pahokee Peat 1R103H 49.6±0.9 0.31±0.02 <<0.3µΜa 

 
aThe lowest standard used contained 10 ppm of Mn, which corresponded to ~0.31-0.35 mmol(gHA)-1 in the 0.5 
gL-1LHS solutions. The concentrations of Mn in the 0.5 gL-1HS solutions were much below this concentration 
and hence not accurately quantifiable.  
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Mediated electrochemical reduction (MER) was conducted as described in [8]. 
In brief, the same electrochemical equipment as for bulk reduction of humic 
acid was used, except for the working electrode, which was replaced by a 
reticulated vitreous carbon electrode (Bioanalytical Systems Inc., West 
Lafayette, IN, USA). To quantify the HS redox states, the electrochemical cell 
was filled with 78 to 80 mL of background electrolyte (0.1 M KCl, 0.1 M 
phosphate, adjusted to pH 7) and the electrode was equilibrated to the potential 
Eh= -0.49 V. The electron transfer mediator diquat was then added to the 
solution by spiking 2 mL of a 5 mM aqueous stock solution into the cell. Upon 
re-attainment of background currents, the analyte samples (i.e., HAs or model 
quinones) were spiked to the cell. The resulting current peaks were integrated to 
obtain the number of transferred electrons. The redox state of each HA sample 
was calculated as the difference in electron content relative to an untreated (i.e. 
non pre-reduced or pre-oxidized) standard sample (e.g., samples S0 in the cyclic 
voltammetry experiments in the manuscript). 
 
Cyclic voltammetry experiments were conducted in custom-made, small volume 
cells. The cyclic voltammograms (CVs) were measured using a 3 mm diameter 
glassy carbon working electrode, a Pt wire counter electrode (Voltalab, 
Radiometer Analytical SAS, Lyon, France) and an Ag/AgCl reference electrode 
(Bioanalytical Systems Inc., West Lafayette, IN, USA). All CV measurements 
were conducted in an anoxic glovebox (O2 concentration < 0.1 ppm). The CV 
scans were started at the upper vertex potential. Ten cycles were recorded at 
scan rates v= 0.1 and 0.075 Vs-1, and five cycles were recorded at scan rates v= 
0.5, 0.25 and 0.01 Vs-1. In all cases, the last scan of each run is reported. The 
glassy carbon electrodes were cleaned in between each series of CV 
experiments by successive polishing of the electrode surface with 1.0 and 0.05 
µm aluminum oxide Micopolish II powder on TexMet 1500 polishing pads (all 
from Buehler, Lake Bluff, USA). Following the polishing step, the electrodes 
were thoroughly rinsed with water.  
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Section S3. Parameterization of the Eh-ne- curves 
 

A model was developed to describe the dependence of the reduction 
potential Eh of HA solutions on the number of electrons, ne-, transferred per unit 
mass of humic acid during electrochemical reduction. All Eh measurements 
were conducted in HA solutions containing low concentrations of redox 
mediators (diquat or ethylviologen, unless stated otherwise).  

 
The model assumes redox equilibria between the electrode, the mediators, 

and all redox couples in the HA. Under these conditions all redox couples in the 
HA and the mediator satisfy the Nernst equation (equation S4). In the model, 
the reducible moieties in HA are descretized into i different redox couples. The 
Nernst equation for the i-th redox couple and for the mediator are given in 
equations S13 and S14, respectively. In both cases, {activities} were 
approximated by [concentrations]. Ared,i and Aox,i are the oxidized and reduced 
moieteis of the i-th couple, respectively. medred and medox refer to the oxidized 
and reduced redox mediator molecules, respectively. Eh,i

0(pH) and Eh,med
0(pH) 

are the standard reduction potentials for the i-th redox couple in HA and the 
mediator, respectively, adjusted to the given solution pH (i.e., standard 
conditions except for the pH).  
 

€ 

Eh = Eh,i
0 (pH) − aLog

[Ared,i ]
[Aox,i ]

           where 

€ 

a =
Ln(10)RT

F
   (S13) 

 

€ 

Eh = Eh,med
0 (pH) − aLog [medred ]

[medox ]
    (S14) 

 
This work focuses on the reducible moieties in HA. Note that moieties that 

were already reduced in the untreated HA are not described by the model (as 
these moieties did not accept electrons during the electrochemical reduction). 
Equation S15 is obtained by expressing [Ared,i] in equation S13 by the number of 
electrons transferred, ne-,i, to the i-th redox couple per unit HA mass and by 
expressing [Aox,i] as the difference in the the total moles of the i-th redox couple 
per mass of HA, Ci, minus ne-,i. Solving for ne-,i yields equation S16. 



 Chapter 3 
    

 

   

99 

 

€ 

Eh = Eh,i
0 (pH) − aLog

ne−,i
Ci - n e−,i

   (S15) 

 

€ 

⇒  n e-,i =  10
Eh,i

0 (pH)
a Ci

10
Eh
a + 10

Eh,i
0 (pH)

a

  (S16) 

 
The analogous equations for the mediator are:  
 

€ 

Eh = Eh,med
0 (pH) − aLog

ne−,med
Cmed - ne−,med

     (S17) 

 

€ 

⇒  n e-,med =  10
Eh,med

0 (pH)
a Cmed

10
Eh
a + 10

Eh,med
0 (pH)

a

    (S18) 

 
The overall electron balance is given by equation S19. Combining it with 

equations S16 and S18 yields equation S20 that relates the overall number of 
electrons transferred, ne-, per unit mass of HA to Ci, Eh and Eh,i0. The second 
term on the right side of equation S20 can be neglected because the mediator 
concentration was small compared to the total concentration of electron 
accepting moieties in the HA (i.e. 

€ 

Cmed <<  Cii∑ ), resulting in equation S21. 

This equation was used to describe the experimentally measured decrease in Eh 
with increasing ne-.  
 

€ 

ne−  =  ne−,i +  ne−,medi∑   (S19) 

 

€ 

⇒  n e-,i =  10
Eh,i

0 (pH)
a Ci

10
Eh
a + 10

Eh,i
0 (pH)

a
i∑ +

10
Eh,med

0 (pH)
a Cmed

10
Eh
a + 10

Eh,med
0 (pH)

a

     (S20) 
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For 

€ 

Cmed <<  Cii∑               

€ 

ne-,i =  10
Eh,i

0 (pH)
a Ci

10
Eh
a + 10

Eh,i
0 (pH)

a
i∑   (S21) 

 
The potential range from Eh= +0.2 V to -0.4 V was divided into i= 16 

equally sized potential intervals centered around discrete Eh,i
0(pH) values. 

Discretization by a relatively large number of i=16 redox couples with different 
Eh,i

0(pH) was required to obtain smooth fits of the experimental Eh-ne- data 
which covered a wide Eh range. The Ci for each Eh,i

0(pH) were fitted. The 
boundary conditions implemented were (i) the total moles of reducible moieties 

per mass of HA, 

€ 

Ctot =  Cii=1
16∑ , was set equal to the respective HA electron 

accepting capacity reported in [8],  and (ii) 0< Ci< EAC for all i.  
 The experimental decrease in Eh with increasing ne- for three tested HAs 
is shown in Figure 5a in the manuscript. The data for all HA show continuous 
decreases in Eh with increasing degrees of reduction. This finding meets with 
the expectation of continuous distributions in Eh

0(pH) of the reducible moieties 
in the HAs. Continuous Eh–ne- curves are further supported by (i) the high 
reproducibility of the Eh-ne- data in duplicate reduction experiments, as shown 
for LHA at pH 7 in Figure S13a, (ii) overlapping Eh-ne- relationships obtained 
by different redox electrode materials, as shown for EHSA at pH 7 in Figure 
S13b, and (iii) overlap of the Eh-ne- dependency of LHA at pH 9 and of the Eh-
ne- dependency at pH 7 after being shifted by –0.12 V (inset in Figure 5a in the 
manuscript). 

 
Interpolation of the experimental Eh-ne- data. The Eh-ne- data for Elliot Soil 
humic acid (pH 7) from Figure 5a is re-plotted in Figure S1 (blue triangles) and 
serves as an example in the following discussion. The slight scatter in the 
experimental data results in several distinct inflection points (red line in Figure 
S1a) in the fitted Eh-ne- dependence by equation S21. These inflection points are 
particularly evident at low ne- at which the experimental data show more scatter 
and at which adjacent data points have large differences in Eh. The 
corresponding distribution of Eh,i

0(pH7) for ESHA are uneven (Figure S1b), 
contrary to expectation.  
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 This apparent fitting artifact was resolved by interpolation of the 
experimental Eh-ne- data prior to fitting of Equation S21. A seven parameter (a, 
b1, b2, b3, t1, t2, and t3) exponential function was used for the interpolation 
(equation S22). Equation S22 served to convert the experimental Eh-ne- data into 
a smooth Eh-ne- curve. 
 

€ 

ne− (Eh ) =  a +  b1e
-t1Eh (pH)  +  b2e-t 2Eh (pH) + b3e

-t 3Eh (pH)   (S22) 
 

The resolution of the interpolated data was set to ΔEh = 0.002 V (black 
circles in Figure S1a). Fits of the interpolated data resulted in an even 
distribution of Eh,i

0(pH 7) consistent with expectations (Figure S1c). 
Interpolation did not affect the general trend of an increase in the abundance of 
reducible moieties with decreasing Eh. 
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Results and Discussion 
 
Section S4. Cyclic voltammetry experiments  
Figures S2 to S7 show the result of selected cyclic voltammetry experiments, as 
described in details in the figure legends. 
 

 
 

Figure S2. a. Cyclic voltammograms (CVs) of Leonardite Humic acid (LHA) at various 
concentrations (brown traces) in the absence of electron transfer mediator and of background 
electrolyte in the absence of LHA (grey trace). b. CVs of LHA at various concentrations in 
the presence of 30 µM of the electron transfer mediator diquat (DQ) (red traces; 
concentration CDQ= 30 µM), and of DQ at the same concentration in the absence of LHA 
(black trace). c. Results of a chronocoulometric analysis of the CVs of LHA at different 
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concentrations in the presence of diquat (DQ) (30 µM) (red traces) (panel b), and of non-
reduced LHA in the absence of DQ (brown trace), and of only DQ (black trace). The vertical 
grey line represents the first vertex potential Eh= -0.69 V at which the scanning direction was 
changed from cathodic to anodic. d. CVs of background electrolyte (grey trace), the redox 
mediator ethylviologen (EtV) (black trace; concentration CEtV= 20 µM), LHA (brown trace; 
CLHA= 2 gLHA L-1), and for LHA solutions containing small concentrations of EtV (red traces; 
CLHA from 0.25 to 2 gL-1; CEtV= 20 µM). Inset: Linear increase in the catalytic cathodic peak 
current, Ip,c, with increasing CLHA at constant CEtV= 20 µM. All CVs were measured at pH 7 
(0.1 M KCl and 0.1 M phosphate buffer) and at scan rates of v= 0.01 V s-1. 

 
Figure S3 shows that the cathodic and anodic peak currents of the CVs of 

DQ correlated linearly with the concentration of DQ (panels a and b). The 
difference in peak current potentials, Ep,a-Ep,c, remained constant at 
approximately 60-70 mV independent of the scan rate v (panel c) and the 
cathodic peak current scaled linearly with the square root of the scan rate, v0.5 
(panel d). These findings demonstrate fast and fully reversible electron transfer 
to DQ at the electrode surface.  
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Figure S3. Cyclic voltammograms of the electron transfer mediator diquat (DQ) showing 
reversible redox behavior at the electrode. a. Cyclic voltammograms (CVs) of DQ as a 
function of DQ concentration, CDQ, at a constant scan rate v= 0.01 V s-1. b. Linear correlation 
of the cathodic and anodic peak currents, Ip,c and Ip,a, with CDQ. c. CVs of DQ at CDQ= 30 µM 
as a function of the scan rate v. Inset: Differences in the cathodic and anodic peak current 
potentials, Ep,c - Ep,a, at different scan rates v. d. Linear correlation of cathodic peak currents, 
Ip,c, with the square root of the scan rate, v0.5. All CVs were measured at pH 7 in 0.1 M KCl 
and 0.1 M phosphate buffer. 
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Figure S4. Effect of electrochemical pre-reduction of Leonardite humic acid (LHA) on its 
cyclic voltammograms (CVs) collected in the absence and in the presence of the electron 
transfer mediator diquat (DQ). a. CVs of LHA pre-reduced to different extents in the absence 
of DQ. The extent of pre-reduction increased from sample S0 (unreduced) to S5, as described 
in the manuscript. b. Results of chronocoulometric analysis of the CVs of (i) samples S0 to S5 
and of sample SDQ in the presence of small concentrations of DQ (CDQ= 30 µM) (original CV 
data shown in Figure 1b in the manuscript), (ii) of unreduced and extensively pre-reduced 
LHA (sample S5) in the absence of DQ, and (iii) of only DQ (trace DQ). The vertical grey 
line represents the first vertex potential of Eh= -0.69 V at which the scanning direction was 
changed from cathodic to anodic. All CVs were measured at pH 7 in 0.1 M KCl and 0.1 M 
phosphate buffer and at scan rates of v= 0.01 V s-1. 
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Figure S5. Effect of oxidation of pre-reduced Leonardite humic acid (LHA, CLHA= 2gL-1) 
with O2 on the cyclic voltammograms (CVs) measured in the absence and presence of the 
electron transfer mediator diquat (DQ). a. CVs of unreduced LHA (sample S0), 
electrochemically pre-reduced LHA (sample S5), and sample S5 re-oxidized by excess O2 
(sample S5-reox) in the absence of mediator DQ. b. CV of unreduced LHA (sample S0), 
electrochemically pre-reduced LHA (sample SDQ), and sample SDQ re-oxidized by excess O2 
(sample SDQ-reox) in the presence of small concentrations of DQ (CDQ= 30 µM). Inset: 
Cathodic peak currents, Ip,c, versus the number of electrons ne-, transferred per unit mass LHA 
in samples SDQ and SDQ-reox relative to the unreduced LHA in sample S0. All CVs were 
measured at pH 7 in 0.1 M KCl and 0.1 M phosphate buffer and at scan rates of v= 0.01 V s-1. 
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Figure S6. Cyclic voltammograms of background buffer (grey trace), of the redox mediators 
cyanoviologen (CyV; top) and diquat (DQ; bottom) (black traces; concentration Cmediator= 30 
µM), of Leonardite humic acid standard (LHA) (brown trace; CLHA= 2 gL-1), and of LHA in 
the presence of CyV (yellow trace; top) and DQ (red trace; bottom) (CLHA= 2 gL-1; Cmediator= 
30 µM). 
  

 
 
Figure S7. Effect of the solution pH on the cyclic voltammograms of Leonardite humic acid 
(LHA; 2 gL-1; unreduced) in background electrolyte (0.1 M KCl) in the presence of small 
concentrations, CDQ= 30 µM, of the electron transfer mediator diquat (DQ). a. Decreasing 
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catalytic cathodic currents and increasing shifts in the onsets of the cathodic waves towards 
lower reduction potentials Eh with increasing pH. b. Increasing catalytic cathodic currents 
and increasing shifts in the onset of the cathodic wave towards higher reduction potentials Eh 
with decreasing pH. All experiments were carried out at a scan rate v= 0.01 V s-1. 
 
Section S5. Model quinones  
 
Table S2 compiles literature values for the standard reduction potentials Eh

0 and 
the acidity constants, pKa, for the tested model quinones.  
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Electron and proton transfer equilibria to 9,10-Anthraquinone-2,6-disulfonate 
(AQ26DS). The electron and proton transfer equilibrium constants in equations 
S5 to S12 have been reported in the literature for the model quinone AQ26DS 
(see Table S2). The compiled values were used to calculate the equilibrium 
speciation of AQ26DS as a function of solution pH and reduction potential Eh. 
The results of the calculations are shown in Figure S8a. Notably, reduction of 
AQ26DS (= species Q in scheme S1) at pH < pKa1 results in the formation of 
AQDSH2 as predominant species as the standard reduction potential for the first 
electron transfer from AQDS to AQDSH• is lower than that for the second 
electron transfer from AQDSH• to AQDSH2. The semiquinone species AQDSH• 
or AQDS•- become predominant only at high pH and at intermediate extents of 
reduction (depicted by the orange area in Figure S8a).  
 
Figure S8b shows a Pourbaix Eh-pH diagram for AQ26DS. This diagram is a 
projection of the species distribution in Figure S8a onto the Eh-pH plane [12]. 
The predominant species in each stability field are given in bold letters. The 
lines in the diagram correspond to equal concentrations of the respective 
oxidized and reduced or protonated and deprotonated species. Solid and dashed 
lines are for the predominant and minor species, respectively.  
 
