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Abstract

Iron is the most abundant redox-active metallic element on the earth’s surface. Quinones, a term that encompasses dihydroxybenzenes
(catechol and hydroquinone), semiquinone radicals, and benzoquinones, are abundant moieties within natural organic matter. Separate-
ly or in concert, iron species (both dissolved and precipitated) and quinones are believed to be key participants in a wide range of envi-
ronmental redox reactions. Here, we investigate how pH, quinone structure, and iron speciation impose thermodynamic constraints on
possible reactions. The steps outlined in this work must be followed to evaluate whether postulated redox processes involving iron and

quinones are energetically feasible.
© 2005 Elsevier Inc. All rights reserved.

1. Introduction

The term quinone collectively refers to organic struc-
tures in three oxidation states linked by one-electron redox
reactions. Fig. 1 illustrates para-quinone structures; hydro-
quinone (p-dihydroxybenzene, with three protonation lev-
els denoted as XH,’, XH™, and X*7) is the fully reduced
form, the p-semiquinone radical (with two protonation lev-
els YH and Y ) is an intermediate oxidation state, and
p-benzoquinone (with one protonation level denoted as
7% is the fully oxidized form. Corresponding ortho-qui-
none structures are shown below:

OH
OH OH o

XH® (Catechol) YH- Z°
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Electronic coupling of o- and p-substituents via reso-
nance yields facile and in many instances reversible electron
transfer. In contrast, meta-substituted forms do not possess
this same level of resonance, do not engage in reversible
two-electron transfer, and hence are not classified as qui-
nones. The fully reduced (Dressler, 1994) and intermediate
(Musso, 1967) oxidation states are shown below:

OH o

OH OH
XH,° (Resorcinol) YH

The fully oxidized form (Z°), if present in aqueous med-
ia, would possess an extremely unstable diradical nature
(Berson, 1988).

NOM is believed to contain significant amounts of qui-
none moieties, arising from the degradation and biological
reworking of plant tissue (Thorn et al., 1992). Reversible
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Fig. 1. Para-quinone structures. (See above-mentioned references for further information)

redox transformations of NOM have been attributed to the
ability of quinone moieties to form stable semiquinone rad-
icals (Scott et al., 1998; Nurmi and Tratnyek, 2002). Qui-
nones such as juglone and lawsone are released by plants
as allelochemicals (Vyvyan, 2002). It has been postulated
that quinones serve as extracellular electron shuttles for
microbial iron respiration (Lovley et al., 1996) and contam-
inant degradation (Schwarzenbach et al., 1990). Histori-
cally, anthraquinone-2,6-disulfonate (AQDS) has been
employed as a model quinone moiety of NOM due to its
stability towards irreversible side reactions, low standard
reduction potential, high water solubility, and the conve-
nience of analysis using UV-visible spectrophotometry.
However, the actual quinone structures present in a given
environment are largely unknown.

Iron is the most abundant redox-active metal ion in ter-
restrial ecosystems (Sposito, 1989). Microbial iron respira-
tion is made possible by the fact that Fe' (hydr)oxides,
although not particularly strong oxidants, are nevertheless
thermodynamically capable of oxidizing a wide range of
organic substrates (Lovley, 2001). As a reductant, Fe'' is
strong in a thermodynamic sense and reactive in a kinetic
sense. Fe'' reduces naturally occurring compounds such

as Mn"™!V' (hydr)oxides (Postma and Appelo, 2000), and
contaminants such as oxime carbamate pesticides (Strath-
mann and Stone, 2001) and nitroaromatic compounds
(Kalusen et al., 1995).

A balanced chemical reaction is provided below for the
reduction of p-benzoquinone (Z°) to hydroquinone XH,’
by Fe' under near-neutral conditions with amorphous
Fe'" hydroxide as the solubility-limiting phase.

7°+42Fe** +6H,0 =XH,°+2 Fe'"(OH)3(s,amorph)+4 H*
(1)

Equilibrium constants and mass balance equations are
needed to account for the chemical speciation of quinones
and iron dictated by protonation, coordination chemistry,
and precipitation/dissolution. An equivalently useful way
of addressing a redox reaction is to break a “full” reaction
(Eq. (1)) into two “half” reactions for quinone (Eq. (2))
and iron (Eq. (3)):

Z°+2H" +2¢~ = XH," )
Fe"'(OH);(s,amorph) + 3H* + ¢~ = Fe?* + 3H,0 (3)
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Reduction potentials (E in volts), calculated using the
Nernst equation (Laidler and Meiser, 1999), allow the ener-
getics of each half-reaction to be evaluated separately. The
half-reaction pair with higher reduction potential is ther-
modynamically capable of oxidizing the half-reaction pair
with the lower reduction potential. The reaction reaches
equilibrium when reduction potentials of the two systems
are equal to one another. For organic compounds, the
comparison of reduction potentials allows us to document
substituent effects and structure-reactivity relationships
(Bailey et al., 1983; Bailey and Ritchie, 1985). For inorgan-
ic compounds, effects of chelation and other changes in
speciation can be explored (Stone, 1997).

Plants, fungi, and bacteria release aliphatic carboxylic
acids to acquire micronutrients, sequester toxic metals,
and establish electrochemical gradients (Jones, 1998).
Within the rhizosphere, the portion of soil in close prox-
imity to plant roots, oxalic acid, citric acid, and other ali-
phatic carboxylic acids are found at concentrations as
high as 1.0 mM (Sposito, 1989). The deprotonated forms
of these acids possess anionic oxygen Lewis Base groups,
which form complexes with Fe'! with higher complex for-
mation constants than with Fe''. By stabilizing Fe'"!, oxy-
gen-containing ligands lower the reduction potential for
Fe'M'/Fel! half-reaction, making the oxidation of Fel
more thermodynamically favorable. Rates of Fe'' oxida-
tion by Cr'! (Buerge and Hug, 1998) and oxime-carba-
mate pesticides such as oxamyl (Strathmann and Stone,
2002) have been found to correlate with Fe'"'/Fe'reduc-
tion potential.

