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Abstract Organic ligands, especially oxalate, play an

important role in iron dissolution from iron-containing

minerals. To study the effects of organic acid ligands on

the dissolution of iron-containing minerals, the dissolution

kinetics of hematite in the presence of oxalate, acetate, and

formate were studied under ultraviolet radiation with

varying ligand concentrations (10–3 mM). The results

indicate that for adsorption dissolution, oxalate is the

dominating ligand for producing soluble iron (III) from

hematite; for photoreductive dissolution under ultraviolet

radiation and in oxic conditions, the production of iron (II)

is highly proportional to the concentrations of oxalate,

whereas the effects of varying concentrations of formate

and acetate are not significant. At low oxalate concentra-

tions (10–500 lM), the photoreductive dissolution of iron

(II) is substantially low, while at high oxalate concentra-

tions (3 mM), oxalate is equally effective as formate and

acetate for producing photoreduced iron (II) from hematite.

Combining with field data from other works, it is likely that

the ratios of oxalate to total iron need to be higher than a

threshold range of *1.2–5.5 in order for oxalate to

effectively produce photoreduced iron (II) from hematite.

This study demonstrates that the iron (II) yield from pho-

toreduction of hematite is significantly lower when the

hematite surface is pre-coated with organic ligands versus

when it is exposed to ultraviolet radiation instantaneously.

Keywords Dissolution � Hematite � Organic ligands �
Photoreduction

Introduction

Iron (Fe) is an essential nutrient for phytoplankton growth

in the oceans’ high nitrate and low chlorophyll (HNLC)

regions (Martin et al. 1990; Sunda and Huntsman 1997;

Martin and Fitzwater 1988), affecting the carbon cycle

(Martin 1990). Most of the dissolved Fe in the ocean,

operationally defined as those that pass through a filter of

0.45 lm pore size (Gledhill and van den Berg 1995 ),

exists as hydroxides or in strongly chelated complexes with

naturally occurring organic ligands (Sung and Morgan

1980; Rue and Bruland 1995; van den Berg 1995; Johnson

et al. 1997; Wu et al. 2001; Liu and Millero 2002). How-

ever, iron remains insoluble under oxic conditions with a

pH above 4 (Jickells et al. 2005), thereby being unavailable

for the phytoplanktons to consume. Phytoplanktons could

easily uptake Fe in its reduced form (Shaked et al. 2005),

Fe(II); however, some evidences claim that inorganic sol-

uble Fe(III), organic ligand–Fe(III) complexes, and some

colloidal form of Fe(III) could also be consumed by

microorganisms, such as red tide microalgae (Naito et al.

2005). It is reported that a potential source of bioavailable

iron is photoreductive dissolution of particulate iron oxides

(Finden et al. 1984). Both Fe(II) and Fe(III) could be

produced on aerosol particles in the atmosphere, affected

by the presence of peroxide radicals (Zuo and Hoigne

1992), organic ligands (Siefert et al. 1994), and solar

radiation (Zhu et al. 1993, 1997; Paris et al. 2011). Con-

sequently, understanding Fe speciation and solubility in

aerosols is crucial for estimating the atmospheric deposi-

tion of bioavailable Fe to the ocean.

The oxidizing atmosphere in general favors the dissolved

Fe(III) over Fe(II) in Fe-containing minerals, such as

hematite, lepidocrocite, goethite, and several organic ligands

play crucial roles in Fe dissolution, specially oxalate,
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through the complex formation with the Fe(III) and

adsorption dissolution mechanism (Banwart et al. 1989;

Sulzberger et al. 1989; Siffert and Sulzberger 1991; Xu and

Gao 2008; Paris et al. 2011). Under the exposure to sunlight,

the Fe(III)–ligand complex absorbs energy from ultraviolet

(UV) radiation; and the ligand acts as a bridge and supplies

electrons to the Fe(III) metal center, resulting in the forma-

tion of Fe(II) (Zhu et al. 1997; Siffert and Sulzberger 1991;