The reduction potential Eh for the AQ26DS system was also calculated at 
different pH values as a function of the degree of reduction, expressed as 
conversion factor r (Figure S9a). At high pH >11, electron transfer to AQ26DS 
is no longer coupled to proton transfer, resulting in overlapping Eh-r curves at 
pH 11 and 13. At these pH values, redox buffering occurred over a wider Eh 
range as compared to lower pH ≤9. The wider buffering range reflects that the 
semiquinone is formed from the quinone at a higher reduction potential than the 
potential for the reduction of the semiquinone to the fully deprotonated 
hydroquinone (diphenolate). Conversely, at lower pH ≤9, the reduction 
proceeds directly from the quinone to the hydroquinone. 
 
Figure S9b shows the ratio of protons and electrons, nH+(ne-)-1, transferred to 
AQ26DS as a function of the conversion factor r. At low pH the final nH+(ne-)-1 

is close to unity, reflecting that the transfer of 2e- to the quinone to form the 
hydroquinone is coupled to the transfer of 2H+. Increasing the pH results in 
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successive deprotonation of the hydroquinone and therefore in decreasing final 
nH+(ne-)-1. The gradual increase in nH+(ne-)-1 with r, particularly evident at high 
pH, is due to the formation of the semiquinone which is not coupled to the 
transfer of protons at pH >pKaSQ = 3.2. Subsequent electron transfer to the 
semiquinone to form the fully reduced hydroquinone species is coupled to the 
transfer of up to two protons per electron. Figure S9c shows the theoretical Eh-
pH curves of AQ26DS at different degrees of reduction, expressed by the 
conversion factor r. For a given pH and r, the slope of the Eh-pH curve 
corresponds to the nH+(ne-)-1 multiplied by -0.059 V (for T= 25°C).   
 

 
 
Figure S8. a. Distribution of 9,10-Anthraquinone-2,6-disulfonate (AQ26DS) species as a 
function of pH and reduction potential Eh. The species are the oxidized anthraquinone 
(AQDS; yellow), the hydroquinone (AH2QDS; blue), the semiquinone radical (AHQDS•; 
grey, present at only very small concentrations), the semiquinone radical anion (AQDS•—; 
orange), the hydroquinone monophenolate (AHQDS—; purple), and the hydroquinone di-
phenolate (AQDS2—; red) b. Pourbaix diagram for AQ26DS.   
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Figure S9. a. Change in AQ26DS reduction potential Eh with increasing degree of reduction, 
expressed as conversion factor r, at different solution pH. b. Change in the ratio of protons to 
electrons, nH+(ne-)-1, transferred to AQ26DS with increasing r at different pH. c. Change in Eh 
with increasing pH at different r.  
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Calculation of final nH+(ne-)-1 ratios for the complete reduction of model 
quinones. The final nH+(ne-)-1 ratios were calculated under the assumption of 
complete reduction (i.e. r close to 1). Under these conditions, the equilibrium 
concentration of the semiquinone is very small and was neglected in the 
calculations.  
 
(i) AQ26DS, AQ15DS, NQSA. Equations S5 and S6 (Q = AQ26DS, AQ15DS, 
or NQSA) were combined by mass balancing the predominant quinone species, 
as described in equation S23. Note that the semiquinone concentration could be 
neglected under the assumption of complete quinone reduction (i.e., r 
approaches 1). The final ratio of protons and electrons, nH+(ne-)-1, transferred to 
the quinone was calculated as a function of pH using equation S24. For 
AQ15DS, formation of the quinolate species Q2- was neglected due to the high 
pKa2= 12.6 (Table S2).  
 

€ 

[Qtot ] =  [Q2− ]+ [HQ− ]+ [H2Q]           (S23) 
 

€ 

nH+

ne-

 

 
 

 

 
 

final
=  [HQ− ]+ 2[H2Q]

2[Qtot ]
          (S24) 

 
(ii) NQOH. Calculations on NQOH required accounting for the protonation 
equilibrium of the hydroxyl substituent on the 1,4-quinone system (Scheme S2), 
given by equation S25. The reduced species Q3- was neglected in the 
calculations (Scheme S2) due to the (unknown) high pKa value for the 
deprotonation of the third proton of the hydroquinone. The nH+(ne-)-1 ratio as a 
function of pH was calculated using equation S26.  
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Scheme S2: Protonation equilibrium (pKa= 4) for the hydroxyl substituent in 
NQOH. 
 

€ 

pH =  pKaox  +  Log [Q− ]
[Q]

 

 
 

 

 
      (S25) 

 

€ 

nH+

ne-

 

 
 

 

 
 

final
=  3[H2Q]+ 2[HQ− ]+ [Q2− ]- [Q]

2[Qtot ]
  (S26) 

 
Calculation of Eh-pH dependencies of NQOH and NQSA. The extent of 
reduction (i.e., the conversion factor r) of the quinone remains constant in Eh-
pH titrations in which there is no electron transfer to and from the quinone. 
Figure S10 shows the calculated Eh-pH dependencies for AQ26DS at different 
degrees of reduction, expressed by the conversion factor r (grey dashed lines) 
The Eh-pH dependencies for NQOH and NQSA were calculated for a 
conversion factor r= 0.5. At this r, the semiquinone radical could be omitted 
from the calculation because the concentration of the fully oxidized species (i.e., 
the quinone) equals the total concentration of fully reduced species (i.e., the 
hydroquinone and its mono- and diphenolate), independent of solution pH. 
Equations S8 and S9 were replaced by equation S27 and equation S12 was 
replaced by equation S28. The Eh-pH dependencies for NQSA were calculated 
by combining equations S5, S6, S27, and S28. Calculations for NQOH also 
accounted for the protonation equilibrium of the hydroxy substituent (equation 
S25). 
 

€ 

Eh =  Eh,12
0 - a

2
 Log [H2Q]

[Q](10-pH )2

 

 
 

 

 
       (S27) 

 

€ 

r =
ne-

2[Q]tot
=  [Q2− ]+ [HQ− ]+ [H2Q]

[Q]+ [Q− ]+ [Q2− ]+ [HQ− ]+ [H2Q]
 =  0.5 (S28) 
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Figure S10. Dependence of the reduction potential Eh of 9,10-Anthraquinone-2,6-disulfonate 
(AQ26DS) on the solution pH and the extent of AQ26DS reduction. The red circles 
correspond to experimental data for AQ26DS at different degrees of reduction. The grey 
dashed lines correspond to the calculated Eh-pH dependencies calculated from literature 
reduction potentials and pKa values of the major AQ26DS species, as a function of the 
conversion factor r. r varies between 0 and 1 for unreduced and fully reduced AQ26DS, 
respectively. The experimental and calculated dependencies are in good agreement. The 
higher variations in the experimental data for unreduced AQ26DS likely resulted from the 
low redox buffering in these systems (very low concentrations of reduced species). 
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Section S6. Potentiometric Eh-pH titrations of humic acids 
 

 
Figure S11. Potentiometric Eh-pH titration curves for unreduced Elliott soil humic acid 
(ESHA0) and unreduced and reduced Pahokee Peat humic acid (PPHA0 and PPHA1, 
respectively). The arrows indicate the direction of titration. ne- corresponds to the number of 
electrons transferred per unit mass of HA.  
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Figure S12. Potentiometric Eh-pH curves of reduced Leonardite humic acid (2 gL-1; pH 7, ne-

= 0.54 mmole-(gLHA)-1) in the absence and in the presence of small concentrations of the 
redox mediator diquat (CDQ= 28 µM). The arrows indicate the titration direction. The Eh-pH 
data in the presence of DQ is reproduced from Figure 4d in the manuscript. The figure shows 
that DQ facilitates attainment of redox equilibria, and thereby eliminates hysteresis in the Eh-
pH titration data. 
 
Section S7. Change in the reduction potential Eh with increasing extent of HA 
reduction  
 

Figure S13 shows the dependencies of the reduction potentials Eh on the 
number of transferred electrons, ne-, per unit masses of Leonardite humic acid 
(LHA) (panel a) and of Elliot Soil humic acid (ESHA) (panel b), both at pH 7. 
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Figure S13. a. Reproducibility of the decrease in the reduction potential Eh with increasing 
number of electrons, ne-, transferred per unit mass of Leonardite humic acid standard (LHA). 
The circles and triangles represent measurements from two independent reduction 
experiments. b. Decrease in Eh of Elliott Soil humic acid Standard (ESHA) samples (1 gL-1; 
pH 7) with increasing ne-, as measured by a Pt ring redox electrode, a gold ring redox 
electrode, and a glassy carbon (GC) electrode. 
 

 
 
Figure S14. a. Decrease in the reduction potential, Eh, of 9,10-Anthraquinone-2,6-disulfonate 
(AQ26DS) with increasing extent of reduction as expressed by the number of electrons, ne-, 
transferred per unit number of quinone. The circles correspond to experimental data. The blue 
and red curves correspond to the fits of equation S21 to the experimental data with different 
widths of the fitted potential range. The quality of the fit improved when the potential 
window was narrowed from 0.2> Eh> -0.4 V (blue curve) to 0 > Eh

0> -0.3 V (red curve). The 
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measured data and the model fits agree well with the Eh-ne- curve calculated from the 
literature value, Eh

0(pH 7)Lit= -0.182 V (grey line) (Table S2). b. Fitted “distributions” of 
standard reduction potentials of AQ26DS. The fits in panel a resulted in averaged Eh

0(pH 7) 
values of -0.173 V and -0.177 V, which corresponded well the to published value of Eh

0(pH 
7)Lit= -0.182 V (see Table S2).  
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Section S8. Reduction potentials of biogeochemical and pollutant redox 
couples 
 
Table S4. Reaction equations and corresponding reduction potentials for the biogeochemical 
and pollutant redox couples shown in Figure 6 in the manuscript.  
 
Ox + m H+ + n e- = Red Eh

0 

[V] 
Eh

0(pH 7) a 
[V]  

Eh(pH 7) b 
[V] 

Reference 

     
Biogeochemical redox couples      
O2(aq) + 4H+ + 4e- = 2H2O 1.190 0.777 0.777 [13] 

2NO3
- + 12H+ + 10e- = N2(g) + 6H2O 1.240 0.744 0.744 [13] 

NO3
- + 2H+ + 8e- = NO2

- + H2O 0.850 0.437 0.437 [13] 

MnO2 + 4H+ + 2e- = Mn2
+(10-6 M)  + 2H2O 1.224 0.398 0.575 [14] 

NO3
- + 10H+ + 8e- = NH4

+ + 3H2O 0.880 0.364 0.364 [13] 
Fe(OH)3 (amorph) + e- + 3H+ = Fe2+ (10-6 M) + 
3H2O 

0.948 -0.291 0.062 calcc 

α-FeOOH + 3H+ + e- = Fe2+ (10-6 M) + 2H2O 0.670 -0.569 -0.216 calc c 

SO4
2- + 9H++ 8e- = HS- + 4 H2O 0.250 -0.215 -0.215 [13] 

CO2(g) + 8H+ + 8e- = CH4(g) + 2H2O 0.170 -0.243 -0.243 [13] 

2 H+ + 2e- = H2(aq) 0.080 -0.333 -0.333 [13] 

      
Inorganic pollutants      

HCrO4
- + 7H+ + 3e- = Cr3+ + 4H2O 1.350 0.386 0.386 [14] 

SeO4
2- + 4H+ +2e- = H2SeO3 + H2O 1.150 0.324 0.324 calc c 

TcO4
- (10-6 M) + 4H+ + 3e- = TcO2 + 2H2O 0.782 0.231 0.113 [14] 

Cu2+ + e- = Cu+ 0.153 0.153 0.153 [14] 
UO2(CO3)2

2- (10-6 M) + 2H+ + 2e- = UO2 + 
2HCO3

- (10-3 M) 0.521 0.108 0.108 [15] 

HAsO4
2- + 4H+ + 2e- = H3AsO3 + H2O    -0.014 -0.014 [16] 

      
 
Organic pollutants 
      
CCl4 + H+ + 2e- = CHCl3 + Cl-  (10-3 M) 0.790 0.584 0.672 [13] 

CHCl3 + H+ + 2e- = CH2Cl2 + Cl- (10-3 M) 0.680 0.474 0.562 [13] 
 
  

 
 

 
0.830 0.417 0.417 [13] 

a Standard reduction potential at pH 7 Eh
0(pH 7) (i.e. standard conditions except for the pH) calculated from Eh

0 
using equation S4. b Reduction potentials at pH 7, Eh(pH 7), shown in Figure 6 in the manuscript. Eh(pH 7) 
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values were calculated from Eh
0 values using equation S4. For reactions involving solid phases, the activities of 

the dissolved species were set to 10-6 M and the activity of HCO3
- was set to 10-3 M. In all other cases the same 

activities were assumed for the reduced and oxidized species. 3 Calculated from standard Gibbs energies of 
formation (Table S5). All calculations assumed T= 25°C.  
 
Table S5. Standard Gibbs energies of formation, ΔGf

0, used for the calculation of reduction 
potentials in Table S4.  
 

    
Species ΔGf

0 [J mol-1]  Reference 
SeO4

2- (aq) -441.40 [17] 
H2SeO3 (aq) -426.20 [17] 
    
α-FeOOH (Goethite) -488.60 [17] 
Fe(OH)3 (amorphous) -699.00 [17] 
Fe2+(aq) -78.87 [17] 
   
H2O (l) -237.18        [17] 
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Abstract 

Humic substances (HS) are heterogeneous, redox-active organic 
macromolecules. While electron transfer to and from HS under reducing 
conditions is well investigated, comparatively little is known on the electron 
donating properties of HS under oxic conditions. In this work the electron 
donating capacities (EDCs) of HS were determined as a function of the redox 
potential Eh and the pH using electrochemical oxidation with 2,2'-azino-bis(3-
ethylbenzthiazoline-6-sulfonic acid) as electron transfer mediator. 
Electrochemical oxidation of three model HAs was largely irreversible and their 
EDCs continuously increased with increasing Eh and pH. The results suggest 
that HS contain moieties that donate electrons over a wide potential range and 
that oxidation of these moieties is coupled to the release of protons. At a given 
pH and Eh, the EDCs of HS correlated well with their titrated phenol contents, 
consistent with phenolic moieties as major electron donating groups in HS. 
Comparing the EDCs of 15 HS with their electron accepting capacities (EACs) 
determined in earlier work, aquatic HS had higher EDCs but lower EACs than 
terrestrial HS of comparable aromaticities. The results indicate that oxidative 
transformation of HS in the environment result in a depletion of electron 
donating phenolic moieties relative to the electron accepting quinone moieties. 
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4.1. Introduction 

Humic substances (HS) are mixtures of complex organic macromolecules 
that play important roles in biogeochemical and in pollutant redox reactions. For 
these reasons, HS redox properties have received considerable interest. Previous 
studies focused primarily on assessing HS electron accepting and donating 
properties under reducing conditions.1-9 Several studies reported largely 
reversible electron transfer to the reducible moieties in HS,1, 5, 7 and strong 
correlations of HS electron accepting capacity (EAC) (i.e., the moles of 
electrons transferred to a given HS mass at a given pH and reduction potential 
Eh) with HS aromaticity.2, 4, 7 Furthermore, reduction of HS was found to occur 
over wide potential ranges and to be coupled to pH-dependent proton uptake.8 
These findings suggested quinones as major reducible moieties in HS. 2, 4-6  

Comparatively little is known about the electron donating properties of HS 
under oxic conditions. In previous studies, HS electron donating capacities 
(EDCs) (i.e., the moles of electrons donated by a given HS mass at a given pH 
and applied potential Eh) were quantified indirectly by measuring the reduction 
of added chemical oxidants (e.g., ferricyanide, Fe3+ citrate, and iodine) in batch 
equilibration experiments or by potentiometric redox titrations.6, 10-16 
Polyphenolic moieties from higher plant precursors, including lignin and 
tannins, were suggested as major electron donating moieties, based on the 
findings of increasing EDCs with increasing solution pH,11-16 the release of 
protons upon oxidation of a humic acid (HA),11 and comparable pH 
dependencies of the redox titration curves of a HA and of phenol and 
hydroquinone mixtures.11  

Polyphenols have antioxidant properties.17, 18 Phenolic moieties in HS are 
therefore expected to affect the concentration and lifetimes of reactive oxidants 
in soils and aquatic systems and thereby affect a number of important processes. 
Phenolic moieties in HS may protect other functional groups from oxidative 
breakdown and therefore play an important role in the environmental 
recalcitrance of HS.19-21 Furthermore, recent evidence suggests beneficial effects 
of the antioxidant properties of HS on the activity of soil-dwelling organisms: 
exposure of the nematode Caenorhabditis elegans to HS enriched with electron 
donating moieties increased its tolerance to thermal stress and extended its 
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lifespan.22 The antioxidant properties of HS likely also affect the redox 
dynamics of other chemical species in natural and engineered systems. For 
instance, dissolved HS may decrease indirect photolysis of organic pollutants in 
surface waters both by quenching reactive oxygen species and by donating 
electrons to radical pollutant intermediates, thereby reducing them back to 
parent pollutant molecules.23, 24 Similar inhibitory effects of HS are conceivable 
for oxidative pollutant transformations in other systems, for instance on 
manganese dioxide surfaces in soils.25, 26 In water treatment facilities, electron 
donation by HS increases the amount of chemical oxidants that is required to 
disinfect and remove pollutants from the water.27-29 Despite the importance of 
HS antioxidant properties, they have been so far only poorly characterized.  