Quinones, Fe'"/Fe!', and aliphatic carboxylic acids
likely coexist within many soils and sediments. Here, our
objective is to consider thermodynamic aspects of redox
reactions involving these chemical constituents. The redox
chemistry of quinones and iron will be developed separate-
ly, then redox reactions between them will be considered.
Effects of quinone functional groups, precipitation/dissolu-
tion, and complex formation by aliphatic carboxylic acids
will be explored. By quantitatively accounting for each fac-
tor controlling reaction energetics, it is possible to predict
the direction and extent of quinone-iron redox reactions.
Subsequent papers in this series explore in detail the kinet-
ics of these redox processes.

2. Sources of thermodynamic information and calculation
procedures

All model quinone structures used in this study are listed
in Table 1 with corresponding equilibrium constants. Sta-
bility constants for the iron hydrolysis reactions and solu-
bility product constants for amorphous Fe'' and Fe'
hydroxides are provided in Table 2. Stability constants
for Fe'" and Fe" complexes with malonate and oxalate
are given in Table 3.

In order to separately address the reactant speciation
and the extent of reaction, calculations were performed
in two distinctive steps. In the first step, half-reactions

for possible redox reactants were examined. Concentra-
tions of both oxidized and reduced form of quinone
or iron system are specified, and their acid-base specia-
tion was calculated using HYDRAQL (Papelis et al.,
1988) equilibrium speciation software. To calculate the
reduction potential (E) for the half-reaction being con-
sidered, outputs from HYDRAQL calculation were
inserted into an appropriate Nernst equation using the
Microsoft Excel software. The outcomes of the calcula-
tion procedures described above are acid—base speciation
diagrams and E versus pH diagrams for quinone and
iron reactants.

After examining the half-reactions of the reactants, the
following ““full”” reactions were considered: redox reactions
between different quinone structures (cross reaction), and
redox reactions between quinones and iron. Again, concen-
trations of reactants were specified and their acid—base spe-
ciation was determined using HYDRAQL. Outputs from
HYDRAQL calculations were inserted into electron bal-
ance and mass balance equations addressing the full reac-
tion being considered. The extent of full reaction was
evaluated by the product concentration, which was deter-
mined by the iteration of two or more equations using Ex-
cel. The calculation procedures described above allow us to
construct a plot of product concentration versus pH for the
“full” reaction under consideration.

3. Reactant description
3.1. Quinones without Lewis base side-groups

In order to provide a complete description of proton-
ation speciation, we use different abbreviation letters for
fully oxidized (Z), intermediate (Y), and fully reduced (X)
oxidation states. Dihydroxybenzenes are fully protonated
under acidic conditions XH,’, but successively lose pro-
tons, forming XH™ and X2, as the pH is increased. Com-
parison of first (pK,;) and second (pK,) acid dissociation
constants for catechol, hydroquinone (Table 1), and resor-
cinol (pK,; = 9.52; pK,» = 11.50 (Martell et al., 2004)) re-
veals the following trends:

pK,; values: hydroquinone > resorcinol = catechol
pK.» values: catechol > hydroquinone > resorcinol

The two OH groups in catechol and hydroquinone are cou-
pled to one another through resonance interactions, while
the two OH groups in resorcinol are not. In addition, hydro-
gen bonding takes place within XH™ form of catechol, but
not in hydroquinone and resorcinol. The hydrogen bonding
interaction in catechol stabilizes XH ™ relative to XH,° and
X?~. As a consequence, catechol exhibits the lowest value
of pK, and the highest value of pK,,.

We now turn our attention to electron transfer equilib-
ria. The fully oxidized and fully reduced forms of a quinone
are linked through the half-reaction described in Eq. (2).
The corresponding Nernst equation is given below:
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Table 1
Names, structures, standard reduction potentials (E°)?, and acid dissociation constants (pK,)° of model quinones

Name Structure(oxidized form; ZO) Structure(reduced form; XHZO) Ey (volts) pKa; pKaz

o-Benzoquinone (Z°) 0.803%¢ 9.45" 13.74

Catechol (XH,")

o
: 2
I

o

==

OH

Chloro-p-benzoquinone (Z°) 0.712°¢ 9.28 11.618

Cl
Chlorohydroquinone (XH,")

Cl

O

OH

p-Benzoquinone (Z°) 0.699%  10.16"  12.02

Hydroquinone (XH,)

o

OH

o o o =Q= on

OH 0.687° N/A N/A
CH,COOH pKaR pKaz

4.30° 3.30°

Homogentisic acid (XH,")

Benzoquinonacetic acid (Z°) CH,COOH

O

OH

O

2,5-Dimethyl-p-benzoquinone (Z°)

e h g
2,5-Dimethyl-hydroquinone (XH,) 0.593 10.68 13.11

-
-

OH
5-Hydroxy-naphtho-hydroquinone (XH,’) OH 2 OH OH 0.428° 10.60°  N/A
Juglone (Z°) pPK.r pKaz
° OH 0.228%¢  g81° 10.5¢

Anthraquinone-2,6-disulfonate (AQDS Z°) 0 OH
Anthrahydroquinone-2,6-disulfonate (XH,’) l I l SO5° l l l SO;”
‘058 ‘058
OH

2 E, represents the standard reduction potential for the following reaction: Z° + 2H™ + 2¢~ = XH,’. Unless otherwise noted, no activity corrections
were made.

® Corrected to zero ionic strength using the Davies equation (Stumm and Morgan, 1996). pK,, and pK,» represent first and second acid dissociation
constants for -OH groups of the dihydroxybenzene. pK,r and pK,7 represent acid dissociation constants of substituents on the reduced and oxidized form,
respectively.

¢ Corrected to zero ionic strength using the Davies equation (Stumm and Morgan, 1996).

4 For fully protonated species of both oxidized and reduced forms.

¢ Clark (1960).

! Martell et al. (2004).

€ Clemmer et al. (1979).

b Fukuzumi et al. (1989).

! Deiana et al. (1995).

3
g
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Table 2

Stability constants® for Fe'' and Fe!! hydrolysis reactions

Equilibrium expression LogKb
Fe’* + H,0 — HY = Fe""OH™ —9.397
Fe?' + 2H,0 = Fe'(OH),’ + 2H" —20.494
Fe?" + 3H,0 = Fe'(OH);~ + 3H" —28.494
Fe?t + 4H,0 = Fe'(OH),>~ + 4H" —45.988
Fe’t + H,0 = FeOH?*" + H" —2.187
Fe*t + 2H,0 = Fe"(OH)," + 2H™" —4.594
Fe** + 3H,0 = Fe"(OH);’ + 3H™ —13.600
Fe*t + 4H,0 = Fe'"(OH),” + 4H" —21.588
2Fe*" + 2H,0 = Fe'",(OH),*" + 2H" —2.854
3Fe*" + 4H,0 = Fe!'';(OH)> " + 4H" —6.288
Solubility product constants

Fe?" + 2H,0 = Fe'{(OH),(s,amorphous) + 2H" —12.844°
Fe*t + 3H,0 = Fe'"(OH)4(s,amorphous) + 3H™" —3.00¢

@ Corrected to zero ionic strength using the Davies equation (Stumm
and Morgan, 1996).