Chen and Grassian 2013). Acetate and formate are also

common organic ligands in the ambient air (Kawamura and

Kaplan 1983; Kawamura and Kouichi 1993a, b; Li and

Winchester 1993; Chebbi and Carlier 1996; Kawamura and

Sakaguchi 1999; Johansen et al. 2000; Paris and Desboeufs

2013). However, the ambient levels of these organic acidic

species vary widely throughout the global atmosphere. For

example, the concentrations of oxalate were observed to be

8.7–667 ng m-3 in the North Pacific (Johansen et al. 2000),

\12.4–100.8 ng m-3 in the Atlantic (Kawamura and

Kouichi 1993b), {below detection limit}-48.4 ng m-3 in

Ny-Alesund, Svalbard, in the Arctic (Keiichiro et al. 2002) in

the marine regions. In the urban regions, the concentration of

oxalate was relatively high, for example, 2.1–9.7 nmol m-3

(which is equivalent to 184.8–853.6 ng m-3) at Newark, NJ

(Xia and Gao 2010), 90–780 ng m-3 in West Los Angeles

(Kawamura and Kaplan 1987), and 40–730 ng m-3 in

Tokyo, Japan (Kawamura and Ikushima 1993).

Among these three ligands mentioned above, oxalate is

the most abundant one in atmospheric aerosols (Chen and

Grassian 2013; Turekian et al. 2003; Krieger et al. 2006)

and it is also believed to be the most effective one affecting

Fe dissolution from Fe minerals through the formation of

stable bi-dentate chelates with the Fe metal centers (Sulz-

berger et al. 1989; Siffert and Sulzberger 1991; Paris and

Desboeufs 2013). In previous experimental studies (Ban-

wart et al. 1989; Sulzberger et al. 1989; Xu and Gao 2008),

the concentrations of oxalate were mainly held at the levels

of 50 to 600 times higher than the atmospheric concen-

trations of oxalate found in rainwater (Paris and Desboeufs

2013). However, in the atmosphere where the concentra-

tions of oxalate are low while both the solar radiation and

adequate oxygen are prevalent, the interactions of oxalate

with Fe minerals are complicated. For instance, under

adequate O2 exposure and solar radiation, the Fe(II) pro-

duction from reducing Fe(III) could be substantially altered

by H2O2 produced during reactions, resulting in less yield

for Fe(II) (Zuo and Hoigne 1992; Siefert et al. 1994). In

addition, the photolysis of oxalate under UV radiation

could also produce H2O2 that limits the Fe(II) formation

(Zuo and Hoigne 1992). Therefore, the concentrations of

oxalate at different levels could significantly affect the

Fe(II) production rate and then Fe speciation that still

remains untested. Furthermore, despite being present in the

atmosphere at levels comparable to oxalate, acetate and

formate have not been studied extensively for Fe(II) pro-

duction in Fe minerals. On the other hand, the complexa-

tion of Fe(III) with organic ligands was found stable, but

these complexes could undergo photoreductive dissolution,

resulting in the formation of Fe(II). It is still in question

whether the incident solar radiation could produce Fe(II)

from the organic ligand–Fe(III) complexes in the atmo-

sphere. Fluoride could also form complex with Fe(III)

(Dodgen and Rollefson 1949; Soli and Byrne 1996; Wang

and Reardon 2001; Dey et al. 2004) but the effect of flu-

oride in promoting dissolution of Fe(III) from Fe minerals

is yet to be explored.

To investigate the effects of Fe dissolution from Fe-

containing minerals, laboratory experiments involving

hematite and organic ligands (oxalate, acetate, and formate)

were carried out at Rutgers University over an approximate

6-month period from November 2014 to April 2015. The

specific objective were to investigate: (1) the effects of

these ligands at different concentrations; (2) the relative

efficiency of these ligands on the photoreductive dissolu-

tion and adsorptive dissolution of Fe(III), along with a

comparison to fluoride; and (3) the effect of prior com-

plexation with ligands on the generation of Fe(II) via

photoreduction. The results from this study will shed fur-

ther light on current understanding of iron speciation and

solubility in ambient aerosols and advance our knowledge

of the effect of organic ligands, particularly oxalate, on iron

dissolution. The threshold ratios of oxalate to total Fe as an

indicator of oxalate-promoted Fe(II) dissolution derived

from this study could be used in future model studies.

Materials and methods

Preparation

All materials used in this experiment were either pure or

analytical grade. Standard pure hematite (a-Fe2O3) was

purchased (Atlantic Equipment Engineers, Bergenfield, NJ)

and used in this study, which has the molecular weight

159.69 and 99.9 % purity and specific surface area of

2.7 m2 g-1 for particle sizes of 1–5 lM. All solutions were

prepared using 18.2 MXcm Milli-Q water (Millipore,

Bedford, MA, USA). Polyethylene 50-ml test tubes were

pre-cleaned thoroughly before use. The UVLMS-38 EL

series 3 UV (capacity 8 W) lamp was used as the source of

UV radiation. The stock solutions for Fe(II) and Fe(III)

were prepared by dissolving ammonium iron(II) sulfate

6-hydrate and ferric chloride, respectively. The stock

solutions of the organic ligands were prepared from their

sodium salts. All stock solutions were kept at 4 �C tem-

perature in the refrigerator and the working standards were

prepared before each analysis.
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Experimental procedures