The main objective of this work was to characterize HS antioxidant 
properties as a function of Eh, pH, and HS source material to obtain insight into 
the reactivity and the chemical nature of the oxidizable moieties in HS. To this 
end, we quantified the EDCs of a representative number of terrestrial and 
aquatic HS and NOM samples over wide Eh and pH ranges. We used mediated 
electrochemical oxidation (MEO), a novel approach that relies on the use of 
2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic acid) to mediate electron transfer 
from the oxidizable moieties in HS to the working electrodes. Finally the EDC 
values of the studied HS were compared to their respective EAC values7 to 
assess the effects of HS origin and transformation history on HS redox 
properties.   

 
4.2. Materials and Methods 

Chemicals. Diquat dibromide monohydrate (DQ, 99.5%) was from 
Supelco. Sodium hydroxide, hydrochloric acid, acetic acid, potassium chloride, 
boric acid, sodium bicarbonate, citric acid monohydrate (all puriss. p.a.), and 
2,2'-azino-bis(3-ethylbenzthiazoline-6-sulfonic acid) diammonium salt (> 99%) 
(ABTS) were from Fluka. Sodium phosphate dibasic dihydrate (puriss. p.a.) was 
from Sigma.  

Humic substances, natural organic matter samples, and model 
antioxidants. Aldrich humic acid (AHA) was from Sigma-Aldrich. All other 
humic and fulvic acids (HA and FA) and the NOM samples were from the 
International Humic Substances Society (St. Paul, MN, USA) and included 
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Suwannee River HA Standard II (SRHA), Elliott Soil HA Standard (ESHA) and 
FA Standard III (ESFA), Leonardite HA Standard (LHA), Pahokee Peat HA 
Standard II (PPHAS), HA Reference (PPHAR), and FA Standard II (PPFA), 
Washkish Peat HA Reference (WPHA), Nordic Aquatic HA (NAHA) and FA 
(NAFA) References, Pony Lake FA Reference (PLFA), and Suwannee River 
and Nordic Reservoir NOM (SRNOM and NRNOM). Lignin (alkali; average 
molecular weight ~10,000 Da), L-ascorbic acid (≥ 99.0%) were from Fluka, and 
(±)-6-Hydroxy-2,5,7,8-tetramethylchromane-2-carboxylic acid (Trolox®; 97%) 
was from Aldrich. 

Solutions. All solutions were prepared with nanopure water (resistivity> 
18 MΩcm; Barnstead NANOpure System). Solutions for electrochemical 
experiments contained 0.1M KCl as electrolyte and 0.1 M of pH buffers (acetate 
at pH 5; citrate at pH 6; phosphate at pH 7, 8, and 12, borate at pH 9 and 10, and 
carbonate at pH 10 and 11).  

Electrochemical experiments. All experiments were controlled with 
CHInstruments 630C or 630D electrochemical analyzers (Austin, TX) or an 
Autolab PG302 (EcoChemie B.V., Netherlands). Potentials were measured vs. 
Ag/AgCl but are reported vs. the standard hydrogen electrode (SHE).  

Cyclic voltammetry experiments were conducted inside the glovebox (N2 
atmosphere, O2 < 0.1 ppm; 25±1 °C) in 4-5 mL solutions with a 3 mm diameter 
glassy carbon disk working electrode, a platinum wire counter electrode (both 
Radiometer Analytical), and an Ag/AgCl reference electrode (Bioanalytical 
Systems Inc.). The WE was polished and cleaned before each series of scans.8 
Cyclic voltammograms (CVs) were collected in pH-buffered solutions in the 
absence of ABTS and SRHA, in the presence of either ABTS (concentration 
CABTS= 30 µM) or SRHA (CSRHA= 0.1 to 2 gL-1), and in the presence of ABTS 
(CABTS= 30 µM) and SRHA (various CSRHA). The cathodic and anodic vertex 
potentials were at Eh= -0.1 V and + 0.9 V, respectively, and the scan rate was v= 
0.01 Vs-1 unless stated differently. 

HA bulk oxidation experiments to assess the reversibility of HA oxidation 
were conducted in an anoxic glovebox. Water, buffer solutions, and diluted 
acids and bases were made anoxic by purging with argon for two hours at 
150°C and for one hour at room temperature prior to transfer to the glovebox. 
All other solutions were prepared inside the glovebox by dissolving the 
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chemicals in anoxic water or buffer. SRHA, LHA, and ESHA were dissolved in 
pH 7 solutions (0.1 M KCl, 0.1 M phosphate) at concentrations of 2 gL-1. After 
dilution to 0.4 gL-1, 121 mL of the solutions were transferred into 
electrochemical cells containing a reticulated vitreous carbon WE polarized to 
Eh= 0.725 V, an Ag/AgCl reference electrode, and a coiled platinum wire 
auxiliary electrode (all from Bioanalytical Systems). Over the course of the 
oxidation, small amounts of ABTS were repeatedly spiked to the cell to sustain 
electron transfer mediation. Decreasing mediation likely resulted from slow loss 
of ABTS•+ by reaction with oxidized HS components. The total moles of ABTS 
spiked were, however, small compared to the moles of electrons, ne-

bulk oxidation 
[mmole- (gHA)-1], transferred from the HAs to the WE during bulk oxidation (i.e., 
1.6% for ESHA and LHA and 2.4% for SRHA). ne-

bulk oxidation were determined 
by direct integration of the oxidative currents. No background current correction 
was required because oxidative currents in solutions without HA were 
negligibly small. Over the course of the oxidation, aliquots were withdrawn 
from the cell and analyzed for changes in HS UV-visible light absorption 
(Varian Cary 100 Spectrophotometer; 1 cm Quartz Helma Suprasil® cells), in 
the EDCs of the HS by MEO (see below) at Eh= 0.725 V and pH 7 (i.e., the 
same Eh as used during bulk oxidation), and in the EACs of the HS by mediated 
electrochemical reduction (MER) at Eh= -0.49 V and pH 7, as described earlier.7 

Mediated electrochemical oxidation (MEO) according to Aeschbacher et 
al.7 was used to quantify the EDCs of HS, NOM, and model antioxidants 
Trolox® and ascorbic acid (chemical structures in Figure S1). MEO was carried 
out in electrochemical cells containing pH buffered solutions with the same 
electrodes as used for HA bulk oxidation. ABTS was spiked into the cell to a 
total concentration of CABTS

total= 0.13 mM, which was the lowest concentration 
at which EDCs were independent of CABTS (Figure S2). At this concentration 
ABTS was oxidized at the WE, resulting in oxidative current peaks. Baseline 
currents were re-attained upon attainment of redox equilibrium between the 
ABTS•+/ABTS couple and the WE. Small volumes of HS/NOM/antioxidant 
solutions were subsequently spiked into the electrochemical cell. Electron 
donation by the HS/NOM/antioxidant to ABTS•+ formed ABTS, which was 
rapidly re-oxidized at the WE, resulting in oxidative current peaks. Peak 
integration yielded the EDC. Trolox® and ascorbic acid served to validate the 
experimental setup. The EDCs of SRHA, ESHA, and LHA were determined 
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over a wide Eh and pH range (i.e., 0.548V to 0.725V and pH 5 to 12). The EDCs 
of all 15 HS and NOM samples were determined at Eh= 0.607V and 0.725V for 
pH 7 and at Eh= 0.607V for pH 9. The upper potential limit of Eh= 0.725V was 
chosen because higher applied Eh resulted in large background currents (> 
100µA), likely due to ABTS-mediated oxidation of water and/or the WE 
material. 
 
4.3. Results and Discussion  

Validation of mediated electrochemical oxidation. Cyclic voltammetry 
was used to demonstrate that ABTS mediates electron transfer from SRHA, 
which was used as model HS, to the WE. The cyclic voltammograms (CVs) 
collected in solutions containing only ABTS showed fast and fully reversible 
one electron oxidation of ABTS to ABTS•+ with anodic and cathodic waves 
centered at Eh= 0.69V (Figures 1a and S3), in good agreement with the reported 
standard reduction potential of Eh

0(ABTS•+/ABTS)= 0.68V.30 The CVs 
collected in SRHA-containing solutions showed higher oxidative currents 
during anodic scanning at Eh> 0.6 than the CVs collected in background 
electrolyte solution (Figure 1a), demonstrating that SRHA was directly oxidized 
at the WE. However, the CVs were featureless, suggesting sluggish electron 
transfer from the oxidizable moieties in SRHA to the WE. Conversely, the CVs 
collected in SRHA-solutions in the presence of low ABTS concentrations 
showed much higher oxidative currents during anodic scanning than the CVs in 
solutions containing either only ABTS or only SRHA. The anodic peak 
currents, Ip,a, in the SRHA-ABTS systems increased linearly with SRHA 
concentration, CSRHA, up to about 0.5 gSRHA L-1 (inset Figure 1a; Figure S4a for 
all CVs). At higher CSRHA, Ip,a was no longer proportional to CSRHA (data not 
shown), possibly due to passivation of the WE by adsorption of SRHA 
oxidation products. The finding of catalytic current peaks in the SRHA-ABTS 
systems and of linearity between Ip,a and CSRHA over a wide CSRHA range 
demonstrate that ABTS effectively mediated the electron transfer from SRHA 
to the WE. Mediated oxidation is also evident from chronocoulometric analysis 
of the CVs: for instance, at CSRHA= 0.5 gL-1, each mole of ABTS mediated the 
transfer of up to 7.5 moles of electrons from SRHA to the WE (Figure S4).  
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We validated the MEO setup used to quantify EDC values by analyzing 
Trolox® and ascorbic acid (Vitamin C), two commonly used model 
antioxidants. In MEO, small volumes containing the analyte are spiked to pH-
buffered solution containing ABTS in bulk electrolysis cells, followed by 
integration of the resulting oxidative current peaks. Figure S5 shows that the 
MEO of Trolox® and Vitamin C at Eh= 0.607V and pH 7 resulted in sharp and 
baseline-separated oxidative current responses. Integration of these peaks 
yielded the numbers of electrons transferred, ne-, which were linearly 
proportional to the moles of spiked antioxidant (insets in Figure S5). The slopes 
of the regression lines for Trolox® and Vitamin C were 1.95±0.01 and 
1.88±0.02 mmole-(mmolantioxidant)-1 (± half of the 95% confidence interval), 
respectively, in good agreement with the expected EDCs of 2 mmole-

(mmolantioxidant)-1 for both antioxidants at this Eh.31 Thus the recovery by MEO 
was 98±1 % and 94±1 % of the EDC of spiked Trolox ® and Vitamin C, 
respectively.  
 

 
 
Figure 1a. Cyclic voltammograms (CVs) collected in solutions containing only background 
electrolyte (grey trace), only 2,2'-azino-bis(3-ethylbenzthiazoline-6-sulfonic acid) (ABTS; 
black trace), only Suwanee River Humic Acid (SRHA; brown trace), and both SRHA and 
ABTS (blue trace at different concentrations of SRHA, CSRHA). Inset: Linear dependency of 
the oxidative peak current, Ip,a, on CSRHA. b. Oxidative current responses to spikes of ABTS 
and to spikes of increasing SRHA masses, mSRHA, (Eh= 0.607 V and pH 7). Inset: Plot of 
moles of electrons, ne-, transferred from SRHA to the working electrode versus mSRHA. The 
highest spiked SRHA mass of 500 µg was not included in the regression analysis as it 
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resulted in oxidative currents slightly smaller than expected based on the linear response to 
spikes of lower mSRHA.  
 

Figures 1b and S6 show the oxidative current responses to spikes of 
increasing amounts of SRHA and LHA, respectively (Eh= 0.607 V, pH 7). 
Compared to the model antioxidants, the current peaks of HA were broader, 
indicating slower ABTS-mediated electron transfer from the HA than from the 
model antioxidants to the WE. Yet, at spiked HA masses mHA≤ 0.3 mg, 
background currents were re-attained within 50 min of spiking. Integration of 
the baseline-separated peaks showed that ne- were directly proportional to mHA 
for both SRHA and LHA (insets in Figures 1b and S6). The slopes of the 
regression lines of 1.88±0.04 and 1.33±0.02 mmole-(gHA)-1

 (± half of the 95% 
confidence interval) corresponded to the EDCs of SRHA and LHA, 
respectively, under the given Eh and pH conditions. Spikes with mHA> 0.3 mg 
resulted in ne- values that were smaller than expected based on the linear ne--mHA 
dependencies determined at lower mHA, likely due to incomplete oxidation of 
larger HA amounts over 50 min.  

MEO has two major advantages over previously employed methods to 
quantify EDCs, including assays that rely on the reductive decolorization of 
ABTS•+ to ABTS, 19, 21, 32, 33 and potentiometric redox titrations with chemical 
oxidants.10-16 First, the EDCs are directly quantified in MEO by 
chronocoulometric analysis of oxidative current peaks and not indirectly via 
changes in the absorbance of added oxidants or the solution Eh. Second, the Eh 
in MEO is accurately controlled by a potentiostat, is independent of solution 
pH, and remains constant during HS oxidation, as ABTS•+ reduced to ABTS is 
constantly regenerated by oxidation at the WE. These advantages in 
combination with the quantitative and reproducible detection of model 
antioxidants, and the linear response of ne- to mHA up to mHA≤ 0.25 mgHA 
demonstrated the suitability of MEO for a systematic assessment of the Eh- and 
pH-dependencies of the EDCs of HS. 

Reversibility of HS oxidation. The reversibility of HS oxidation provides 
information on the chemical nature of the electron donating moieties in HS. 
Furthermore, the reversibility data allows assessing whether the pool of these 
moieties, and hence the antioxidant capacity, is depleted during oxidation. HS 
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oxidation reversibility was determined for SRHA, ESHA, and LHA, which were 
selected to represent aquatic, terrestrial, and lignite-derived HAs, respectively.   

Figures 2a,b show the changes in EDC and EAC, ΔEDC and ΔEAC, with 
increasing moles of electrons, ne-

bulk oxidation, transferred from SRHA, ESHA, and 
LHA during their bulk oxidation. In the initial stages of the bulk oxidation (ne-
bulk oxidation≤ 1 mmole- (gHA)-1), ΔEDC decreased to the same extent as ne-

bulk oxidation 
increased (Figure 2a; data on the 1:1 line), demonstrating that MEO 
quantitatively detected the depletion of oxidizable moieties in the HA during 
bulk oxidation. Conversely, at ne-

bulk oxidation> 0.8-1 mmole- (gHA)-1, the decrease 
in EDC was smaller than expected based on the increase in ne-

bulk oxidation. Most 
likely, this finding reflected a slight overestimation of ne-

bulk oxidation due to the 
repeated electrochemical oxidation of some redox-active HA moieties that were 
unstable in the oxidized form under reducing conditions inside the glovebox 
(e.g., quinones with high standard reduction potential). However, more 
important for the assessment of reversibility, ΔEDC values of the HAs increased 
only slightly compared to ne-

bulk oxidation (Figure 2b). For the last samples 
withdrawn during bulk oxidation, ΔEAC were merely 14%, 22%, and 17% of 
the ne-

bulk oxidation values of SRHA, ESHA, and LHA, respectively, demonstrating 
that the oxidation of all three HAs was largely irreversible. Hydroquinone 
moieties, which are reversibly oxidized to quinones, therefore contributed little 
to ne-

bulk oxidation. Irreversible HA oxidation is consistent with the oxidation of 
phenolic moieties to phenolate radicals which are known to rapidly undergo 
irreversible coupling reactions.31 The finding of irreversible oxidation strongly 
suggests that HS oxidations in the environment result in an irreversible 
depletion of their electron donating moieties.  