® Martell et al. (2004).

¢ Cornell and Schwertmann (1996).

4 Stumm and Morgan (1996).

Table 3
Stability constants® for Fe! and Fe' complexes with malonate and
oxalate

Equilibrium expression LogK
Malonate

H+L> =HL" 5.696
2H" 4+ L?>” =H,L° 8.543
Fe*™ + L?>” =Fe''L? 2.985
Fe’t +2 L? = Fe''L,>~ 4.025
Fe*™ + 1> =Fe'lL* 9.136
Fe3™ + 212" = Fel'lL,~ 15.444
Fe*™ + 312 = Fe''lL3~ 18.82
Oxalate

H"+L?> =HL" 4.266
2HT + 1> =H,L° 5.518
Fe?t + 12 = Fe!'L’ 3.865
Fe*™ + 212~ = Fe!'L,>~ 5.895
Fe?™ +3L% = FellL,*~ 5.220°
Fe*™ + L> =Fe'lL* 8.803
Fe’t + 212 = Fe''lL,~ 15.441
Fe’t + 312 = Fe'"Ly*~ 19.823

% Martell et al. (2004), unless otherwise noted. Values have been
corrected to zero ionic strength using the Davies equation (Stumm and
Morgan, 1996).

® Schaap et al. (1954).

0 Z'}{H"}
E=E"+ 2F <{{;H°}> @

where E° is the standard reduction potential for Eq. (2),
R is the gas constant (8.314JK 'mol™!), T is the
absolute temperature, and F is the Faraday constant
(9.6485 x 10* C mol!). Both E and E° are directly tied to
the partial molar Gibbs free energy values (i.e., nf) (Stumm
and Morgan, 1996) and hence the activities of the species in
Eq. (2). Since Z° and XH," are neutral, their activity coef-
ficients are equal to 1.0:

RT
E=E"+—

g n(rers)

+ 2 (Lﬂ [H+]2>. (5)

2 "\ i,

Unfortunately, many reports of standard reduction poten-
tials for organic species fail to provide sufficient informa-
tion about the medium composition, especially the ionic
strength, that allows activity coefficients to be calculated
(Clark, 1960). When this situation is encountered, the first
two terms in Eq. (5) must be lumped together:

Ey=E° + 2F ln(Y+Y+)' (6)
Hence, Eq. (5) can be rewritten as the following:
RT _([2°]H']
E=FEy+—In|——|. 7
0 oF ( [XHzo] ( )

Table 1 makes a distinction between standard reduction
potentials for which reliable activity corrections can be
made (E°) and standard reduction potentials that have val-
ues that can be expected to vary in unknown ways as the
medium composition is changed (Ey) (Clark, 1960). For
the reaction presented in Eq. (2), the discrepancy between
E’ and E, is —0.001V at an ionic strength of
1.0x10° M, and —0.010V at an ijonic strength of
0.50 M. Hence, reduction potential values calculated using
E, are not far off from values achievable if £° values were
available.

In order to account for the protonation and deprotona-
tion of XH,", we write a mass balance equation for the ful-
ly reduced form:

Xy = [XH,"] + [XH] + [X*7]. (8)
Since °K,; = X];(H;:] and °K,, = %, Eq. (8) becomes
the following:
Ka[XH,"] K, °K.[XH,)|
Xr = [XH,’ : =2
T [ 2 } + [H+] [H+}2 (9)
Rearrangement of Eq. (9) yields Eq. (10):
+12
D e L . (10)
[H']" + *Kar[H'] + KKz
Substitution of Eq. (10) into Eq. (7) yields Eq. (11):
E=E+2L
" oF
Z) ([P + K [H] 4+ KK
x In (11)

Xr

For known Zz (Zy=Z") and X, the reduction potential
(E) at a given pH can be determined using Eq. (11). Essen-
tial thermodynamic equations for quinones without Lewis
base side-groups are summarized in electronic annex EA-1.

Fig. 2 presents E (in volts) versus pH for the o-benzoqui-
none/catechol and p-benzoquinone/hydroquinone half-re-
actions. For both catechol and hydroquinone, XH,’ is
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Fig. 2. Two-electron reduction potentials as a function of pH for
p-benzoquinone/hydroquinone (thin line) and o-benzoquinone/catechol
(thick line). Calculation conditions: 25 pM Z7, 25 uM X7 Vertical lines
represent pK,, and pK,, of hydroquinone (thin line) and catechol (thick
line).

the predominant protonation level under acidic conditions,
which shifts to the species XH™ in the pH range between
pK.,; and pK,,, and finally to X>~ at pH values greater than
pK.>. The observed shift in protonation level of the re-
duced species, in turn, affects the slope of the E versus
pH plot, as described below.

To assess the pH effects on reduction potential, we start
by expressing Eq. (11) in terms of log;y:

- 2.303 RT | (Z°] N 2.303 RT
TR R\X, 2F
% log ([H'] + Ky [HY] + Ky Koo ). (12)

Using the relationship pH = —log[H™], slopes in Fig. 2 can
be quantitatively justiﬁed:

Below pKap: [H'] > (Ko [HY] + K1 °K o)

N 2 303 RT [z"] 2.303 RT
=Eo+ 2 303 R ( > —0.059 (pH). (14)

Between pK,; and pK,>: °K, [H*] > ([H*]2 + CKachag)

2. 303 RT [ 2 303 RT c
E~Ey+—log ————— log °K
T
_ 2303 RT 303 RT
(pH) (15)
2.303 RT [Z°]\ 2303 RT, .
=Ej+———1 — ———log°K
05— log (XT T log Ka
—0.030 (pH). (16)

Above pK,»: K, 1°Kp > ([H+]2 + Ky [H+]>

N 2.303 RT [Z°]\  2.303 RT
E=Eo+—p—log <x—> T
x log °K,1°K . (17)

Inspection of Egs. (14), (16), and (17) indicate that
slopes for plots of E change from —0.059 to —0.030, and
finally to 0.0 as the pH reaches pK,; and pK,,. Fig. 2 indi-
cates that the reduction potential of the o-benzoquinone
system is approximately 0.1 V higher than that of the
p-benzoquinone system, and that the catechol monoanion
(XH™, predominant between pK,; and pK,,) is stable over
a wider pH range than the hydroquinone monoanion.