Four experiments were carried out: The first experiment

was for studying the effects of varying oxalate concentra-

tions (ranging from 10 lM to 3 mM) in photoreductive

dissolution of Fe(II). The second experiment was con-

ducted to compare the dissolution of Fe(II) via photore-

duction in the presence of three different ligands (oxalate,

acetate, and formate). Third experiment was to study the

photoreductive dissolution of Fe(II) from hematite under

two conditions: instantaneous irradiation of the Fe(III)–li-

gand complexes and pre-coated Fe(III)–ligand complexes.

The fourth experiment focused on investigating the role of

varying ligands (oxalate, acetate, formate, and an inorganic

ligand fluoride) on adsorptive dissolution of Fe(III). All

these experiments were conducted using hematite as the

reference material for iron and were repeated 2–3 times.

The figures display the means and the ranges of the repe-

ated set of experiments. Tables 1 and 2 show the Pearson

correlation coefficients of the replicate sets of experiments

and the ranges of the concentrations at equilibrium, where

the ranges have been calculated combining the values from

all the repeated sets of experiments. The detailed proce-

dures are outlined below.

Photoreductive production of Fe(II) from Fe(III)–ligand

complex

The dissolution experiment was conducted by placing

10 mg of hematite in three series of 50-ml polyethylene

test tubes containing oxalate, formate, and acetate solutions

separately at four different concentrations (10, 50, 500,

3 mM). The mixtures were left for 24 h to attain the

adsorption equilibrium (Xu and Gao 2008). The mixtures

were then placed in an overhead rotator for 12 h followed

by centrifugation for 10 min at a relative centrifugal force

of 30009g. The supernatants from each mixture were

collected and placed under UV light source (254 nm

wavelength) for 24 h. The pH of each solution was

adjusted at 3.5 by adding 0.1 N HCl solution, because the

Fe becomes highly mobilized *below 3.6 pH from dust

samples (Mackie et al. 2005). Periodic measurements (0.5,

1, 1.5, 2, 2.5, 3, 4, 5, 12, 18, and 24 h) of Fe(II) were taken

from each solution after filtering the aliquots through a

0.45-lm pore size PTFE filter.

Instantaneous irradiation on photoreductive production

of Fe(II) from Fe(III)–ligand complex

A comparative study was performed to investigate the

effect of instantaneous irradiation on nascent Fe(III)–li-

gand complex on the photoreductive dissolution of Fe(II).

The aim of this study was to compare the efficiency of the

Fe(III)–ligand complexes formed from pre-coated hematite

versus the in situ produced nascent Fe(III)–ligand com-

plexes in the photoreductive generation of Fe(II). To

accomplish this objective, three series of 50-ml test tubes

were prepared by placing 10 mg of hematite in each in the

presence of three organic ligands (oxalate, acetate, and

formate) at two concentration levels (50 lM and 3 mM).

The test tubes were then placed immediately under UV

light (254 nm) for 24 h. The sample aliquots were with-

drawn periodically (*1-h interval) for 24 h of irradiation

span using a 10-ml syringe with 0.45-lm PTFE filter to

measure the concentrations of dissolved Fe(II). In contrast

with 2.2.1., in this step, the Fe(III)–ligand complexes were

irradiated instantaneously.

Formation of Fe(III) at varying concentrations of organic

and inorganic ligands

Suspensions of 10 mg hematite were prepared in four

series of solutions containing oxalate, acetate, formate, and

fluoride at two concentration ranges (50 lM and 3 mM)

and were left for 24 h to attain the equilibrium. After then,

the solutions were placed in an overhead rotator for 32 h,

Table 1 The Pearson

correlation coefficients between

the data for the repeated

experiments. When an

experiment is repeated thrice,

the average of the three inter-

correlations among the three

sets of data is presented

Oxalate Acetate Formate Fluoride

Photoreductive dissolution of Fe(II) (Fig. 2)

10 lM 0.66 0.74 0.73 N/A

50 lM 0.56 0.59 0.65 N/A

500 lM 0.61 0.61 0.53 N/A

3 mM 0.90 0.95 0.89 N/A

Photoreductive dissolution of Fe(II) after instantaneous UV irradiation (Fig. 3)

50 lM 0.54 0.50 0.53 N/A

3 mM 0.46 0.89 0.93 N/A

Adsorption dissolution of Fe(III) (Fig. 4)

50 lM 0.95 0.70 0.76 0.61

3 mM 0.92 0.85 0.59 0.47
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while aliquots were withdrawn periodically (*1-h inter-

val) followed by 10 min of centrifugation at 3000 rcf to

measure the concentration of soluble Fe(III) with time.