ABTS-mediated bulk oxidation of the three HAs did not alter their UV-
visible absorbance spectra (Figure S7). Combined with the slight increase in 
EAC during bulk oxidation, this finding suggests that ABTS•+ did not destroy 
aromatic and quinone moieties in the HAs. This is supported by previous work, 
which showed that ABTS•+ oxidizes aromatic Ar–OH and Ar–NH2 moieties but 
leaves aromatic rings intact.26, 34 ABTS•+ therefore is a more selective oxidant 
than ozone and chlorine, which decrease the UV absorbance of HAs and hence 
their aromaticity.35-39 Note that HS reduction, in contrast to the oxidation shown 
here, resulted in pronounced changes in the HS UV-visible absorbance spectra.1, 
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40, 41 These changes were hypothesized to result from the reduction of quinones 
and aromatic ketones that act as acceptors in charge transfer complexes in HS 
that give rise to the long-wavelength absorbance.40, 42 The finding in this work 
of unaltered optical properties of the tested HA upon their electrochemical 
oxidation therefore suggests that the moieties that were oxidized by this method 
are not part of tentative charge-transfer complexes.  
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Figure 2. a,b. Decrease in the electron donating capacity (ΔEDC) and increase in the electron 
accepting capacity (ΔEAC) of SRHA, Leonardite Humic Acid (LHA), and Elliot Soil Humic 
Acid (ESHA) as a function of the moles of electrons, ne-

bulk oxidation, transferred from the HAs 
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during their bulk oxidation. c. Cyclic voltammograms (CVs) of Suwanee River Humic Acid 
(SRHA; concentration CSRHA= 0.3 gL-1) and 2,2'-azino-bis(3-ethylbenzthiazoline-6-sulfonic 
acid) (ABTS) collected in solutions at pH 5, 7, and 9. Inset: Dependence of the catalytic peak 
current, Ip,a, on solution pH. All CVs were collected at scan rates of v= 0.01 V s-1 and the 
concentration of ABTS, if present, was CABTS= 30 µM. d. Electron donating capacities of 
SRHA as a function of solution pH and applied redox potential Eh. e. Iso-EDC contour plots 
of SRHA in units of mmole- (gSRHA)-1 as a function of Eh and pH. The green reference line has 
a slope of ΔEh= -0.060 V per pH. f. Eh-pH dependencies of the oxidation of 4-
methoxyphenol, 4-methylphenol, and 1,2-dihydroxy-benzene. The solid lines corresponds to 
the standard reduction potentials, Eh

0, at which a fraction of r= 0.5 of the compound is in its 
oxidized form. The dashed lines correspond to r= 0.1 and r= 0.9 for 4-methoxyphenol.   

 
pH- and Eh-dependencies of HS oxidation. CVs collected in SRHA 

solutions containing ABTS showed increasing oxidative currents with 
increasing solution pH (Figure 2c). This increase must have resulted from more 
favorable electron donation by oxidizable moieties in SRHA, as solution pH did 
not affect the CVs of only ABTS (Figure S3) and the EDCs of the model 
antioxidant Trolox® (Figure S8). Based on the pH-independent speciation and 
Eh

0= 0.68V of the ABTS•+/ABTS couple at pH> 2.130 (Figure S9), ABTS as a 
mediator could be used to systematically investigate the effects of Eh and pH on 
oxidation. We quantified the EDCs of SRHA, ESHA, and LHA over wide pH 
and Eh ranges. The results for SRHA are discussed in detail in the following. 
Similar results were obtained for ESHA and LHA (Figures S10 and S11) and 
referred to only if they significantly differ from the SRHA results.  

At Eh= 0.55 V and pH 7, the EDCs of the three tested HAs ranged from 0.3 
to 1.0 mmole-(gHA)-1. As expected, these values were larger than the reported 
EDCs of 0.13 and 0.07 mmole-(gHA)-1 for LHA and ESHA, respectively, 
determined by redox titrations with the milder oxidant Fe3+-citrate (Eh

0= 0.37 
V).16 The EDCs of SRHA, ESHA, and LHA steadily increased with increasing 
Eh and pH to values > 5 mmole- gHA

-1 at Eh= 0.73 V and pH≥ 8 (Figures 2d, S10, 
and S11 for SRHA, ESHA, and LHA, respectively). The increase in EDCs with 
pH and Eh demonstrates that electron donation from moieties in the HAs 
became more feasible with increasing Eh and pH, consistent with the results 
from the CV experiments (Figure 2c) and from previous studies.11-16 The strong 
pH dependence of the EDCs suggests that electron donation from oxidizable 
moieties in HS is coupled to proton release. 
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The Eh- and pH dependencies of EDCs are re-plotted as iso-EDC contour 
plots in Figures 2e, S10, and S11 for SRHA, ESHA and LHA, respectively. The 
iso-EDC contour lines had slopes of approximately -0.06 V per pH (i.e., green 
lines in the Figures) at pH< 8. At higher pH, the slopes for SRHA and LHA 
tended to become less negative with increasing pH. Phenols have very similar 
Eh-pH dependencies, as shown in Figure 2f for the one electron oxidation of 4-
methoxyphenol and 4-methylphenol to the respective phenol radicals. At pH 
below the acidity constant, pKa phenol, of the phenol, the one electron oxidation is 
coupled to the release of one proton, resulting in a slope of –0.059V per pH (T= 
25°C). The phenol radicals are not protonated at environmentally relevant pH 
(pKa< 043). At pH> pKa phenol, the one electron oxidation of the phenolate species 
is not coupled to proton release, such that Eh is pH independent. Similar pH 
dependencies of the Eh of phenols and the iso-EDC contour lines of the HAs and 
support phenolic moieties as major electron donating moieties in the HAs.  

The EDCs of the HAs steadily increased from Eh= 0.55V to 0.73V, 
whereas model phenols are oxidized over a relatively narrow Eh range (i.e., 
from 10% oxidized at Eh

0 – 0.059V to 90% at Eh
0 + 0.059V, as shown for 4-

methoxyphenol in Figure 2d). Figure 2d also shows the pH dependence of Eh
0 

for the two-electron redox couple 1,2-benzoquinone/1,2-dihydroxybenzene. The 
Eh

0 of this couple lies at the higher end of the potential range of quinones, since 
the Eh

0 decrease from 1,2- to 1,4-substituted quinones and with increasing ring 
condensation from benzo-, to naphtha-, to anthraquinones.8, 44 The majority of 
the electron donating moieties in the HAs were, however, oxidized at Eh much 
higher than the Eh

0 for the oxidation of 1,2-benzohydroquinone. These findings 
suggest that the HA contained phenolic moieties with a wide distribution of Eh

0 
and that hydroquinones contributed little to the EDCs of the HAs, consistent 
with the irreversibility of HA oxidation.  

The increase in the EDCs of the HAs with Eh and pH likely reflected an 
increase in the thermodynamic feasibility of one-electron oxidation of phenolic 
moieties.45-47 Increasing EDC with increasing pH may also have resulted from 
faster oxidation kinetics of phenolate than phenolic moieties.47 Studies with low 
molecular weight phenols showed that faster phenolate oxidation results in 
strong linear correlations of the total oxidation rate of phenols with the 
phenolate concentration.45, 46 Consistently, the EDCs of SRHA, LHA, and 
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ESHA at pH> 7 increased with their corresponding titrated charges qTOT
48 

(Figure S12) and hence their phenolate concentrations.  
 

Dependence of the EDCs of HS and NOM on their source material. 
Figure 3a shows the EDCs of eight humic acids (HA), five fulvic acids (FA), 
and two NOM samples of terrestrial, aquatic, and industrial origin, quantified at 
three selected Eh-pH combinations. All EDC values are provided in Table S1. 
At Eh= 0.61V and pH 7, the EDCs ranged from 0.47±0.01 mmole-(gPLFA)-1 for 
Pony Lake FA (PLFA) to 2.65±0.05 mmole-(gWPHA)-1 for Washkish Peat HA 
(WPHA). The data shows that, with the exception of PLFA, the aquatic HS had 
higher EDC values than the terrestrial HS. The EDCs of all HS increased by a 
factor of two or more when increasing the applied potential by ΔEh= 0.12V 
from 0.61 V to 0.73V while maintaining pH 7. A slightly smaller increase in the 
EDCs of all HS resulted when the pH was increased from pH 7 to 9 while 
maintaining Eh= 0.61V. All HSs therefore contained oxidizable moieties with 
comparable Eh- and pH dependencies. 

The EDC values (Eh= 0.61V; pH 7) of ten of the 12 tested natural HS 
showed a strong linear correlation to their titrated phenol contents Ar-OH 
(Figure 3b; Table S2), strongly supporting phenolic moieties as major 
contributors to the EDCs. PLFA and WPHA were omitted from the correlation 
analysis as no titration data was available for these HS. Note that the titrated 
phenol contents were operationally defined as twice the titrated charge density 
between pH 8 and 10. It is conceivable that the tested HS contain phenolic 
moieties that deprotonate at much lower pH, including hydroxy-substituted 
quinones with acidity constants of pKa<< 8.44 Furthermore, at high titration 
rates, acid-base non-equilibria may largely affect the titrated phenol contents.48, 

49 The resulting uncertainties in the phenol contents may explain why some of 
the EDCs measured at the higher potential Eh= 0.73V were larger than the 
estimated phenol contents (see Table S1). It is also possible that, in addition to 
phenols, nitrogen containing functional groups, such as aromatic amines 
contributed to the EDCs at higher Eh. Conversely, the Fe, Cu and Mn contents 
in all HS, except Aldrich HA, were too small to have significantly contributed 
to the measured EDCs (Table S2). 
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Abundances of electron donating and accepting moieties as a function of 
HS origin. Figure 4a and Table S1 give an overview of the EDC and EAC 
values of all tested HS and NOM quantified at pH 7 and Eh= 0.61 V and Eh= -
0.49, respectively. The data show that terrestrial HS tend to have smaller EDCs 
but larger EACs than the aquatic HS and NOM samples. This is evident also 
from Figure 4b, in which the EDCs are plotted versus the EACs. While the 
absolute EDC and EAC values and therefore the positions of the tested HS and 
NOMs relative to the 1:1 line depend on pH and Eh, these two variables do not 
affect the relative differences in the EDC to EAC ratios between the terrestrial 
and the aquatic HS and NOMs (Table S1). In Figure 4c the EDC and EAC 
values of 13 of the 15 tested samples are compared based on their aromaticities 
estimated from 13C-NMR spectra50 (Table S2). PPHAR and AHA were not 
included in the analysis, because their 13C-NMR spectra have not been reported. 
Plots of the EDCs of all 13 HS and NOM samples versus their aromaticities 
reveal that aquatic HS and NOM have higher EDCs than terrestrial HS of 
comparable aromaticity. A strong correlation (R2= 0.88) was, found for the 
aquatic HS and NOMs and a weaker correlation (R2= 0.32) for the terrestrial 
HS. At the same time, the EACs of all 13 HS and the two NOM samples 
strongly correlate with aromaticity (R2= 0.85), consistent with quinones as 
major reducible moieties. The data in Figure 4c suggest that aquatic HS and 
NOM samples have higher phenol to quinone ratios than terrestrial HS.  
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Figure 4. a. Electron donating capacities (EDCs; Eh= 0.61V, pH 7) and electron accepting 
capacities (EACs; Eh= -0.49 V, pH 7; data for HS from Aeschbacher et al.7) of terrestrial HS 
(brown bars), aquatic HS and NOM (blue bars), and of industrial Aldrich humic acid (grey 
bar). b. Data from panel a re-plotted as EDCs versus EACs. c. EDCs and EACs of 13 HS and 
NOM samples of terrestrial and aquatic origin versus their 13C-NMR estimated aromaticities 
(from http://www.ihss.gatech.edu/).  
 

Aquatic HS isolated from rivers, streams, and lakes are commonly much 
younger than terrestrial HS isolated from soils (i.e., several hundred to several 
thousand years of age), as inferred from 14C dating.51 The higher phenolic 
contents and, hence, EDCs in aquatic than terrestrial HS and NOMs of 
comparable aromaticity therefore likely reflect lower extents of oxidative 
transformations of polyphenolic precursor materials from higher plants in 
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aquatic than in terrestrial HS and NOMs. Note that lignin, a major constituent of 
higher plant cell walls, which is considered an important precursor for aquatic 
and terrestrial HS, showed very high EDC but low EAC values (Figure 4b; 
Table S1), reflecting the high phenol and low quinone contents of lignin.52 
Washkish Peat HA, which showed the highest EDC values among the tested HS 
and NOMs, was isolated from a sphagnum bog peat containing poorly degraded, 
polyphenolic plant materials, including lignin and tannins.53 The slow 
degradation of polyphenolic plant precursors in water saturated bogs and peats 
has been linked to low activities of phenol oxidases in such systems.54 
Suwannee River and Nordic Lake HS and NOM were isolated from inland 
water systems. HS from such systems typically show higher phenolic content 
than terrestrial HS, based on 13C-NMR.51 Ultrahigh resolution mass 
spectrometry and NMR provided evidence for lignin-derived structures in 
SRHA.55-57 Pony Lake fulvic acid (PLFA) showed the lowest EDC and EAC 
values. PLFA represents an aquatic end member among the aquatic HS as it 
originates from a costal pond in Antarctica with organic matter input only from 
lower plants, lichen, and microorganisms.58 Based on the relatively high N and 
S contents in PLFA,59 moieties containing these heteroatoms may also have 
contributed to its redox capacity. Elliott Soil and Pahokee Peat HS originate 
from agricultural soils and, in contrast to aquatic HS, are expected to be 
composed of highly degraded precursor materials. Extensive degradation of 
plant-derived precursors in such systems is supported by recent findings that 
lignin does not accumulate in the refractory C pool of arable and grassland 
soils.60, 61 Leonardite HA is extracted from a lignite coal and is composed of 
highly processed and diagenetically altered organic molecules with high 
aromaticity that give rise to a high EAC and relatively low EDC values.  

The lower EAC values in aquatic than terrestrial HS and NOMs at 
comparable aromaticities may have resulted from a relative enrichment of 
electron accepting quinone moieties that were present already in the source 
material52 and/or from the neo-formation of quinone moieties during the 
oxidative transformation of HS precursors and HS. Quinone formation was 
demonstrated during the enzymatic oxidation of lignin model compounds by 
laccases and manganese peroxidases isolated from white rot fungi.62, 63 
Furthermore, quinones may form upon reaction of hydroxyl radicals (OH) with 
aromatic and phenolic structures.64 It has been hypothesized that the degradation 
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of lignin and HS by white rot fungi involves OH formed via Fenton 
chemistry.65-68 Furthermore, OH may be formed during HS photolysis,69 and 
HS redox cycling in the dark.70  
The results of this work suggest that abiotic and biotic oxidation reactions of HS 
and NOM in the environment result in the preferential loss of electron-donating 
phenolic moieties over electron-accepting quinone moieties. This work supports 
the hypothesis that the presence of phenolic moieties with antioxidant properties 
in HS and NOM slows down the oxidative transformation of other moieties in 
HS and NOM and hence increases their recalcitrance in oxidative 
environments.19-21 
 
4.4. Applications  

The novel mediated electrochemical oxidation (MEO) method presented in this 
paper allows for accurate and direct quantification of the electron donating 
capacities of HS as a function of redox potential Eh and pH. MEO is highly 
sensitive with detection limits of a few µg of HS.  

This work demonstrates that HS and NOM contain phenolic electron-
donating moieties that cover a wide range of one-electron oxidation potentials. 
These moieties may act as antioxidants and thereby affect biogeochemical and 
pollutant redox reactions in both natural and engineered systems. For instance, 
this work supports the hypothesis that the inhibitory effect of HS on indirect 
phototransformation rates of organic pollutants results from electron donation 
from phenolic moieties in the HS to pollutant oxidation intermediates.23, 24 
Future studies would benefit from a combined photochemical and 
electrochemical approach that can relate differences in the inhibitory effects 
among HS to the differences in their EDCs.  

MEO may be used in drinking water facilities to determine the dose of 
oxidants, such as ozone or chlorine that need to be added to the water for 
disinfection, pollutant degradation, decolorization, and odor control. At present, 
drinking water treatment facilities lack suitable approaches to monitor the 
changes in the EDCs and hence chemical oxidant demand of the incoming water 
in real time. Measurements of the EDCs of NOM-containing waters may also 
help to assess their potential for disinfection byproduct formation, as electron-
donating moieties in NOM play a role in this process.27-29  
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This work provides evidence for pronounced and systematic effects of HS 
source material and age on the relative abundances of electron accepting and 
donating moieties in HS and NOM. The hypothesis that (poly)phenolic moieties 
originating from higher plants are preferentially oxidized in HS may be tested 
by quantifying the EDCs of HS sampled along natural gradients of organic 
matter decomposition, such soil profiles or an estuary. The depletion of electron 
donating moieties during oxidative transformation of HS can be further 
investigated in the laboratory by quantifying the changes in the EDCs of plant-
derived polyphenols, HS, and NOM over the course of abiotic and enzymatic 
oxidations.  
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 Chemical structures of the model antioxidants Trolox® and Vitamin C 
 

 
 
Figure S1. Chemical structures of the model antioxidants a. 6-hydroxy-2,5,7,8-tetra-
methylchroman-2-carboxylic acid (Trolox®), and b. 2-Oxo-L-threo-hexono-1,4-lactone-2,3-
enediol (L-ascorbic acid; Vitamin C). 
 