Fig. 3 presents plots of E versus pH for chloro- and 2,5-
dimethyl-substituted p-benzoquinone/hydroquinone redox
couples. Added ring substituents yielded E versus pH plots
with the general features described above for the unsubsti-
tuted form, albeit with line shifts. As shown in Fig. 3,
dimethyl substitution lowers E at a fixed pH, reflecting
greater stability of the fully oxidized benzoquinone form
relative to the fully reduced hydroquinone form. Both
pK.1 and pK,, of the fully reduced form are raised, and
as a consequence the eventual leveling out of the E versus
pH line occurs at higher pH. Both observations are the
consequences of a electron-donating effect of the dimethyl
substituent, which compensate for the electron deficit expe-
rienced by the aromatic ring during oxidation and proton-
ation (Bruice, 1998). Because of its electron-withdrawing
nature, chloro substituent yields opposite effects (Fig. 3).

Inductive and resonance effects of ring substituents are
the primary contributing factors to the overall electronic
characteristics of a given quinone molecule:

(1) Inductive effects (Bruice, 1998): sigma electron-do-
nating substituents, such as -CHj, raise the pK, of
the fully reduced form XH,’ and lower E° for the
half-reaction shown in Eq. (2). Sigma electron-with-
drawing substituents, such as -NH5", yield the oppo-
site effect.

pK 1Chlom pK zchlcvo
a’ a
T T T T
Py
% pKa‘dlmet yi pKag‘me-‘ !
>
- -
w \
01} >~ =
0.0 4
\
01| T
_0.2 1 1 1 1 1 1 1 1 1 1 1 1
1 2 3 4 5 6 7 8 9 10 11 12 13 14

pH

Fig. 3. Effects of chloro (thick solid line) and 2,5-dimethyl (thin solid line)
substituents on the two-electron reduction potential of p-benzoquinone/
hydroquinone. A dashed line for the unsubstituted couple is also shown
for a reference. Calculation conditions: 25 uM Z7, 25 uM Xr. Vertical
lines represent pK,; and pK,, of chloro- (thick line) and 2,5-dimethyl-
(thin line) substituted hydroquinones.
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(i1)) Resonance effects (Bruice, 1998) arise from the sta-
bilization that accompanies the delocalization of
electrons within a molecular structure. Substituents
possessing a pair of non-bonded electrons on the
atom directly attached to the ring (e.g., -OH) are
able to donate electrons by resonance. Substituents
such as —-NO,, -SOsH, -COOH, and —~COR with-
draw electrons by resonance delocalization of =
electrons of the aromatic ring onto the substituent
(Bruice, 1998). As aromatic ring numbers increase
from benzene to naphthalene to anthracene, greater
resonance stabilization within the fully reduced
form XH,® causes a decrease in E%Z°/XH,)
values.

3.2. Quinones with Lewis base side-groups

Based upon potentiometric titrations (Ritchie and Per-
due, 2003) and NMR (Thorn et al., 1992) studies, most
investigators believe that aromatic -COOH and -OH
groups are the most abundant Lewis base groups within
NOM. Although specific NOM structures are yet to be
characterized, natural products such as caffeic acid (Deiana
et al., 1995), gentisic acid (Capelle et al., 1996), and juglone
(Schwarzenbach et al., 1990) can serve as illustrative
examples.

The pH dependence of each benzoquinone/dihydroxy-
benzene half-reaction is influenced by the pK, values of
the Lewis base side-groups (-R) of both fully oxidized
and fully reduced oxidation states:

H,X-RH'=H,X-R-+H* pKa (18)
H,X-R-=HX"-R-+H* pK, (19)
HX -R™-=X>-R™+H" pKyp (20)
ZRH°=Z-R-+H" pK, (1)

Differences in Lewis base pK, values between the fully
reduced (Egs. (18)—(20)) and the fully oxidized (Eq.
(21)) forms matter the most to the energetics of two-elec-
tron oxidation. Fig. 4 presents plots of E versus pH for
benzoquinoneacetic acid/homogentisic acid redox couple.
Lewis base side-group on benzoquinoneacetic acid pos-
sess following pK, values: pK,r =4.30, pK,z = 3.30 (Ta-
ble 1). The carboxylic acid/carboxylate group is
electronically isolated from the ring by the methylene
group. Indeed, the methylene group makes the -
CH,COOH/-CH,COO™ substituent net electron-donat-
ing. As a consequence, E for the benzoquinoneacetic
acid/homogentisic acid half-reaction is lower than that
for p-benzoquinone/hydroquinone. Unlike in Fig. 3, lines
in Fig. 4 are not parallel to one another. In fact, the
slope of benzoquinoneacetic acid/homogentisic acid cou-
ple increases after passing pK,z, and further increases
past pK,r (Fig. 4). Deprotonation of the ring substituent
with increasing pH makes it more electron-donating and
further stabilizes the benzoquinone form.

0.65
0.60
0.55
0.50
0.45
0.40

E (volts)

0.35
0.30
0.25

0.20

0.15 1 1 1 1 1 1
1 2 3 4 5 6 7 8

pH

Fig. 4. Plots of E versus pH for benzoquinoneacetic acid/homogentisic
acid redox couple (thick line). Calculation conditions: 25 uM Z7 and
25uM Xg. Vertical lines represent pK,z and pKg. Thin line for p-
benzoquinone/hydroquinone redox couple is shown for a reference.

3.3. Semiquinone radicals

Semiquinone radicals are formed from the one-electron
oxidation of dihydroxybenzenes, from the one-electron
reduction of benzoquinones, or from one-electron transfer
from dihydroxybenzenes to benzoquinones, in a process
termed comproportionation (Roginsky et al., 1999), as
summarized in Fig. 1. From the acid-base reaction de-
scribed in Fig. 1, following mass balance for the semiqui-
none radical (Y7) can be obtained:

Y, =[Y ]+ [HY . (22)

Mass balance and electron balance equations are needed to
quantify Y7 arising from comproportionation at fixed X
and Z7. The mass balance for a quinone system (S7) can
be written as shown below.