Measurement of soluble Fe(II) and Fe(III)

The measurements of Fe(II) and Fe(III) concentrations

were taken using Shimadzu UV–Vis 1700 spectropho-

tometer. The original ferrozine method (Stookey 1970;

Voelker and Sulzberger 1996; Viollier et al. 2000) was

followed with minor modification (Voelker and Sulzberger

1996) and background experiment to assess the interfer-

ence of Fe(III) in ferrozine–Fe(II) complex formation. In

the presence of both Fe(II) and Fe(III) in the solution,

Fe(III) could form complex with ferrozine, thereby inter-

fering with the Fe(II)–ferrozine complex coloration (Viol-

lier et al. 2000). Therefore, the following equation was

used to calculate Fe(II) and Fe(III) concentrations to

eliminate the Fe(III) interference (Viollier et al. 2000).

CFe IIð Þ ¼
A1 � eFe IIð Þ � l � a� A2 � eFe IIIð Þ � l
eFe IIð Þ � l � a eFe IIð Þ � l� eFe IIIð Þ � l

� � ;CFe IIIð Þ

¼ A2 � A1 � a
a � eFe IIð Þ � l� eFe IIIð Þ � l

� � ð1Þ

Here, CFe(II) and CFe(III) are the calculated values of

Fe(II) and Fe(III) concentrations; eFe IIð Þ and eFe IIIð Þ are the

molar absorption coefficients for Fe(II) and Fe(III)

respectively; l is the optical path length; a is the dilution

factor; and A1 and A2 represent the absorption values

before and after adding the reducing agent, respectively.

The values of eFe IIð Þ � l and eFe IIIð Þ � l were obtained

from the standard curves of Fe(II) and Fe(III), respectively.

The dilution factor of 0.23 was introduced considering the

addition of hydroxylamine hydrochloride (HA) as a

reducing agent in the solutions.

For measuring A1, 1 ml aliquot was withdrawn period-

ically from each test solution and 100 ll of ammonium

acetate buffer and 120 ll of 4.9 mM ferrozine solution

were added to it. The absorbance was measured immedi-

ately at 562 nm wavelength using Shimadzu 1700 UV–Vis

spectrophotometer. For measuring A2, the method was

similar to the one for measuring A1 except for that 1.5 ml

of 3 ml hydroxylamine hydrochloride was added to each

0.5 ml aliquots and left the solution in dark for 15 min

before adding the buffer and ferrozine solution. The sample

aliquots were withdrawn using a 10-ml syringe with 0.45-

lM PTFE filter to avoid the interference with undissolved

hematite particles.

Results and discussions

The dissolution of iron from minerals has been a subject of

intense study because of its significant role as a micronu-

trient in marine ecosystem (Zinder et al. 1986; Wieland et al.

1988; Stumm and Wollast 1990). Dissolution of iron could

be non-reductive, producing Fe(III), or reductive, producing

Fe(II). In either case, the dissolution follows two major

pathways, proton promoted or ligand promoted. The proton

promoted dissolution from the Fe minerals results in pro-

ducing dissolved Fe(III), whereas the ligand-assisted disso-

lution generates both Fe(II) and Fe(III); for instance, if the

complex is exposed to UV light, the ligand can act as an

electron donor to the Fe(III) metal center to produce pho-

toreductive Fe(II). The detachment of the Fe metal center

from minerals is the rate limiting step and is promoted by

the surrounding ligands and/or protons in the solution (Sif-

fert and Sulzberger 1991). In general, transition metal

complexes absorb spectrum significantly in the UV region;

however, the photochemistry of Fe in the ambient environ-

ment requires special emphasis because some of the Fe(III)

complexes can also absorb radiation in the near UV to some

portion of visible spectrum which overlaps with the

incoming solar radiation (Graedel et al. 1985).