 
 
Figure S2. Dependence of the electron donating capacity (EDC) of Leonardite Humic Acid 
(LHA) on the concentration of the mediator 2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic 
acid) (ABTS) and the applied potential Eh. All measurements were conducted at pH 7. 
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Cyclic voltammograms of ABTS 
 

 
 
Figure S3. a. Cyclic voltammograms of 2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic acid) 
(ABTS) at different scan rates v from 0.01 to 0.1 V s-1 (CABTS= 30 µM; pH 7). b. Difference 
in the reduction potentials Eh of anodic and cathodic peak currents, Ip,a and Ip,c, versus the 
scan rate v. c. Linear relationship between Ip,a and Ip,c and the square root of the scan rate, v0.5 
(CABTS= 30 µM; pH 7). d. CVs of ABTS (CABTS= 30; v= 0.01 V s-1) at pH 5 to 9. 
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Chronocoulometric analysis of electron transfer mediation by ABTS 
 

 
 
Figure S4. a. Cyclic voltammograms (CVs) of solutions containing various concentrations of 
Suwanee River Humic Acid (SRHA), CSRHA, in the presence of the electron transfer mediator 
2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic acid) (ABTS) (blue traces; CABTS= 30 µM), 
containing only SRHA (brown trace; CSRHA= 0.3 g L-1) and only ABTS (black trace; CABTS= 
30 µM), and containing no redox-active species (background, grey trace). All CVs were 
measured at pH 7 (0.1 M KCl and 0.1 M phosphate buffer) and at scan rates of v= 0.01 V s-1. 
b. Results of a chronocoulometric analysis of the CVs of SRHA at different CSRHA in the 
presence of ABTS (CABTS= 30 µM; blue traces), and of SRHA in the absence of ABTS 
(CSRHA= 0.3 g L-1; brown trace), and of only ABTS (CABTS= 30 µM; black trace). The vertical 
grey line represents the first vertex potential Eh= 0.9 V at which the scanning direction was 
changed from anodic to cathodic. 
 
Mediated electrochemical oxidation of the model antioxidants Trolox® and 
Vitamin C 

Figures S5a,b show the oxidative current responses to spikes of ABTS 
(first current peak) and to spikes of increasing moles of Trolox® (peaks 2-7; 
panel a) and of Vitamin C (peaks 2-7; panel b) measured at Eh= 0.61V and pH 
7. The applied potential was about 0.08 V below Eh

0(ABTS•+/ABTS), resulting 
in the oxidation of about 6% of the spiked ABTS to ABTS•+. All Trolox® and 
Vitamin C peaks were sharp and baseline-separated and the corresponding ne- 
were linearly proportional to the moles of spiked Tolox®, nTrolox (inset panel a) 
and Vitamin C, nVitamin C (inset panel b). The slopes of the regression lines were 
1.96±0.01 (± half of the 95% confidence interval) mmole- (mmolTrolox®)-1 for 
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Trolox® and 1.88 ± 0.02 mmole- (mmolVitamin C)-1 for Vitamin C, in good 
agreement with the expected EDC of 2 mmole- (mmolantioxidant)-1 for both 
Trolox® and Vitamin C at this Eh.1 MEO therefore ‘recovered’ 98 % and 94 % 
of the EDCs of spiked Trolox ® and Vitamin C, respectively.  
 

 
 
Figure S5. Oxidative current responses to spikes of ABTS and to subsequent spikes of 
increasing moles, nantioxidant, of the model antioxidants Trolox® (panel a; nTrolox® = 10 nmol to 
517 nmol) and Vitamin C (panel b; nViatmin C = 10 nmol to 523 nmol) (Eh= 0.61 V and pH 7). 
Insets: Linear responses in the moles of electrons, ne-, transferred from the model antioxidants 
to the working electrode versus nantioxidant.  
 

 
 
Figure S6. Oxidative current responses to spikes of ABTS and to spikes of increasing masses, 
mHA, of Leonardite humic acid (LHA; mLHA from 0.01 to 0.50 mg) (Eh= 0.61 V and pH 7). 
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Insets: Plots of the moles of electrons, ne-, transferred from LHA to the working electrode 
versus mLHA. The highest spiked mass of mLHA= 0.50 mg was outside the linear response 
ranges of the detection method and therefore was not included in the regression analysis. 
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Figure S7. UV-visible absorbance spectra of Suwanee River Humic Acid (SRHA; panel a), 
Elliot Soil humic acid (panel c), and Leonardite Humic Acid (LHA, panel e) prior to (black) 
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and after (red) electrochemical bulk oxidation. Absorbance of SRHA (panel b), ESHA (panel 
d), and LHA (panel f) at λ= 280 nm as a function of the moles of electrons, ne-

bulk oxidation, 
removed from the three HAs during their mediated electrochemical bulk oxidation. 
 
Effect of pH and Eh on the electron donating capacities of the model antioxidant 
Trolox®  
 

 
 

Figure S8. Moles of electrons, ne-, transferred to the working electrode per mole of spiked 
Trolox®, nTrolox®, as a function of applied redox potential Eh and of solution pH. The dashed 
line at ne- (nTrolox®)-1= 2 corresponds to the expected electron donating capacity of Trolox®. 
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Eh-pH speciation diagram of 2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic 
acid)  
 

 
 
Figure S9. Eh-pH speciation diagram of 2,2’-azino-bis(3-ethylbenzothiazoline-sulfonic acid) 
(ABTS), calculated using standard reduction potentials and acidity constants from ref2. The 
lines in the diagram correspond to equal concentrations of the respective oxidized and 
reduced or protonated and deprotonated species.  
 

 
 
Figure S10. a. Electron donating capacities (EDCs) of Elliot Soil Humic Acid (ESHA) as a 
function of solution pH and applied potential Eh. b. Iso-EDC contour plots in units of mmole- 
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(gESHA)-1 as a function of Eh and pH for ESHA. The reference line has a slope of ΔEh= -0.060 
V per pH.  
 

 
 
Figure S11. a. Electron donating capacities (EDCs) of Leonardite Humic Acid (LHA) as a 
function of solution pH and applied potential Eh. b. Iso-EDC contour plots in units of mmole- 
(gLHA)-1 as a function of Eh and pH for LHA. The reference line has a slope of ΔEh= -0.060 V 
per pH.  
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Figure S12. Changes in the electron donating capacities (EDCs) at Eh= 0.61 V of Suwannee 
River Humic Acid (SRHA; panel a), Elliot Soil Humic Acid (ESHA; panel b), and Leonardite 
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Humic Acid (LHA, panel c) with the total titrated charges of SRHA, ESHA, and LHA, 
respectively, as calculated from ref 3. The pH values at which the EDCs were measured are 
shown next to the data symbols. 
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Abstract  

Natural organic matter (NOM) is a major sorbent for organic pollutants in soils 
and sediments. While sorption under oxic conditions has been well investigated, 
possible changes in the sorption capacity of a given NOM induced by reduction 
have not yet been studied. Reduction of quinones to hydroquinones, the major 
redox active moieties in NOM, increases the number of H-bond donating 
moieties and thus may affect sorption. This work compares the sorption of four 
non-ionic organic pollutants of different polarities (naphthalene, acetophenone, 
quinoline, and 2-naphthol), and of the organocation paraquat to unreduced and 
electrochemically reduced Leonardite Humic Acid (LHA). The redox states of 
reduced and unreduced LHA in all sorption experiments were stable, as 
demonstrated by a spectrophotometric 2,6-dichlorophenol indophenol reduction 
assay. The sorption isotherms of the non-ionic pollutants were highly linear, 
while paraquat sorption was strongly concentration-dependent. LHA reduction 
did not result in significant changes in the sorption of all tested compounds, 
even of the cationic paraquat at pH 7, 9, and 11. This work provides first 
evidence that changes in NOM redox state do not largely affect organic 
pollutant sorption, suggesting that current sorption models are applicable both 
to unreduced and reduced soil and sediment NOM. 
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5.1. Introduction  

Natural organic matter (NOM) is a major environmental sorbent for 
organic pollutants. The sorption of organic pollutants to NOM is well 
investigated and understood at the molecular level.1-11 While all organic 
pollutants interact with NOM by non-specific van der Waals (vdW) 
interactions, monopolar (i.e., either H-bond donating or accepting) and bipolar 
(i.e., H-bond donating and accepting) compounds additionally undergo specific 
H-bond donor-acceptor (HDA) interactions with polar functional moieties in 
NOM. Furthermore, organocations may exhibit high affinities to NOM due to 
strong electrostatic attraction to carboxylate and phenolate moieties.12 The 
sorption of polar and cationic organic pollutants therefore depends on the 
numbers of H-bond donating and H-bond accepting moieties, and of anionic 
sites in NOM, respectively.13 In addition, sorption of any organic pollutant 
depends on NOM cohesive energy, which itself is expected to increase with 
increasing HDA interactions between polar moieties within the NOM. 

The abundance of polar and anionic moieties varies between different 
types of NOM.14, 15 The abundance of such moieties may, however, also change 
for a given NOM when it undergoes chemical reactions. Reduction and 
oxidation reactions involving NOM are of particular interest, since many 
contaminated soils, sediments, and aquifers may undergo spatial and temporal 
changes in redox conditions. For humic acids (HA) and fulvic acids, two major 
components of NOM, electron accepting capacities of up to two millimoles of 
electrons per gram have been reported. 16-18 It has been shown that 
quinone/hydroquinone pairs are major redox-active moieties in NOM that may 
reversibly undergo reduction and oxidation.19-21 Reduction of quinones to 
hydroquinones increases the number of H-bond donating moieties and the 
deprotonation of the hydroquinones at high pH results in the formation of 
mono-and diphenolate anions22, 23 (Table 1; upper part). The increase in H-bond 
donating moieties upon reduction may, on the one hand, enhance the sorption of 
monopolar H-bond accepting and of bipolar organic pollutants. On the other 
hand, it may render sorption of all organic pollutants energetically less 
favorable if it increases intra-NOM HDA interactions and hence the cohesive 
energy of the NOM. Increases in the number of anionic sites upon reduction at 
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high pH may lead to increased organocation sorption. Finally, reduction may 
also affect sorption if it alters the conformational structure of NOM 
aggregates.24-26  

 Only few studies have addressed possible effects of NOM reduction state 
on the sorption of exclusively apolar organic pollutants. The majority of these 
studies reported altered organic pollutant sorption upon changes in the redox 
states of contaminated soils and sediments (e.g., re-aeration of reduced 
samples).26-31 The complexity of the investigated systems, however, impaired 
assessing whether changes in NOM redox state contributed to altered sorption. 
Coates et al. reported decreased naphthalene sorption to microbially reduced 
Aldrich HA compared to the unreduced HA.26 This finding may have reflected 
an increase in the cohesive energy of the HA upon reduction. None of the 
previous studies, however, included polar and cationic organic compounds to 
more selectively probe for changes in the H-donor and acceptor properties and 
the number of anionic moieties in NOM upon its reduction.  

The goal of this work was to assess whether NOM reduction affects its 
properties as sorbent for organic pollutants. To this end, sorption of five model 
organic pollutants (Table 1, lower part) was studied to both unreduced and 
electrochemically reduced Leonardite humic acid (LHA). The pollutants 
included the weak H-bond accepting naphthalene (referred to as “apolar” in the 
following), the monopolar, H-bond accepting acetophenone and quinoline, the 
bipolar H-bond donating and accepting 2-naphthol, and the organocation 
paraquat (Table 1). LHA, a kerogen-derived HA, was chosen because it has 
been used in previous sorption studies1, 2, 12 and is well-characterized14-16 (Table 
1). Furthermore, due to its high aromaticity and C/O ratio, LHA represents a 
humin-like end-member among the HAs and hence is considered as a model for 
both HA and humin. Finally, the EAC of LHA is about 1.7 mmole-(gLHA)-1, 
which is among the highest reported values for HA.16 With quinones as the 
major reducible moieties in LHA,16, 22 even partial reduction of LHA results in a 
significant increase in the number of phenolic H-bond donating sites (see 
below). LHA was reduced by direct electrochemical reduction.16 In contrast to 
previous methods that relied on the use of chemical reductants, the 
electrochemical reduction allows for a selective electron transfer to reducible 
moieties to yield reduced HA with well-defined reduction states and devoid of 
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chemical reductants that can be directly used in subsequent experiments. Both 
before and after the sorption experiments the redox states of unreduced and 
reduced LHA were quantified by their reductive decolorization of added 2,6-
dichlorophenol indophenol.16 
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Table 1. Upper part: Some important chemical characteristics of unreduced and partially 
reduced LHA. Lower part: Chemical structures of the probe compounds and their respective 
interactions with quinone and hydroquinone moieties. vdW: van der Waals interactions, 
HDA: H-bond donor-acceptor interactions; ES: electrostatic interactions.  

 

 

* quinines substituted with acidic functional groups (e.g. carboxyl- and hydroxyl groups) 
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5.2. Materials and Methods 

Chemicals. All chemicals were of analytical grade and were used as 
received. 2,6-dichlorophenol indophenol sodium salt hydrate (DCPIP), 2-
naphthol, acetophenone, hydrochloric acid (32%), and sodium hydroxide 
solutions (32%) were from Fluka, quinoline, naphthalene, and methylviologen 
dichloride monohydrate (paraquat) were from Sigma Aldrich, sodium 
dihydrogen phosphate monohydrate, potassium dihydrogen phosphate, sodium 
hydrogen carbonate, boric acid, and potassium chloride were from Merck AG, 
and methanol was from Scharlau. All aqueous solutions were prepared with 
NanoPure water.  

Anoxic experiments. Electrochemical reductions and all sorption 
experiments were conducted in an anoxic glovebox (N2 atmosphere at 25±1°C, 
O2< 0.1ppm; M. Braun Ltd., Germany). Aqueous solutions were made anoxic 
by purging with argon for 2 hours at 150°C and for 1 hour at room temperature. 
Methanol was made anoxic by purging with argon for 1 hour. 

Sorbent. Leonardite humic acid (LHA) standard was purchased from the 
International Humic Substances Society (St. Paul, MN, USA) and was used as 
received. LHA solutions (125mL, 2gLHAL-1) were prepared in the glovebox by 
dissolving LHA in aqueous solutions containing 0.1M phosphate (pH 7), borate 
(pH 9), or carbonate (pH 11) as pH buffers and 0.1M KCl as electrolyte for 
accurate potential control during electrochemical reduction. The pH was 
adjusted to ±0.02 pH units by addition of anoxic NaOH (32%). A total of eight 
batches (I-VIII) of LHA solutions were prepared and stored in light-protected 
flasks. An aliquot of each batch was withdrawn and used as unreduced LHA in 
the sorption experiments. Another aliquot was reduced electrochemically and 
then used as reduced LHA in the sorption experiments.  

Direct electrochemical reduction. LHA was reduced in a bulk 
electrolysis cell according to Aeschbacher et al.16 Briefly, 65mL of the LHA 
solution from each batch were transferred into an electrochemical cell 
containing a glassy carbon working electrode (Sigradur G, HTW, Germany), 
an Ag/AgCl reference electrode, and a coiled platinum wire auxiliary electrode 
(both from Bioanalytical Systems Inc., West Lafayette, IN, USA). To minimize 
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re-oxidation of reduced LHA at the auxiliary electrode, the anodic compartment 
was separated from the cathodic compartment by a porous glass frit. A model 
630C potentiostat (CHInstruments, USA) was used to measure the current, I, 
and to control the potential, Eh, at the working electrode. LHA solutions were 
reduced under stirring for 60 hours at an Eh= -0.59V (vs. standard hydrogen 
electrode), the number of electrons, ne-, transferred per mass of LHA was 
obtained by integration of reductive currents over time.  

Sorption experiments. Sorption experiments were carried out in custom-
made dialysis cells.12 Each cell consisted of two approximately 4mL 
compartments separated by a dialysis membrane that was impermeable to LHA 
but permeable to the organic pollutants. Prior to use, the dialysis membranes 
were immersed in water, and made anoxic by purging with argon for two hours. 
A 500Da molecular weight cutoff (MWCO) Spectra/Por® cellulose ester 
membrane (Spectrum Laboratories, USA) was used for all sorption experiments 
with non-ionic pollutants. Control experiments showed that paraquat diffused 
very slowly across the 500Da MWCO membrane. To facilitate attainment of 
diffusive equilibrium, a 2000Da MWCO cellulose membrane (Roth, Germany) 
was employed for the paraquat experiments instead. Prior to the paraquat 
sorption experiments, the LHA-solutions were pre-dialyzed against pH-buffered 
solutions to remove low molecular weight LHA constituents that passed through 
the 2000Da MWCO membrane. Pre-dialysis was carried out for 7 days in the 
same dialysis cells subsequently used for sorption. The dialysate was replaced 
after 2, 4, and 7 days.  