Sr=Xr+Yr+7Zp, (23)
S = [XH,] + [XH |+ [X*7] + [YH] + [Y ] + [Z°].
(24)

To establish an electron balance, it is useful to classify
different oxidation states in terms of the ‘‘electron lev-
els”. Two-electron and one-electron quinone half-reac-
tions shown in Fig. 1 (Equations F1-1, F1-4, and F1-6)
provide the basis for assigning the electron levels: a level
of 2 for dihydroxybenzenes, a level of 1 for semiquinone
radicals, and a level of 0 for benzoquinones. These elec-
tron levels, in turn, allow us to write a mass balance
equation for electrons:

er = 2X7 =0 + Y70 = 2X7eq + Y7 g, (25)
er = 2[XH,] + 2[XH |+ 2[X* | + [YH] + [Y"]. (26)

Concentrations for all quinone species can be written in
terms of [Z°], as shown in electronic annex EA-2. The fol-

lowing equation provides the electron balance equation
rewritten in terms of [Z°]:
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e = 2EXP <_ 2F(E —ng)> ( T L H 1) 12°)

RT KauK.pn Ko
; EXP(— F<E;TE%Y)) (B‘j] N 1) 2. 27)

Likewise, mass balance equation can be rewritten in terms
of [Z°):

Sr :EXP(— ]22—1; (E — ng)) <1£H]K]2 + [113—2] + 1) 2]

we-s)) (Bl )iz 2
(23)

+ EXP (—

At equilibrium, F is the same for all half reactions consid-
ered. Mass balance for quinones (S7; Eq. (28)) and elec-
trons (er; Eq. (27)) constitute two equations with two
unknowns (E, [ZO]). For known S and ez, two unknowns,
E and [Z°], can be determined by iteration. Subsequently,
concentrations of semiquinone radical species can be deter-
mined using EA-2.

Fig. 5 presents plots of log[YHT], log[Y ], and lo-
g(Y7) as a function of pH at fixed X7 (25 uM) and Z7
(25 uM) for unsubstituted ortho- and para-quinone sys-
tems. Recall that XH,’ and Z° are the predominant pro-
tonation levels of the fully reduced and fully oxidized
forms within the pH range shown. The linear increase
in log[Y "] with increasing pH is a direct consequence
of the following reaction:

7' + XH, =2Y " +2H" (29)

The observation that log[YH] is independent of pH is the
consequence of reaction provided in Equation F1-7 in
Fig. 1. The net effect is that comproportionation is largely
independent of pH below the pK,y of the semiquinone rad-
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ical, but grows in importance with increasing pH once the
pH is greater than the pK,y.

The ortho-quinone system possesses higher K., value
of 107'? than the para-quinone system (10~'%; Fig. 1).
Fig. 5 nicely illustrates the dual role of K.y, and pK,y in
setting Y. Under strongly acidic conditions, Y7 is 25-
times lower for the para-quinone system, a direct conse-
quence of the lower value of K., relative to that of the
ortho-quinone system. As the pH is increased, the pK,y
for the para-radical is reached 0.9 log units earlier than
for the ortho-radical. For this reason, Y under neutral
and alkaline conditions is only 3-times lower for the
para-quinone system than the ortho-quinone system.

3.4. Iron speciation in non-complexing electrolytes and in the
presence of ligands

For Fe'' in simple electrolyte media without added li-
gands, the following equation represents the total dissolved
Fe'! concentration (Fe'' ;).

Fell; = [Fe(aq)2+] +[Fe"OH*]+ [Fe”(OH)ZO]
+[Fell(OH);~] + [Fell(OH),>). (30)

The concentration of each dissolved species within Fe'' is
set by its complex formation constant (K), as shown in elec-
tronic annex EA-3. Electronic annex EA-4 provides ways
to express all Fe'" species in terms of Fe(aq)2+ concentra-
tion, allowing us to rewrite Eq. (30) in terms of [Fe(aq)H]
Whenever a solubility-limiting solid-phase such as
Fe"(OH),(s,amorph) exists in a system, [Fe(aq)H] is fixed
by the solubility product constant (Ksp). Using EA-4, anal-
ogous procedure should be followed to determine Fe'!
speciation.

When iron-coordinating organic ligands are present, a
mass balance equation for the total dissolved ligand (L)
must be established (electronic annex EA-5). An example

B pKavortho
-9 T T T T T T T

-10 | s

11} 4
12 4
13 | 4
YH* <

\4—<

14+

-15 | 4

log [i] (M)

-16 | 4
A7 ¢ 4
-18 | 4
-19 | 4

-20 1 1 1 1 1 1 1

pH

Fig. 5. Total concentrations and protonation levels for semiquinone radicals achieved by equilibrium comproportionation reactions in systems consisting
of (A) hydroquinone and p-benzoquinone and (B) catechol and o-benzoquinone. For each calculation, X7=Z7 =25 uM.
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is given below for Fe'! in the presence of dicarboxylate che-
lating agent oxalate.

Ly =[H,L°]+[HL ]+ [L>"]
+[Fel'LY] + 2[Fel'L,>] + 3[FellLy*]. (31)

For Fe'';, additional terms for Fe'-oxalate complexes are
needed, as shown in bold below:

Fer' =[Fe(q)’ ]+ [Fe"OH ']+ [Fe'(OH),"]
+[Fe'(OH);7] + [Fe'(OH),>"] + [Fe''L*]
+ [Fe"L,?"] + [FeLy* . (32)

The concentration of each species in Egs. (31) and (32) can
be related back to free iron ([Fe**]) and free oxalate ([L>7])
concentrations using the corresponding equilibrium con-
stant (K), as shown in electronic annex EA-6. When Fe'',
and Lz are known, Egs. (31) and (32) provide solutions
for the two unknowns, [L>~] and [Fe**]. Similar procedure
should be followed to determine Fe' speciation in the
presence of iron-coordinating organic ligands using EA-5.