All sorption experiments were carried out in triplicates. Sorption 
experiments with the non-ionic pollutants were run at pH 7 and for quinoline 
also at pH 9. For each pollutant and at each pH, the sorption experiments were 
conducted at four different initial pollutant concentrations Ci,aq

0 in the LHA free 
dialysis cell (see Supporting Information). Sorption of paraquat was studied at 
two Caq

0 at pH 7, 9, and 11. Sorption was initiated by filling one of the two 
compartments of each dialysis cell with 4mL solutions containing reduced or 
unreduced LHA (2gL-1 for the non-ionic pollutants and 0.2gL-1 for paraquat) 
and by filling the second compartment of each cell with solutions containing the 
organic pollutant. Cells were shaken horizontally for 7 and 8 days in the dark to 
attain sorption equilibrium of the non-ionic pollutants and paraquat, respectively 
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(see Supporting Information). Three 1 mL aliquots were withdrawn from the 
LHA-free half-cells and analyzed to determine the aqueous pollutant 
concentration. For the non-ionic pollutants, 3mL aliquots were withdrawn from 
the LHA-containing solutions, extracted with 3mL of ethyl acetate, and the 
pollutant concentration was quantified in the extract. Control experiments 
demonstrated quantitative extraction by ethyl acetate (see Supporting 
Information). Concentrations of the non-ionic organic pollutants were 
quantified by HPLC-UV (Dionex PDA-100, USA). The cationic paraquat could 
not be extracted from LHA-containing half-cells with organic solvents. Paraquat 
was therefore only quantified in the LHA-free half-cells by derivative 
spectrophotometry at λ= 241nm32 to eliminate artifacts resulting from weak UV 
absorbance of small amounts of LHA that had diffused across the membrane 
during the sorption experiment. Further details on the quantification of the 
organic pollutants are provided in the Supporting Information.  

The sorbed concentrations of the non-ionic pollutants and of paraquat, 
Ci,LHA [mol (gLHA)-1)], were calculated according to Equations 1 and 2, 
respectively.  

€ 

Ci,LHA =  
Ci,LHA cell ⋅VLHA cell −Ci,aq ⋅Vbuffer cell

mLHA
 (1) 

€ 

Ci,LHA =  
(Ci,aq

0 − 2 ⋅Ci,aq ) ⋅Vbuffer cell

mLHA
 (2) 

where Ci,aq [mol L-1] is the aqueous pollutant concentration, Ci,aq
0

 [mol L-1] 
is the initial aqueous pollutant concentration in the LHA-free solution, VLHA_cell 
and Vbuffer_cell [L] are the volumes of the LHA-containing and LHA-free 
solutions, respectively, and mLHA [g] is the mass of LHA in each dialysis cell. 

After sorption, the membranes from each dialysis cell were extracted. 
While only small fractions of quinoline, acetophenone, and paraquat sorbed to 
the membrane, approximately 30% of the total mass of naphthalene and 2-
naphthol sorbed to the membranes. When accounting for these losses, overall 
high recoveries were found for all compounds (see Supporting Information). 
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 The sorption isotherms for the non-ionic pollutants were plotted as 
Log10(Ci,LHA) versus Log10(Ci,aq) and fitted by the logarithmized Freundlich 
equation (Equation 3) to determine Freundlich affinity coefficients, Ki,F [mol1-N 

LN (gLHA)-1], and the Freundlich exponents, Ni:  

€ 

Log10 (Ci,LHA ) = Log10 (K i,F ) + N i ⋅Log10 (Ci,aq )     (3)  

 The apparent organic carbon normalized distribution coefficient, Ki,OC [L 
(kgC)-1], was calculated according to Equation 4. For the non-ionic compounds 
Ki,OC was calculated at Ci,aq= 50 and 100µM, and Ci,LHA was extrapolated from 
Equation 3. For paraquat, KOC was calculated for the experimental 
concentrations. 

€ 

K i,OC =
 Ci,LHA

fOC ⋅Ci,aq
  (4) 

where foc= 6.22•10-4 [kgC (gHA)-1] is the ash-corrected organic carbon content of 
LHA.15 

Sorption of the non-ionic compounds to unreduced and reduced LHA were 
compared based on the 95% confidence intervals of the fitted isotherm 
parameters, Log10(Ki,F) and Ni, and based on the prediction intervals for Ki,OC 
obtained at given Ci,aq from the fitted isotherm parameters. Paraquat sorption to 
unreduced and reduced LHA was compared based on the 95% confidence 
intervals of the concentration-dependent KOC values. 

 Spectrophotometric redox assay. The redox states of unreduced and 
reduced LHA were analyzed before and after the sorption experiments by a 
spectrophotometric assay based on the reductive decolorization of the blue 
redox dye DCPIP (ε= 20.6 mM-1 cm-1 at λ= 603 nm).16, 33 Aliquots of unreduced 
and reduced LHA solutions were withdrawn from the respective LHA solutions 
prior to filling of the dialysis cells and from all half-cells containing LHA 
solutions after termination of the sorption experiment. Three different volumes 
of the LHA aliquots were transferred to plastic cuvettes (Brand GMBH, 
Germany) with solutions containing DCPIP in excess amounts relative to ne-. A 
fourth cuvette containing DCPIP was not amended with LHA solutions. The 
cuvettes were sealed, mixed, and transferred out of the glovebox. The 
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absorbance spectra of DCPIP were measured (400-800 nm) after a reaction time 
of approximately 10 min on a Cary100 spectrophotometer (Varian Instruments, 
USA). The number of electrons transferred from LHA to DCPIP, ne-,DCPIP, was 
calculated from the decrease in DCPIP absorbance at λ= 603 nm with 
increasing LHA concentration and served to quantify the redox state of the LHA 
samples. Further details are provided in the Supporting Information and in 
Aeschbacher et al.16 The kinetics of electron transfer from reduced LHA to 
DCPIP and the dependence of the detected ne-,DCPIP on the electrochemically 
transferred ne- were analyzed separately. 

 

5.3. Results and Discussion 

Electrochemical LHA reduction. The data in Figure 1a shows the 
number of electrons, ne-, transferred per mass of LHA during bulk electrolysis 
of the eight batches of LHA with batches I-VI at pH 7, batch VII at pH 9, and 
batch VIII at pH 11. As shown previously,16 LHA-containing solutions showed 
much higher reductive currents and therefore higher ne- than LHA-free solutions 
(data not shown), demonstrating negligible reduction of H+ to H2 at the glassy 
carbon working electrode at the given pH and applied potentials. The rate of 
electron transfer from the working electrode to LHA gradually decreased over 
the 60 hours reduction periods. The number of electrons transferred in 60 hours 
decreased with increasing pH from 1.05±0.08 mmole- gLHA

-1 at pH 7 (average ± 
standard deviation of batches I-IV), to 0.76 mmole- gLHA

-1 at pH 9 and pH 11. 
The ne- at pH 7 agreed well with a previously published value obtained under 
the same reduction conditions,16 demonstrating the high reproducibility of direct 
electrochemical reduction. The slight variations in ne- between the different 
batches at pH 7 likely resulted from small differences in the cell geometries and 
the kinetics of electron transfer from the electrode to LHA. Slower reductions 
and lower final ne- at pH 9 and pH 11 as compared to pH 7 are consistent with 
the decrease in the reduction potentials of the quinone moieties in LHA with 
increasing pH.22  

Direct electrochemical reduction provided reduced LHA samples with 
known redox states. In contrast to previous reduction methods that rely on the 
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use of chemical reductants (e.g., 17, 34, 35), the electrochemical reduction 
selectively alters the redox state of LHA, which can be used without 
purification in follow up experiments. Given that electrons are primarily 
transferred to quinones in LHA,16, 22 the electrochemical reduction resulted in 
the formation of approximately 0.5 mmol hydroquinones per gram LHA at pH 
7. The reduction therefore significantly altered the chemical structure of LHA as 
it affected more than 5% of all oxygen atoms and more than 10% of all non-
carboxylic oxygen atoms in LHA, and it resulted in a 71% increase in the 
concentration of phenol moieties (see Table 1).14, 15 
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Figure 1. a. The number of electrons, ne-, transferred per mass of Leonardite Humic Acid 
(LHA) during electrochemical bulk reduction of batches I-VI (pH 7), batch VII (pH 9), and 
batch VIII (pH 11). b. Re-oxidation kinetics of reduced LHA by 2,6-dichlorophenol 
indophenol (DCPIP) at pH 7. The initial value of ne-= 1.04 mmole- gLHA

-1 corresponds to the 
number of electrons transferred to LHA during the direct electrochemical reduction. The 
other values were calculated by subtracting the number of electrons transferred to DCPIP, ne-

,DCPIP, from the initial ne- value. c. Number of electrons recovered from reduced LHA by 
DCPIP, ne-,DCPIP, versus the moles of electrons transferred to LHA withdrawn from the 
electrochemical cell in aliquots at different times during direct electrochemical reduction, ne- 
(duplicate experiments; the error bars represent standard errors). d. Number of electrons 
transferred to DCPIP, ne-,DCPIP, from unreduced and reduced LHA for all batches. ne-,DCPIP 
were quantified prior to and after each sorption experiment. The bars represent averages and 
the error bars represent standard deviations of ne-,DCPIP for LHA solutions of the respective 
batch taken from dialysis cells after termination of the sorption experiment.  
 

Stability of the LHA reduction state. All sorption experiments were 
conducted in an anoxic glovebox because oxygen rapidly and extensively re-
oxidizes reduced HA.16, 36 In order to confirm that reduced LHA solutions were 
not re-oxidized over the course of the sorption experiments, the redox states of 
reduced and unreduced LHA were re-analyzed prior to and after the sorption 
experiments using the recently developed spectrophotometric DCPIP assay.16 
This assay allows for a high sample throughput and thus allowed analyzing 
LHA samples from all (>100) dialysis cells.  

The re-oxidation of electrochemically reduced LHA over time after 
addition of DCPIP is shown in Figure 1b. The LHA re-oxidation kinetics were 
clearly biphasic: about 55% of the electrons transferred to LHA during 
electrochemical reduction were rapidly transferred to DCPIP within 10 min, 
while the transfer of the remaining electrons occurred at a much slower rate. 
After 9 days, DCPIP recovered close to 80% of the electrons transferred to LHA 
during reduction. The re-oxidation data demonstrates that the reduced moieties 
in LHA exhibited different electron transfer rates to DCPIP and that about 20% 
of the reduced moieties were not readily re-oxidized by DCPIP over 9 days. 
Similar biphasic kinetics and incomplete oxidation were reported for reduced 
LHA by O2 16 and of reduced Pahokee Peat HA by Fe3+ complexes.37 It is 
reasonable to assume that those moieties in LHA that rapidly transfer electrons 
to DCPIP also rapidly transfer electrons to O2. 
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The number of electrons transferred from reduced LHA to DCPIP, ne-

,DCPIP, within 10 min of reaction increased with the moles of electrons 
transferred to LHA during electrochemical reduction, ne- (Figure 1c), 
demonstrating that the DCPIP assay was highly sensitive to changes in the LHA 
redox state. Furthermore, the assay yielded reproducible results, as shown by 
the good agreement between the duplicate experiments. Consequently, the assay 
was used to assess whether changes occurred in the redox state of LHA (i.e., re-
oxidation of reduced LHA by O2) during the sorption experiments. 

The data in Figure 1d shows the number of electrons transferred from 
unreduced and reduced LHA to DCPIP, ne-,DCPIP, quantified both prior to and 
after the sorption experiments. As expected, ne-,DCPIP, was much larger for the 
reduced than for the unreduced LHA samples. Comparable ne-,DCPIP values 
obtained for reduced LHA at pH 7 (batches I to VI) were consistent with the 
comparable ne- transferred to these samples during electrochemical reduction 
(Figure 1a). The lower ne-,DCPIP values of reduced LHA at pH 9 (batch VII) 
reflected the lower ne- transferred to the LHA at this pH (Figure 1a). More 
importantly, there were no significant differences in the ne-,DCPIP of samples 
collected from a given batch prior to and after the sorption experiments (Figure 
1d). This finding implies that there were no detectable changes in the reduction 
states of both the unreduced and reduced LHA during the sorption experiments, 
which excludes re-oxidation of reduced LHA, for instance by traces of O2 in the 
glovebox. 

Sorption isotherms. The data in Figure 2a shows the sorption isotherms 
of naphthalene, acetophenone, and 2-naphthol at pH 7 and of quinoline at pH 7 
and pH 9 to unreduced LHA and the Freundlich isotherm fits to the sorption 
data. The corresponding Freundlich affinity coefficients, Ki,F, and the 
Freundlich exponents, Ni, are provided in Table 2. Sorption of apolar 
naphthalene, and the H-bond accepting acetophenone and quinoline at pH 7 
were concentration independent, as evident from linear sorption isotherms (i.e., 
Ni ≈ 1). Conversely, the sorption of bipolar 2-naphthol was slightly 
concentration dependent (Ni ≈ 0.80). These observations suggest that the 
interaction energies between 2-naphthol molecules and sorption sites in LHA 
decreased with increasing sorbed concentrations, CLHA. The high affinity 
sorption sites that were preferentially occupied at low CLHA may have involved 
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H-bond accepting moieties, given that non-linearity was observed only for 
bipolar 2-naphthol but not for the apolar and monopolar, H-bond accepting 
model compounds. Based on the Freundlich model parameters, the organic 
carbon normalized partition coefficients, Ki,OC, of the non-ionic pollutants were 
calculated for solution concentrations of Ci,aq equal to 50 and 100 µM (Table 2). 
The Ki,OC values compare well with literature values (Table 2). 

At pH 7, about 1% of the quinoline in solution was cationic (pKa,quinoline= 
4.938). Electrostatic attraction of organocations to anionic sites in HA may result 
in high affinity sorption.39 For example, sorption of the sulfonamide antibiotic 
sulfathiazole to LHA is dominated by the cationic species up to 3 pH units 
above the pKa value of the aniline moiety in sulfathiazole.12 To assess the 
contribution of the quinoline cation to quinoline sorption at pH 7, sorption 
experiments were also carried out at pH 9 at which less than 0.01% of the 
quinoline was cationic. Comparable sorption at pH 7 and pH 9 (Figure 2a, 
Table 2), demonstrates that the neutral quinoline dominated sorption at pH 7. 
These findings are in agreement with previous work by Nielsen and coworkers40 
who reported constant KOC values for quinoline to Aldrich humic acid between 
pH 7 and pH 12.  



 Chapter 5 
 
 

 

189 

 
 



 Chapter 5 
 
 

 

190 

Figure 2. a. Sorption isotherms of naphthalene, acetophenone, and 2-naphthol at pH 7 and of 
quinoline at pH 7 and 9, to unreduced Leonardite humic acid (LHA). Ci,aq and Ci,LHA are the 
equilibrium molar aqueous and sorbed concentrations, respectively. The lines represent fits of 
the Freundlich model. b. Sorption isotherms of naphthalene, acetophenone, quinoline, and 2-
naphthol to unreduced LHA at pH 7 re-plotted from panel (a) as Ci,LHA versus the calculated 
dissolved concentrations of the tested compounds in n-hexadecane, Ci,HD, in equilibrium with 
Ci,aq. c-f. Sorption isotherms of naphthalene (panel c), quinoline (panel d), acetophenone 
(panel e), and 2-naphthol (panel f) to unreduced LHA (open symbols) and reduced LHA 
(closed symbols). The solid and dashed lines represent the respective Freundlich model fits.  
 

The contributions of HDA interactions of the compounds with polar 
moieties in LHA to overall sorption cannot be directly assessed by comparing 
the isotherms of Ci,LHA versus Ci,aq (Figure 2a). Water, and hence Ci,aq, is not a 
suitable reference phase for such a comparison as the tested compounds 
experience large differences in HDA interactions with water molecules. To 
assess the contribution of HDA interactions of the compounds with polar LHA 
moieties to total sorption, Ci,LHA instead need to be compared on the basis of 
dissolved concentrations in an apolar phase, in which only vdW interactions 
occur. n-hexadecane (HD) has previously been used as such a reference phase.6, 

41 Partition coefficients between HD and water, Ki,HD-water, are reported for 
numerous organic pollutants.42  

In Figure 2b, Ci,LHA values from panel a are re-plotted versus the pollutant 
concentration in n-hexadecane, Ci,HD, in equilibrium with Ci,aq. The Ci,HD values 
were calculated by multiplying the experimental Ci,aq of each compound, i, with 
the respective Ki,HD-water value.42 At the same Ci,HD, Ci,LHA values of the bipolar 2-
naphthol were about one order of magnitude larger than those of the monopolar 
compounds, which again were about an order of magnitude larger than the CLHA 
of naphthalene. Specific HDA interactions with polar moieties in LHA therefore 
decreased from naphthol, to acetophenone and quinoline, to naphthalene. The 
same trend was evident when plotting Ki,OC versus Ki,HD-water of the tested 
compounds (Figure S1, Supporting Information). The findings of pronounced 
HDA interactions between polar moieties in LHA and the polar compounds 
demonstrate that these compounds were suitable probes to assess whether LHA 
reduction altered the sorption of polar compounds by increasing the number of 
H-bond donating moieties. Naphthalene, which may only form relatively weak 
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HDA interactions with LHA, may selectively probe for changes in the cohesive 
energy of LHA upon its reduction.  

The results of paraquat sorption to LHA at two different concentrations 
and at pH 7, 9, and 11 are shown in Table 2. The KOC values of paraquat were 
highly concentration dependent, and increased from pH 7 to pH 9 and 11. The 
concentration and pH-dependencies support electrostatic attraction between 
cationic paraquat and anionic sites in LHA as dominant sorption mechanism. 
Sorption increased with increasing pH due to an increase in the number of 
anionic sites that resulted from deprotonation of phenolic moieties (Table S1, 
Supporting Information).  
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Effect of LHA reduction on sorption. The sorption isotherms of 
naphthalene, 2-naphthol, aceptophenone, and quinoline to unreduced LHA 
(open symbols) and reduced LHA (closed symbols) are compared in Figures 2c 
to 2f, respectively. The isotherms show that LHA reduction had little, if any, 
effect on the sorption of the four non-ionic pollutants. The same conclusion can 
be drawn based on the overlapping confidence intervals of the fitted Ki,F and Ni 
values for sorption to unreduced and reduced LHA (Table 2).  

In Figure 3, the Log10(Ki,OC) values for the sorption of all compounds to 
reduced LHA are plotted versus the corresponding Ki,OC values for the sorption 
to unreduced LHA. For the non-ionic compounds, Ki,OC values were calculated 
at Ci,aq equal to 50 and 100 µM from the fitted Freundlich parameters (Table 2). 
The apparent KOC values for paraquat were calculated directly from the 
experimentally determined Caq and CLHA according to equation 4. As for the 
non-ionic pollutants, sorption of paraquat was not significantly affected by LHA 
reduction: the confidence intervals of the KOC values for sorption to the oxidized 
and reduced LHA overlapped, except for sorption of paraquat at the lowest 
tested concentration at pH 7 (Table 2).  
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Figure 3. Logarithms of the organic-carbon normalized distribution coefficients of 
naphthalene, acetophenone, 2-naphthol, quinoline, and paraquat to reduced Leonardite humic 
acid (LHA), Log10(Ki,OCred), versus the corresponding values to unreduced LHA, 
Log10(Ki,OCunred). The Ki,OC values were calculated for an aqueous concentration of Ci,aq= 
100µM for the apolar and polar compounds and at the specified Caq for paraquat.  
 

The experimental results show that extensive reduction of LHA did not 
significantly affect the sorption coefficients of the apolar, monopolar, and 
cationic probe compounds. Several possible explanations for the absence of an 
observable effect of the LHA redox state on organic pollutant sorption are 
possible. First, it is possible that the redox active moieties in the HS are situated 
in microenvironments that were not readily accessible by the organic pollutants. 
However, this seems unlikely given that these moieties were directly reduced at 
the working electrode and that the reduced moieties can transfer electrons to 
DCPIP (this work) and to organic pollutants such as nitroaromatic compounds 
and chlorinated hydrocarbons.19, 44 Second, it is conceivable that the increase in 
H-bond donor sites by reduction of quinones to hydroquinones was masked by 
the preferential sorption of water molecules to these sites. Water molecules are 
expected to strongly compete with the polar and bipolar pollutants for H-bond 
donating and accepting moieties. Yet, enhanced sorption of the polar and 
bipolar compounds over naphthalene (Figure 2b) clearly demonstrated that 
HDA interactions were important for sorption of organic pollutants to LHA in 
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water. Comparable sorption of naphthalene to unreduced and reduced LHA 
shows that changes in the cohesive energy of LHA upon reduction, if they 
occurred, did not significantly affect organic pollutant sorption. Third, and the 
most likely explanation, reduction did not increase the H-bond donating 
capability and cohesive energy of LHA to an extent detectable by the sorption 
of the organic probe compounds. Reduction also did not result in a detectable 
increase in the anionic binding sites for paraquat. Comparable sorption of 
paraquat to unreduced and reduced LHA at pH 7 may be rationalized 
considering that reduced moieties formed during the reduction of LHA and 
other HA deprotonate at pH> 7.16, 23, 45 At pH 9 and pH 11, however, the 
hydroquinones in LHA are expected to deprotonate,14 but apparently this 
deprotonation did not result in a noticeable increase in paraquat sorption. It is 
possible that unreduced LHA contains a significant number of deprotonated 
hydroxy-substituted quinones, which, upon reduction, would not result in a 
strong increase in the overall phenolate concentrations, even at high pH. The 
presence of such moieties in LHA has recently been suggested.22 Finally, if 
reduction resulted in changes of conformational structure of the LHA 
aggregates, these did not affect sorption of the probe compounds.  

5.4. Environmental implications 

This work on the effect of HA redox state on organic pollutant sorption 
has several implications. From a methodological perspective, this work 
demonstrates that direct electrochemical reduction of HA at glassy carbon 
electrodes in bulk electrolysis cells is a suitable method to generate large 
amounts of ‘clean’ reduced HA samples with well-defined redox states that can 
be directly used in follow-up experiments, such as sorption studies, as shown 
herein. Furthermore, this work demonstrates that the redox states of HA 
samples can readily be quantified by a spectrophotometric assay based on the 
reductive decolorization of the redox dye DCPIP. The assay is highly 
reproducible, simple, and allows for a high sample throughput. Reduction of 
DCPIP is directly quantified spectrophotometrically. This is an advantage over 
the commonly used Fe3+-citrate assay to quantify HA redox states in which the 
formed Fe2+ needs to be complexed prior to spectrophotometric detection.  
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In the context of environmental fate and risk assessment, this work 
suggests that changes in the chemistry and the conformational structure of HA 
upon reduction do not significantly alter its properties as a sorbent for organic 
pollutants. Since LHA has one of the highest electron accepting capacities 
among the previously analyzed humic substances,16 it is unlikely that reduction 
of other humic substances with similar or smaller electron accepting capacities 
than LHA significantly affects their sorbent properties. Changes in redox 
conditions in natural systems may alter organic pollutant sorption to NOM 
indirectly by affecting solution pH, microbial activity, and aqueous 
concentrations of metals. This work provides first evidence that organic 
pollutant sorption is not affected by redox-dependent interconversion of 
quinone and hydroquinone moieties in NOM. As a consequence, fate and 
transport models can employ redox-independent organic carbon partition 
coefficients for organic pollutants.  
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Materials and Methods  
 
Properties of Leonardite humic acid standard 

Table S1 provides selected chemical properties and the electron accepting 
capacity (EAC) of Leonardite Humic Acid Standard. 

Preparation of organic pollutant solutions  

Stock solutions of all nonionic organic pollutants were prepared in anoxic 
methanol inside the glovebox at concentrations of approximately 400 mM. The 
paraquat stock solution (20 mM) was prepared in anoxic H2O inside the 
glovebox. The solutions used to fill the LHA-free dialysis half-cells were 
prepared by adding the required volume of the stock solutions into pH-buffered 
solutions, while keeping the final methanol content below 1% vol. For paraquat 
sorption experiments, which were conducted at lower LHA concentrations (i.e., 
0.2 g/L), the pH-buffer solutions containing 0.1 M phosphate (pH 7), borate (pH 
9), or carbonate (pH 11) and 0.1 M KCl were diluted 1:10 with water to lower 
the concentration of inorganic cations that could compete with paraquat for 
anionic sorption sites in LHA.  

Initial concentrations of organic pollutants 

One half-cell of each dialysis system was filled with a solution containing 
unreduced or reduced LHA. The second half-cell was filled with solutions 
containing one of the tested organic pollutants at initial concentrations, Ci,aq

0, 
specified in Table S2. 
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Table S2. Initial aqueous concentration, Ci,aq
0, of organic pollutants in the 

solutions filled into the LHA-free dialysis half-cells. 

Compound pH Concentration in the filling solutions, Ci,aq
0 [µM] 

Naphthalene 7 28 102 152 303 

2-Naphthol 7 30 101 312 1006 

Quinoline 7 21 203 800 2071 

Quinoline 9 19 201  1990 

Acetophenone 7 34 198 771 3739 

Paraquat 7  206  1539 

Paraquat 9  205  1501 

Paraquat 11  205  1535 

 

Quantification of organic pollutant concentrations 

Non-ionic organic pollutants. The nonionic organic pollutants were analyzed by 
HPLC using a Dionex system (Dionex, Olten, Switzerland) that consisted of a 
P680 pump, an automated sample injector (ASI-100), and a photodiode array 
detector (PDA-100). Chromatographic separation was achieved on a Supelcosil 
LC-18 reverse phase column (25 cm x 4.6 mm, particle size 5 µm, Supelco, 
Division of Fluka, Switzerland). Table S3 shows the eluent mixtures and UV-
visible detection wavelengths for the different compounds. The injection 
volumes were 30 µL and 10 µL for aqueous and ethyl acetate samples, 
respectively. Quantification of the pollutants was based on six-point calibration 
curves prepared from aqueous and ethyl acetate standards. Ethyl acetate 
standards were prepared by extracting aqueous concentration standards in 1:1 
volumetric ratios, analogous to the extraction procedure for the LHA-containing 
samples.  

Table S3. Elution conditions for HPLC measurements. Eluents were methanol 
(MeOH), water (H2O), and 5 mM phosphate buffer pH 7 (PB). Detection 
wavelengths were adapted to yield linear signal responses to the pollutant 
concentrations.  
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Compound Eluents Volumetric ratio Flow rate 
Detection 

wavelength 

naphthalene MeOH/H2O 70% / 30% 1 ml (min)-1 220 nm 

2-naphthol MeOH/H2O 60% / 40% 1 ml (min)-1 225 nm/266 nm 

quinoline MeOH/PB 50% / 50% 1 ml (min)-1 220 nm/266 nm 

acetophenone MeOH/H2O 50% / 50% 1 ml (min)-1 245 nm/230 nm 

 

 

Paraquat concentrations in the LHA-free half-cells were quantified by 
collecting UV-visible spectra on a Varian Cary 100 Bio Spectrophotometer 
using 10 mm path length Quartz Suprasil precision cells (Hellma, Basel, 
Switzerland). All spectra were referenced against absorbance of buffer solutions 
at the corresponding pH values. The LHA-free half-cells contained only minor 
amounts of LHA that had diffused across the dialysis membranes over the 
course of the sorption experiments. Absorption of UV-visible light by these 
small LHA concentrations distorted the absorption spectra of paraquat in the 
UV range. To avoid quantification artifacts, paraquat concentrations were 
determined by derivative spectrophotometry at 241 nm to reduce the effect of 
spectral background interferences.4 Derivatives of the recorded spectra were 
calculated using Cary WinUV software. The first order derivative eliminated the 
LHA interference, given that the slope of the LHA spectra in the UV range was 
constant irrespective of the LHA concentration.  

 

Spectrophotometric 2,6-dichlorophenol indophenol redox assay 

The assay involved the following steps 1: (i) Aliquots of 0 µL, 20 µL, 40 µL, 
and 80 µL of the reduced or 0 µL, 40 µL, 80 µL, and 150 µL of the unreduced 
LHA samples, respectively, were transferred into plastic cuvettes (Brand 
GMBH, Wertheim, Germany) containing 2 mL of an anoxic solution of 
oxidized DCPIP at 50 µM in buffers pH 7 and pH 9. At this concentration, 
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DCPIP was in excess to the number of electrons donated both by added 
unreduced and reduced LHA. (ii)The same volumes of LHA-containing 
solutions were spiked into reference cuvettes with 2 mL of pH-buffered 
solutions containing no DCPIP to correct for absorption of LHA at 603 nm. (iii) 
Cuvettes were capped, thoroughly mixed and, transferred to the 
spectrophotometer outside the glovebox. The UV-visible light absorbance of the 
DCPIP containing cuvettes was recorded versus the absorbance of the 
corresponding reference cuvettes containing only LHA on a Varian Cary 100 
Bio Spectrophotometer from 800 to 400 nm. The concentration of oxidized 
DCPIP was quantified by the decrease in absorbance at λ= 603 nm from a linear 
six-point calibration for oxidized DCPIP (the molar extinction coefficient of 
DCPIP was εDCPIP= 20.6 mM-1 cm-1). (iv) The quantified number of electrons 
transferred to DCPIP in the four cuvettes for one sample was plotted versus the 
mass of LHA added to the respective cuvettes. For each sample, the slope of the 
regression line corresponded to the final ne-,DCPIP value reported in the 
manuscript.  
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Diffusion kinetics 

Table S4. Kinetics of diffusion through dialysis membranes. Ci,aq
0 is the initial aqueous 

concentration of the pollutants that was added to dialysis half-cell 1, half-cell 2 contained 
initially only buffer and no pollutants. C1 and C2 are the concentrations in the two cell half-
cells after the given equilibration time. Equilibrium was attained within 6 days for the non-
ionic contaminants as shown by the ratio C2/C1 close to unity. For the cationic paraquat 
equilibrium had been attained at the time points probed. While the dissolved fraction 
(Ci,1+Ci,2)/Ci,aq

0 was close to one for quinoline and paraquat it was significantly below 1 for 
naphthalene and 2-naphthol due to sorption to the dialysis membrane. Sorption to the dialysis 
membrane is addressed in Table S5.  
 

Compound pH t [d] Ci, aq
0 

[µM] 
½Ci ,aq

0  

[µM] 
Ci, 1     

[µM] 
Ci,2   

[µM] 
Ci,2/Ci,1 (Ci,1+Ci,2)/Ci, aq

0 

Naphthalene 7 4 98.0 49.0 30.4 30.8 1.01 0.62 

  6 98.0 49.0 29.4 28.9 0.98 0.60 

  7 98.0 49.0 30.0 30.0 1.00 0.61 

  11 98.0 49.0 27.5 27.8 1.01 0.56 

         
Quinoline 7 6 102.7 51.3 49.3 49.5 1.00 0.96 

  6 102.7 51.3 50.1 50.3 1.00 0.98 

  8 102.7 51.3 48.2 48.5 1.01 0.94 

  13 102.7 51.3 49.4 48.5 0.98 0.95 

         
2-Naphthol 7 2 101.8 50.9 46.5 33.4 0.72 0.79 

  6 101.8 50.9 36.0 35.7 0.99 0.70 

  8 101.8 50.9 35.6 35.3 0.99 0.70 

  13 101.8 50.9 35.2 35.0 0.99 0.70 

         
Paraquat 7 9 206 103 100 ± 1 98 ± 1 0.98 0.96 

 7 7 1539 770 778 ± 18 730 ± 14 0.94 0.98 

 9 8 205 102 99 ± 2 97 ± 1 0.98 0.96 

 9 8 1501 751 798 ± 22 753 ± 45 0.94 1.03 

 11 8 205 103 105 ± 1 101 ± 1 0.96 1.01 

 11 8 1535 767 751 ± 19 751 ± 9 1.00 0.98 
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Recovery experiments 

Table S5. Ci,aq
0 is the initial aqueous concentration of the pollutants that was added to the 

LHA free half-cell. Ci,aq and Ci,LHA-cell
 are the pollutants concentrations in the LHA-free and 

in the LHA-containing half-cells, respectively, after equilibration. Ci,membrane is the amount of 
substance in the membrane (extracted by MeOH) divided by the volume of one half-cell. The 
recovery corresponds to 100%*(Ci,aq + Ci,LHA-cell + Ci,membrane)/ Ci,aq

0. 
 

Substance Sample Ci,aq
0 

[µM] 

Ci,aq 

[µM] 

Ci,LHA-cell 
[µM] 

Ci,membrane 

[µM] 

Recovery 

Naphthalene unred 102 24.2 38.2 35.7 97% 

  red1 102 23.3 36.8 40.6 99% 

  red2 102 22.4 35.4 35.8 92% 

  red3 102 23.4 37.8 33.8 94% 

Quinoline unred 1 203 85.9 109.9 6.3 100% 

  unred 2 203 86.1 114.9 9.8 104% 

  unred 3 203 84.6 113.9 8.2 102% 

  unred 4 203 84.6 111.0 7.7 100% 

  red1 203 84.4 110.3 9.3 101% 

  red2 203 84.6 111.1 7.1 100% 

  red3 203 84.6 115.7 9.5 104% 

  red4 203 84.6 114.6 7.4 102% 

Acetophenone unred 1 198 91.3 98.8 10.5 101% 

  unred 2 198 90.7 99.0 7.5 100% 

  unred 3 198 77.3 81.2 n.q. n.q. 

  red 1 198 88.6 95.7 8.4 97% 

  red 2 198 90.2 97.5 10.4 100% 

  red 3 198 89.4 93.3 n.q. n.q. 

  red 4 198 89.4 96.4 n.q. n.q. 