Fig. 6 shows the speciation of Fe' and Fe'"' as a func-
tion of pH in the presence of a 10-fold excess of oxalate.
At low pH, metal ions must compete with protons for
available chelating agent. The higher charge and smaller
radius of Fe' cause it to be more successful than Fe'' at

A 500

400

300

[Fe"] (uM)

200

100

400

300

[Fe"] (uMm)

200

100

pH

Fig. 6. Effect of 5 mM oxalate on the speciation of (A) 500 M TOTFe"
and (B) 500 uM TOTFe'! as a function of pH. Fe(OH),(s,amorphous)
and Fe(OH)s(s,amorphous) are used as the solubility-limiting phases.

capturing chelating agents under acidic conditions. Indeed,
complexation by Fe''! exceeds complexation by Fe'' as the
pH is increased until the point is reached where Fe'"'(OH);
(s,amorphous) precipitates. Above pH 6.0, complexation
with Fe"! drops off considerably; free chelating agent is un-
able to compete successfully with hydroxide ion for avail-
able Fe''. As noted earlier, Fe!' exhibits a much lower
affinity for hydroxide ion, and this is reflected in the speci-
ation calculations: the highest concentrations of total com-
plexed Fe'! appear at higher pH than for Fe''' complexes.
For both Fe' and Fe'!, the greatest complex formation
with oxalate is achieved at pH range where the protonation
of organic ligand and the hydrolysis of iron are least signif-
icant. Analogous iron speciation diagram in the presence of
excess malonate is provided in electronic annex EA-7.

We now turn our attention to the calculation of reduc-
tion potential for systems containing both Fe'' and Fe'".
The first step is to separately work out the acid-base speci-
ation of the two oxidation states using mass balance equa-
tions. Calculated values for [Fe(aq)H] and [Fe(aq)H] are
then inserted into the Nernst equation shown in Eq. (34).

Fe’t +e- =Fe* E,(Fe*t/Fe**)=0.776 V, (33)
RT | [Fe*')

E(Fe"/Fe'Y = Ey + — In——. 34

(" el = o + 7 In (34

As shown in Fig. 7, the effect of increasing oxalate and
malonate concentrations on E versus pH plots is complex.
It is useful to start by noting the lowest pH where
Fe'"(OH)s(s) precipitation takes place. Increasing the che-
lating agent concentration raises the pH of precipitation,
and oxalate yields a higher pH of precipitation than an
equal concentration of malonate. When the pH is below
the point where Fe'((OH)s(s) precipitation takes place,
adding chelating agent causes both [Fe(aq)H] and [Fe(aq)H]
to decrease. The decrease in [Fe,q)> ] is greater, however,
because of the greater affinity of oxalate and malonate
for the oxidation state with the higher charge and smaller
radius. In agreement with Eq. (34), a lowering of the reduc-
tion potential with increasing chelating agent concentration
is observed.

When the pH is above the point where Fe'"(OH)(s)
precipitation takes place, [Fe(aq)H] is “fixed” by the solu-
bility product constant (Table 2) and therefore is indepen-
dent of the chelating agent concentration. [Fe(aq)H],
however, decreases with increasing chelating agent concen-
tration, since there is no “reservoir” of solid-phase Fe'' to
draw from. In agreement with Eq. (34), a rise in reduction
potential with increasing chelating agent concentration is
observed.

When the pH is above the point where Fe"((OH),(s) pre-
cipitation takes place in addition to Fe"(OH)s(s), both
[Fe(aq)H] and [Fe(aq)H] are “fixed” by the solubility prod-
uct constants (Table 2). In agreement with Eq. (34), chelat-
ing agent concentration no longer influences the iron
reduction potential. For a detailed description of iron spe-
ciation in the presence of additional organic acids citric
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Fig. 7. Effect of increasing oxalate and malonate concentrations on the reduction potential of iron. In each figure, both TOTFe'" and TOTFe™ were fixed
at 250 uM (TOTFe = 500 uM). Fe''(OH),(s,amorphous) and Fe'(OH);(s,amorphous) were used as solubility-limiting phases. Arrows indicate the pH

where Fe''(OH),(s) first begins to form.

acid and mugineic acid, readers are referred to a review by
Stone (1997).

4. Chemical reactions
4.1. Cross reactions between quinones

In a process termed cross reaction, quinone species
with one structure (System I) engage in electron trans-
fer reactions with quinone species having a different
structure (System II). Mass balance equations for qui-
nones and electron are needed to determine quinone
speciation as a result of cross reaction. To keep the
two systems distinct, the nomenclature used to denote
three different oxidation states of the first quinone sys-
tem (X, Y, and Z) needs to be expanded to deal with
a second quinone system. The symbols A, B, and C
will be used to denote the fully oxidized, intermediate,
and fully reduced oxidation states of the second qui-
none system:

System 1 System 11 Electron level
Dihydroxybenzene:

Xr(Eq. (8)) Ar=[AH,’] + [AH ] +[A*] (35) 2

Semiquinone radical:

Y7 (Eq. (22)) By = [BH] + [B"] (36) 1
Benzoquinone:
Zr Cr=[C" (37) 0

The assigned electron levels allow us to write a mass bal-
ance equation for electrons:

er = 2Xr—0 + 2Ar—0 + Yr—0 + Bri—o
= 2>(T.,eq + 2A‘T.,eq + YT,eq + BT,eq7

er = 2[XH," + 2[XH ] + 2[X*] + 2[AH,"] + 2[AH ]

+2[A* ]+ [YH] +[Y "]+ [BH] + B]. (39)

EA-2 shows how to write concentrations for all quinone
species in terms of [Z°] and [C°], which enables us to rewrite
Eq. (39) as the following:

0
eT:ZEXP< 2FE EXZ ( ]+1>[z°]
aXlKaXZ aX2

(1 E%)([K ey
)[CO]

. 2EXP< 2FE EOAC )( H [H*]
lAleAZ |A2
F(E*E%c) [H"] 0
) (el )ien
In Eq. (28), mass balance equations for the quinone System
I was expressed in terms of [Z°]. Following the procedure
described for obtaining Eq. (28), mass balance equation
for the second quinone system can be expressed in terms
of [CY].

At equilibrium, £ is the same for all half reactions
considered. Mass balance equations for electrons and
the two quinones systems constitute three equations
with three unknowns (E, [Z°], and [C°]). After solving
for unknowns by iteration, concentration of each qui-
none species can be calculated as shown in electronic
annex EA-2.