2-Naphthol unred 1 101 28.0 35.9 24.8 88% 

  unred 2 101 29.2 42.3 23.2 94% 

  unred 3 101 29.6 37.9 22.6 89% 

  red1 101 29.8 36.3 26.4 91% 

  red2 101 29.7 34.5 27.6 91% 

  red3 101 29.5 36.3 27.3 92% 
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Figure S1. Log Ki,OC values plotted versus Log Ki, HD-water partitioning coefficients which were 
calculated from a poly-parameter linear free energy relationship (ppLFER) in ref.5. a. Log 
Ki,OC values calculated from a ppLFER from ref. 6 for Leonardite humic acid for a diverse set 
of apolar compounds (closed circles) and for the probe compounds used in this study (open 
circles). The triangles represent measured Log Ki,OC values. Red triangles: measured for LHA 
in refs.6, 7 (value for 1-naphthol instead of 2-naphthol), black triangles: values measured in 
this study. b. Log Ki, OC values calculated from a ppLFER from ref.8 for Pahokee Peat for a 
diverse set of apolar compounds (closed circles) and for the probe compounds used in this 
study (open circles). The black triangles represent Log Ki, OC values measured in this study. 
All substance descriptors used for the ppLFER calculations were from refs.5, 9  

 



 Chapter 5 
 
 

 

213 

References 

1. Aeschbacher, M.; Sander, M.; Schwarzenbach, R. P., Novel 
electrochemical approach to assess the redox properties of humic 
substances. Environ. Sci. Technol. 2010, 44, 87-93. 

2. http://www.ihss.gatech.edu/elements.html (Accessed 11. 9. 2011),  
3. Ritchie, J. D.; Perdue, E. M., Proton-binding study of standard and 

reference fulvic acids, humic acids, and natural organic matter. Geochim. 
Cosmochim. Acta. 2003, 67, 85-96. 

4. Popovic, V.; Pfendt, L. B.; Stefanovic, V. M., Analytical application of 
derivative spectrophotometry. Journal of the Serbian Chemical Society 
2000, 65, 457-472. 

5. Abraham, M. H.; Chadha, H. S.; Whiting, G. S.; Mitchell, R. C., 
Hydrogen-Bonding. 32. An Analysis of Water-Octanol and Water-Alkane 
Partitioning and the Delta-Log-P Parameter of Seiler. Journal of 
Pharmaceutical Sciences 1994, 83, 1085-1100. 

6. Niederer, C.; Goss, K. U.; Schwarzenbach, R. P., Sorption equilibrium of 
a wide spectrum of organic vapors in Leonardite humic acid: Modeling of 
experimental data. Environmental Science & Technology 2006, 40, 5374-
5379. 

7. Niederer, C.; Goss, K. U.; Schwarzenbach, R. P., Sorption equilibrium of 
a wide spectrum of organic vapors in Leonardite humic acid: 
Experimental setup and experimental data. Environmental Science & 
Technology 2006, 40, 5368-5373. 

8. Bronner, G.; Goss, K. U., Predicting Sorption of Pesticides and Other 
Multifunctional Organic Chemicals to Soil Organic Carbon. Environ Sci 
Technol 2010. 

9. Abraham, M. H.; Andonianhaftvan, J.; Whiting, G. S.; Leo, A.; Taft, R. 
S., Hydrogen bonding. 34. The factors that influence the solubility of 
gases and vapors in water at 298K, and a new method for its 
determination. Journal of the Chemical Society-Perkin Transactions 2 
1994, 1777-1791. 

 



 

 

 



 

 

 

 

Chapter 6 
 

 

 

 

Conclusions and Outlook 
 

 

 

 

 

 

 



 

 

 



 Chapter 6 
 
 

 

217 

6.1. Conclusions 

This work advances both the methodological toolbox for investigating the redox 
reactions of HS and the fundamental understanding of the redox properties of 
humic substances (HS). The methodological work resulted in the development 
of a novel electrochemical approach to characterize the redox properties of 
humic substances. This approach was then applied to systematically 
characterize the redox properties of a diverse set of HS and natural organic 
matter (NOM) samples from different sources under both reducing and 
oxidizing conditions.  

 
Methodological advancements 

A novel electrochemical approach was developed that offers new possibilities 
for characterizing the redox properties of humic substances under both reducing 
and oxidizing conditions. The approach comprises three electrochemical 
methods.  
(i) Direct electrochemical reduction (DER) of HS at glassy carbon working 
electrodes in a bulk electrolysis cell allows generating large samples of reduced 
HS. This reduced HS is ‘clean’ because the electrons stem from chemically inert 
working electrodes and not, as in previous methods, from chemical reductants 
added to the HS. DER also has the advantage that the number of electrons 
transferred to the HS is continuously monitored by chronocoulometry, which 
allows generating HS with well-defined redox states. Coupling of DER to 
automated acid titration can be used to quantify the number of protons 
transferred to HS during the reduction.  
(ii) Mediated electrochemical reduction (MER) and mediated 
electrochemical oxidation (MEO) directly quantify the number of electrons 
transferred to and from small amounts of HS at a desired redox potential Eh and 
pH. Due to the sensitivity of MER and MEO, these techniques can also be used 
to determine the redox state of very small amounts of HS, for instance in 
aqueous environmental samples.  
(iii) In Mediated potentiometry small concentrations of redox mediators 
facilitate the attainment of redox equilibria between HS and redox electrodes 
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and likely also between different redox-active moieties in the HS. MP allows for 
stable and reproducible Eh measurements in HS solutions.  
This novel electrochemical approach was then applied to characterize the 
electron accepting and donating properties of a diverse set of HS. The major 
results from this work are briefly summarized below.  
 
Electron-accepting moieties in HS  

The electron accepting capacities (EACs) of a diverse set of HS, including 
terrestrial and aquatic humic and fulvic acids, were linearly correlated with HS 
aromaticities (Chapter 2), suggesting that electron-accepting moieties are linked 
to aromatic structures in the HS. Electron transfer to Leonardite humic acid 
(LHA), which is derived from lignite, was largely reversibly over successive 
reduction O2-reoxidation cycles (Chapter 2). This finding supports the role of 
HS as redox buffers by accepting electrons under reducing conditions and by 
donating the electrons upon re-aeration. 

A characterization of the electron transfer equilibria of selected humic 
acids (HA) showed that HA act as redox buffers over a wide potential range. 
Accordingly modeling of the potential decrease during HS reduction revealed a 
wide distributions in the apparent standard reduction potentials of the reducible 
moieties in the HA (Chapter 3). The potential distributions of the reducible 
moieties allow, for the first time, assessing the free energy changes for electron 
transfer reactions to and from HS under reducing conditions. Electron transfer 
to the electron-accepting moieties in the HA was shown to be coupled to pH-
dependent proton uptake. Consistently, the reduction potentials Eh of the tested 
HA decreased with increasing solution pH, as determined by mediated 
potentiometry.  

Taken together, the findings are consistent with quinones as major electron 
accepting moieties in HS. 
 
Electron-donating moieties in HS.  

The work presented in chapter 4 is the first systematic assessment of the 
electron donating properties of a diverse set of HS and NOM. Electrochemical 
oxidation of an aquatic, a terrestrial, and a lignite-derived HA resulted only in a 
small increase in their electron accepting capacities, suggesting that oxidation of 
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the electron donating moieties in HA was largely irreversible. The electron 
donating capacities (EDCs) of all studied HS and NOM samples increased with 
increasing applied redox potential Eh and with increasing solution pH. All HS 
acted as electron donors under mildly oxidizing conditions. The continuous 
increase in the EDCs of three HAs with increasing Eh and pH suggests that the 
electron donating moieties in HS cover a wide range in one-electron standard 
reduction potentials and that the oxidation of these moieties is coupled to the 
release of protons. The EDCs were linearly correlated with the titrated phenol 
contents of the HS. These findings support phenolic electron donating moieties 
in HS. This work strongly suggests that HS can act as antioxidants in 
biogeochemical and pollutant redox reactions under oxic conditions. 
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Electron donating and electron accepting properties of HS.  

A comparative analysis of a diverse set of 15 HS and NOM samples 
revealed clear patterns in the electron accepting capacities (EACs) and electron 
donating capacities (EACs) with HS origin and chemical composition. 
Relatively young HS formed from higher plant precursors in aquatic and mixed 
aquatic-terrestrial environments have comparatively high EDCs and low EACs. 
Conversely, older HS from terrestrial sources have comparatively low EDCs but 
higher EACs. These patterns indicate that abiotic and biotic oxidative 
processing of organic matter in the environment leads to a preferential loss of 
electron-donating polyphenolic moieties relative to the electron-accepting 
quinone moieties. The results support the hypothesis that the antioxidant 
properties of HS play a key role in the recalcitrance of HS in the environment 
[1].  

 
6.2. Outlook 

A direct outcome of this work is an improved understanding of the redox 
properties of humic substances, and, as a consequence, of the role of HS in 
biogeochemical and pollutant redox reactions. Beyond that, this work is 
expected to promote research directed towards characterizing the redox 
properties of other organic and inorganic phases in the environment. Some 
research areas to which this work is relevant are summarized. 
 
Role of humic substances in microbial electron transfer reactions  

It is well established that humic substances can act both as electron acceptors 
and as electron donors in microbial metabolism [2-5]. As of yet, the 
thermodynamics of electron transfer reactions between HS and microorganism 
are poorly investigated. For instance, it is unknown to which reduction 
potentials microbes may transfer electrons to HS. This information would 
advance our understanding of microbial electron transfer to environmental 
phases and of the follow-up reactions of microbially reduced HS, including the 
reductive dissolution of iron mineral phases [3, 6, 7]. Mediated electrochemical 
reduction and oxidation, in combination with mediated potentiometry would 
allow for direct electron balancing during microbial processes in laboratory 
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experiments and to link oxidation and reduction to changes in the reduction 
potential of the HS. This information cannot be provided by previous 
approaches to characterize the redox properties of HS. Furthermore, HS with 
defined redox states, generated by direct electrochemical reduction in bulk 
electrolysis cells, may be used in microbial growth experiments to assess the 
redox state to which microbial electron transfer to HS is possible for different 
electron donors. MEO and MER and mediated potentiometry may also be 
applied to humin and other forms of particulate organic matter. The amount of 
solid phase organic matter exceeds the amount of dissolved organic matter in 
many ecosystems. Recent work has demonstrated that particulate organic matter 
can act as electron acceptor in microbial respiration and as a reductant of iron 
oxide phases [8].  
 
Electron balancing for redox reactions in organic-matter rich ecosystems 

The high sensitivity of MER and MEO make it possible to directly analyze 
environmental NOM samples including aqueous samples and solid phase 
samples (e.g. from sediments and bogs). By analyzing both dissolved and 
particulate organic matter, the electrochemical approach would help to balance 
electron transfer reaction in these systems. This is particularly relevant for 
wetlands, peats, and bogs as it has been hypothesized that electron transfer to 
the organic matter in these systems greatly reduces methanogenesis [9]. 
Extending on work by Cervantes and coworkers [10], electrochemically reduced 
HS with different redox states may be added as electron acceptor to laboratory 
experiments. An increase in methanogenesis with increasing extent of 
electrochemical pre-reduction of HS would support the above hypothesis. The 
electrochemical approach may also be applied in field studies, for instance to 
monitor redox dynamics in wetlands with fluctuating water tables [11]. 

 
Role of HS in reductive and oxidative pollutant transformation reactions  

 While the effect of HS redox state on organic pollutant sorption is likely 
insignificant (Chapter 5), HS redox state is known to largely affect reductive 
and oxidative pollutant transformation reactions. Numerous studies have 
demonstrated that HS mediate the electron transfer from chemical bulk electron 
donors to organic pollutants. This approach is, however, not suited to study the 
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mechanism of electron transfer from HS to the organic pollutant. First, the 
chemical bulk electron donors and not the HS define the reduction potential in 
the studied systems. Second, many of the electron donors undergo irreversible 
side reactions with HS [12, 13]. Third, for most systems, changes in solution pH 
will affect the speciation of both the electron donor and the HS. Following up 
on the work of Kappler and Haderlein [14], direct electrochemical reduction can 
be used to prepare HS with well-defined redox states. These HS may then be 
reacted with organic pollutants as a function of pH (and hence Eh) to selectively 
assess the role and reactivity of HS as reductant for organic pollutants. 
Similarly, “clean” reduced HS may be used to revisit the reduction of inorganic 
pollutants, including arsenate and radionuclides.  
Previous studies have demonstrated an inhibitory effect of HS on the indirect 
photochemical oxidation of organic pollutants. This effect was ascribed to 
electron donation from HS to oxidized pollutant radical intermediates, which 
reduced them back to the parent compound [15, 16]. This explanation is 
supported by this work, which systematically assessed the antioxidant properties 
of HS. Future studies would benefit from a combined photochemical and 
electrochemical approach that can relate differences in the inhibitory effects 
among HS to the differences in their EDCs. For a given HS, link the effect of 
solution pH on the inhibitory effect in photochemical oxidation can be 
compared to the pH dependence of the EDC. Optionally, the inhibitory effect of 
HS may be related to their phenol contents determined by potentiometric pH 
titrations. 
 
Optical properties of HS  

A number of recent studies suggest that the optical properties of HS arise from 
charge transfer complexes between hydroxy aromatic donor and quinoid or 
aromatic ketone acceptor moieties in the HS [17, 18]. As of yet, the relative 
importance of quinones and aromatic ketones as electron acceptors is still a 
matter of debate. Following up on previous work [17-19], direct electrochemical 
reduction may be employed to sequentially reduce HS of different origin, 
followed by measuring their optical properties. A gradual change in the optical 
properties with increasing extent of reduction and the extent of reversibility of 
the optical changes upon re-aeration of the samples would help to elucidate the 



 Chapter 6 
 
 

 

223 

relative contribution of quinone moieties to the optical properties.  A series of 
electrochemically reduced HS with well-defined redox states is valuable also to 
assess the effect of HS redox state to other spectroscopic properties of HS. 
 

Reactive oxygen species formation during reductive cycling of HS  

It is well established that reduced quinones (i.e. semiquinones or 
hydroquinones) can react with oxygen to produce hydrogen peroxide, H2O2 [20-
23]. It is also conceivable that oxidation of reduced quinones in HS produces 
H2O2 in the environment, which may react with Fe(II) in a dark Fenton type 
reaction mechanism to form highly reactive hydroxyl radicals, OH• [24]. Hence 
redox cycling of HS at oxic-anoxic interfaces, which are ubiquitous in both 
terrestrial and aquatic systems, may result in high formation rates of OH•. This 
potential production pathway of OH• has not yet been recognized. If occurring, 
it would have far reaching consequences on the chemical reaction occurring at 
oxic-anoxic interfaces, including chemical alteration of the HS. To test for this 
formation pathway, the novel electrochemical approach can be used to reduce 
HS to well defined redox states, which are subsequently re-oxidized by O2 in 
the presence of chemical probes selective to OH• [25].  
 
Influence of origin and history on HS redox properties  

This work provides evidence for pronounced and systematic effects of HS 
source material and age on the relative abundances of electron accepting and 
donating moieties in HS. Additional experiments are warranted to further 
investigate these effects. The hypothesis that polyphenols originating from 
higher plants are the precursors to electron donating moieties in HS may be 
tested by quantifying the EDCs of HS sampled along natural gradients of 
organic matter decomposition, such as samples from different depths of as soil 
profile or an estuary [26-28]. The preferential depletion of electron donating 
moieties during oxidative transformation of HS can be further investigated in 
the laboratory by quantifying the EDCs of samples obtained during time-series 
studies of plant material and humic acid degradation, for instance by white rot 
fungi [29, 30].  
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Removal of organic matter from drinking water 

 Chemical oxidants such as ozone or chlorine are added to drinking water 
for disinfection, pollutant degradation, decoloration and odor control [31]. 
Oxidant doses required for successful water treatment will likely depend on the 
electron donating capacity of the organic matter in the water. At present, 
however, drinking water treatment facilities lack suitable approaches to monitor 
the changes in the chemical oxidant demand of the incoming water in real time. 
Mediated electrochemical oxidation may allow doing so by constantly 
quantifying the electron donating capacities of the drinking water. The EDC 
measurements may also help to assess the potential of the water to form 
unwanted disinfection byproducts, as electron donating moieties in NOM are 
involved in this reaction [31-33].  

 

Redox characterization of particulate organic and mineral phases  

In addition to humic substances, other redox-active phases play a crucial 
role in biogeochemical redox processes and pollutant dynamics. Most of these 
phases are particulate and include black carbon [20, 34-36], clay minerals, iron 
oxides and hydroxides [37, 38], and manganese oxides. Most previous studies 
assessed the redox properties of these phases by determining its reactivity 
towards chemical probes, including organic pollutants such as nitroaromatics 
[39]. As of yet, methods to determine the reduction potentials, and the electron 
donating and accepting capacities of these phases are missing. In principle, the 
mediated electrochemical reduction and oxidation and the mediated 
potentiometry developed in this work are applicable also to characterize the 
redox properties of these particulate phases. In fact, these new electrochemical 
approaches have already been successfully applied to the redox characterization 
of iron bearing clay minerals [40].  
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