As an illustrative example, consider the following initial
conditions (case (i)): 100 uM XH> and 100 uM C°. Using
Eq. (38), the following electron balance holds:

2[X;],_, =200 uM
:2XT,eq + 2IATAeq + YT,eq + BT,eq'

+EXP (— (40)

(41)
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The quinone mass balance equals to 200 pM.

Now consider different initial conditions (case (ii)):
50 uM XH,, 50 uM Z°, 50 uM AH,, and 50 uM C°. The
following electron balance holds:

2[XTL:0 + 2[Ar]t:0 =200 uM
=2Xreq +2A70q + Yreq + Breg.  (42)

Like in case (i), the quinone mass balance in case (ii) equals
to 200 pM. Therefore, case (i) and case (ii) afford the same
electron balance (200 M) and quinone mass balance
(200 pM). We will use the concentration of hydroquinone
formed (X 7) as a measure of reaction progress when equi-
librium is attained. Since the set of equations and inputted
parameters for the two cases are the same, both cases yields
the same X .

In Fig. 8, p-benzoquinone (System I) is reacted sepa-
rately with three different reductants (System II), chloro-
hydroquinone, 2,5-dimethylhydroquinone, and
homogentisic acid. As shown in Fig. 3, E (hydroqui-
none/benzoquinone) and E(chlorohydroquinone/chloro-
benzoquinone) decrease with increasing pH, but the
slopes of the two plots are the same up to pH approxi-
mately 9.0. As a consequence, X7 does not change with
pH when p-benzoquinone is reacted with chlorohydro-
quinone (Fig. 8). Similar pH dependence observed for
the dimethyl-substituted quinone in Fig. 3 resulted in
the negligible pH effects on X4, when 2,5-dimethylhydro-
quinone is the reductant (Fig. 8).

As discussed previously (Fig. 4), protonation/deproto-
nation of the —CH,COOH side-group alters the pH
dependence of the benzoquinoneacetic acid/homogentisic
acid half-reaction. As a consequence, using this quinone
system in a cross reaction with p-benzoquinone/hydro-
quinone (Fig. 8) yields a shift in product yield in the
vicinity of its pK,r and pK,z (Table 1). Deprotonation

100 | -
90 | -
80 | — T T T
70 _— —
sor——— -
50 | -
40
30 | -
20 | -

10 E

Xy (uM)

pH

Fig. 8. Hundred micromolar of p-benzoquinone undergoes cross reaction
with 100 uM chlorohydroquinone (thin solid line), 2,5-dimethylhydroqui-
none (thick solid line), and homogentisic acid (thick dashed line) until
equilibrium conditions are attained. The y-axis shows the hydroquinone
concentration attained at equilibrium.

of ring substituent near pK,; and pK,r decreases E
(benzoquinoneacetic acid/homogentisic acid), while E
(hydroquinone/benzoquinone) is relatively insensitive to
pH (Fig. 4). The lower E of the reductant half-reaction
results in higher driving force for the reduction of p-
benzoquinone, thus affording greater X, at higher pH
(Fig. 8).

Fig. 8 also illustrates the influence of ring substituents
on X7 at a fixed pH. A stronger reductant, possessing a
lower Ey(Z°/XH,), yields a higher X;. Throughout the
pH range of reaction in Fig. 8, the extent of reaction
increases in the following order: chlorohydroquinone
(0.712 V), homogentisic acid (0.687 V), and 2,5-dimethyl-
hydroquinone (0.593 V).

4.2. Iron in non-complexing media and quinones

When the reaction is fully reversible, dihydroxybenz-
enes (XH,) can reduce Fe'", while corresponding benzo-
quinones (Z% can oxidize Fe" (Eq. (1)). Electron and
mass balance equations for the quinone system have
been described in the previous section. From the Nernst
equation for iron described in Eq. (34), the electron level
of Fe'' equals to one, and the electron level of Fe'!
equals to zero. From electron levels for quinone and
iron, a net mass balance equation for electrons can be
written:

er =2Xr—0+ Y70 + FelTliz:O

= 2X7req + Yreq + Fer g, (43)
er = 2[XH,] + 2[XH |+ 2[X* ] + [YH] + [Y ]
+ [Fe**] + [Fe""OH"] 4 Fe''(OH),”"]

+ [Fe""(OH), ] + [Fe"(OH),”]. (44)

As shown in electronic annexes EA-2 and EA-4, Eq. (44)
can be rewritten in terms of [Z°] and [Fe*"].

2F(E—EY%,) H)? [H']
=2EXP|( — Xz 1][z°
er ( RT ) (KaXlKaX2+KaX2+ 2]

+EXP (—F(E;TE%Z)> ([II:? + 1) Z°]

+[Fe o 1+ Kreon+ [Fe,q) |[OH ]
+ KFe(OH)zo [Fe(aéﬂ [OH_]Z + KFe<0H>{ [Fe(aczlﬂ [OH_P
+Kreon), [Fe<a§)ﬂ[OH*]4. (45)

The mass balance equation for the iron system (Fey) is de-
scribed below.

Fe; = Fe', + Fe'l]. (46)

As shown in electronic annex EA-4, Eq. (46) can be ex-
pressed in terms of [Fe*']:
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Fer = [Fe
+KFe OH) 0[

']+ Kreon [Fe,q) J[OH]
e(aqz)*][OH I
+Kreiom, [Feg JOH ] +K

F(E—E") ) Fe?*)

€uq) JIOH ]’

Fe(OH) > [

EXP
T ( RT

F(E—E")\ mt1i0H-
T)[Fe JOH ]

F(ER;E )> [Fe2+][OH7]2

FE—E)\ an o
T)[Fe JlOH |
F(E—E°)
RT

+ Kpeop EXP (
+ Kpeiom), EXP (
+ K g om EXP <

+ Ke(on), EXP( >[Fe2+][0H]4. (47)
For the quinone system, Eq. (28) shows how to express
S7 in terms of [Z"]. Mass balance equations for electron
(e7), quinone (S7) and iron (Fe) constitute three equations
with three unknowns (E, [Fe*(aq)], and [Z"]). Speciation of
both quinone and iron systems can be determined after
solving for the unknowns at a given pH by iteration.

Electronic annexes EA-3 and EA-4 provide different
equations for determining iron speciation. We start with
the assumption that solubility-limiting phases do not form.
The ion activity product for [Fe*'(aq)] with respect to
Fe(OH),(s, am.) and [Fe*"(aq)] with respect to Fe(OH),
(s,am.) is then calculated. If the solubility has been exceed-
ed, speciation is recalculated with the [Fe’*(aq)] and/or
[Fe**(aq)] fixed using the solubility product constant.

We will use the concentration of hydroquinone
formed (X7) as a measure of reaction progress. As the
sigmoidal curves in Fig. 9 indicate, little reaction takes
place for any of the quinone systems below pH 3.0,
while nearly complete reduction takes place at pH values
greater than 9.0. Within the intermediate pH region,
reduction is most advanced for the quinone system with

100
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Fig. 9. Reduction of p-benzoquinone (thin dashed line), juglone (thick
solid line), and AQDS (thick dashed line) with Fe''. Calculation
conditions: 100 uM Zz, 500 pM TOTFe". Fe"(OH)s(s,amorph) and
Fe''(OH),(s,amorph) were used as solubility-limiting phases. The y-axis
shows the reduced product concentration attained at equilibrium.

the highest value of Eo(Z°/XH,) (Table 1). At a fixed
pH, the extent of reduction increases from AQDS,
juglone, to p-benzoquinone.

Let us suppose that the analytical procedure that we are
employing can detect XH," product concentrations in ex-
cess of 0.10 uM. As indicated by Fig. 9, there is a minimum
pH needed to achieve this concentration. If the initial Fe**
and Z° concentrations are known, and our “analytical cri-
terion” for [XH,’] has been set, then the minimum pH
needed can be calculated using the expression for calculat-
ing Gibbs free energy corresponding to the reaction shown
in Eq. (1):

(48)

a XH,"|[H
AG = AG® + RT 1n<Fe°H[ gl ]>.

[Fe* (2]

We set AG equal to zero and solve for [H"]. When the pH
is below the calculated value, the analytical criterion for
[XH,"] will not be met, and we will not detect appreciable
reaction progress. As the pH is increased above this value,
the reaction shown in Eq. (1) will progress more and more
to the right, until [XH,"] reaches a maximum at nearly stoi-
chiometry-limited values.

4.3. Iron in the presence of ligands and quinones

Ways to modify the iron mass balance upon oxalate
addition have been described earlier (EA-5 and EA-6). Like
for the iron mass balance, additional terms for iron—oxa-
late complexes are included in the electron balance equa-
tion, as written in bold below:

er = 2[XH,] + 2[XH ] + 2[X*7 ] + [YH] + [Y ]

+ [Fe**] + [Fe"OH'] + [Fe" (OH),’] + [Fe'' (OH), ]

+ [Fe"(OH),> ] + [Fe""L|[Fe"L,>"][Fe""L,*"]. (49)
EA-6 shows ways to write concentrations for all iron spe-
cies in terms of Fe’* and L?~ concentrations in the pres-

ence of oxalate. Using EA-2 and EA-6, Eq. (49) can now
be rewritten in terms of [Fe**], [L*7], and [Z°]:

0 +12 +
o= zove( ) (LR )
+ EXP <— F(E;TE%Z)> <[11<{:] + 1) (Z°]
+ [Fe(aq)2+] + Kreon* [Fe(aq)ZJr][OH_}
+ Kreom), Fe(aq 2+][OH_]2 + Kre(om),~ [Fe )”][OH_]3+
+ K OH), [Fe zﬂ [OH7]4 + Kpenpo L] [Fe(aq)2+]
+KFe"L22 [L? } [Fe ]+KFe"L 4= [LZ_P[Fe(aq)HL (50)

Mass balance equations for electron (er), quinone (S7),
iron (Fe7), and oxalate (L7) constitute four equations with
four unknowns (E, [Fe*"], [L*>7], and [Z°]). At a given pH,
equilibrium speciation of quinones and iron can be deter-
mined by solving for unknowns by iteration.
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Fig. 10 shows the effects of added oxalate and malon-
ate on the reduction of juglone by Fe'. Hundred micro-
molar juglone is brought into contact with 500 uM Fe"
in the presence or absence of 5 mM oxalate or malonate.
The total concentration of fully reduced juglone (X7) is
used as a measure of reaction progress when equilibrium
is attained.

Earlier, we discussed the reaction of 100 uM juglone
with 500 uM Fe'! (Fig. 9). As the pH was increased, con-
centrations of reduced juglone achieved at equilibrium
(X 7) increased substantially. The addition of 5 mM malon-
ate (Fig. 10) raises the pH required for Fe""((OH);(s) pre-
cipitation and makes possible the production of modest
amounts of reduced juglone between pH 3.2 and 5.5. These
changes arise from the modest stabilization of Fe'"! relative
to Fe'" afforded by malonate. Oxalate is a stronger chelat-
ing agent than malonate, and therefore its effects are much
more dramatic. Five millimolar of oxalate raises the pH re-
quired for Fe(OH)s(s) precipitation even further, and
achieves more than 80% conversion of oxidized juglone
to reduced juglone between pH 3.0 and 5.0 (Fig. 10).

No ligand

5 mM oxalate

o o}
o_ o_

X; (uM)

5 mM malonate

X; (uM)

Fig. 10. Influence of added ligands on the reduction of juglone by Fe'.
Calculation conditions: 100 uM juglone (Z7), 500 uM TOTFe'!, with or
without 5mM organic ligand. Vertical lines represent pH at which
Fe'"(OH)5(s,amorph) starts to form. The y-axis shows the reduced juglone
concentration attained at equilibrium.

5. Conclusions

Reduction potentials for quinones and for iron are suf-
ficiently close to one another that relatively minor changes
in system constituents can have substantial effects on reac-
tion progress. As far as quinones are concerned, electron-
donating and electron-withdrawing substituents and side-
groups engaging in protonation/deprotonation reactions
alter standard reduction potentials and the slopes of reduc-
tion potential versus pH plots. As far as iron is concerned,
increases in pH cause Fe''" and eventually Fe'' to precipi-
tate. Plots of iron reduction potential as a function of
pH, especially in the presence of aliphatic carboxylic acids,
can become quite complex. It is noteworthy that oxalic acid
and malonic acid dramatically extend the pH range where
Fe'' oxidation by benzoquinones can take place. The influ-
ence of these and other biological exudates on redox reac-
tions between quinone moieties within NOM and iron
should not be overlooked. The agricultural and biogeo-
chemical relevance of such reactions are likely
considerable.
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