Figure 1 shows the photoreductive dissolution of Fe(II)

from hematite at four different oxalate concentrations. The

Table 2 Range of dissolved Fe

concentrations (lM) after

reaching equilibrium

Oxalate Acetate Formate Fluoride

Photoreductive dissolution of Fe(II) (Fig. 2)

10 lM 0.04–0.28 0.28–0.98 0.72–1.08 N/A

50 lM 0.10–0.29 0.35–1.05 0.70–1.23 N/A

500 lM 0.34–1.27 0.51–1.18 0.74–1.06 N/A

3 mM 1.34–2.6 0.96–1.38 1.5–2.52 N/A

Photoreductive dissolution of Fe(II) after instantaneous UV irradiation (Fig. 3)

50 lM 2.32–3.71 2.62–3.47 4.62–5.95 N/A

3 mM 5.26–9.95 7.34–7.97 7.86–9.08 N/A

Adsorption dissolution of Fe(III) (Fig. 4)

50 lM 8.9–12.3 5.32–7.89 6.97–9.36 5.14–5.87

3 mM 12.3–14. 9 7.89–8.99 8.9–11.0 5.7–6.6
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experiment had been conducted under 254 nm UV light

source. The formation of Fe(II) occurred only at suffi-

ciently high concentration of oxalate (3 mM). At lower

concentrations of 10 and 50 lM, the Fe(II) concentration

started to decrease within 1.5 h of irradiation after a short

period of increasing trend, while at the 500 lM concen-

tration range, the decreasing trend of Fe(II) started after 4 h

of irradiation. At high concentration (3 mM), the Pearson

correlation coefficient is 0.9, which demonstrates the con-

sistency among the replicates and fairly stable surface

interaction of oxalate with hematite. However, for the

lower concentration ranges, the complex nature of the

interactions renders them less consistent which is reflected

in Tables 1 and 2. These results indicate that the photore-

ductive dissolution of Fe(II) from hematite is a function of

oxalate concentrations, and the efficiency of Fe(II) pro-

duction through this process could vary significantly in the

global atmosphere, depending on the loading of this

organic ligand in the ambient air.

The variation of Fe(II) formation under different con-

centrations of three ligands (oxalate, acetate, and formate)

in the presence of 254 nm UV light was shown in Fig. 2.

The Fe(II) production through organic ligand-induced

photoreduction varied with changing concentrations for all

ligands. However, the more pronounced effect was asso-

ciated with the concentration variation of oxalate from

lower concentrations (10, 50, 500 lM) to a higher (3 mM)

concentration. At lower concentrations of oxalate (10 and

50 lM), the Fe(II) concentrations showed a sustained

substantial decreasing trend after 1 h of irradiation. Similar

patterns were observed at a higher concentration (500 lM)

starting after 5 h of irradiation. The concentration of Fe(II)

did not exhibit any increasing trend at any later point in the

complete 24 h of irradiation period. However, under the

high oxalate concentration (3 mM), the Fe(II) concentra-

tions showed a steady increasing trend until it reached the

equilibrium (*after 5 h of irradiation). In the presence of

formate and acetate, the Fe(II) concentrations increased for

the initial 5 h (while a comparatively steeper increasing

trend occurred in the first 2 h) of irradiation until they

attained the equilibrium.

Figure 3 presents a comparative analysis with different

organic ligands (oxalate, formate, and acetate) in varying

concentrations (50 lM and 3 mM), where the organic

ligand and hematite mixtures had been irradiated for 24 h

under the UV light, without prior pre-coating. The varying

concentration effect of oxalate is even more evident in

Fig. 3 than in Fig. 2. For instance, in Fig. 3, at 3 mM

oxalate concentration, the soluble Fe(II) concentration was

*7.5 lM at the equilibrium, whereas in the presence of

50 lM oxalate concentration, the soluble Fe(II) concen-

tration was *2.16 lM. This indicates an almost 70 %

decrease in the photoreductive yield of Fe(II) when the

oxalate concentration varies from 3 mM to 50 lM.
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Fig. 1 The effect of varying

oxalate concentration on the

photoreductive dissolution of

Fe(II) from hematite. The inset

shows the details for the first

5 h. The error bars are

representing the range of the

triplicate experiments
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The comparison of the adsorption dissolution of Fe(III)

from hematite mineral in the presence of oxalate, formate,

acetate, and fluoride at two concentrations (50 lM and

3 mM) is shown in Fig. 4. The ligand-induced dissolution

of Fe(III) from hematite by oxalate is substantially higher

than those by formate and acetate in both concentration

ranges. These three ligands were more effective in Fe(III)

dissolution than fluoride; however, in the presence of

fluoride, the dissolution of Fe(III) reached the equilibrium

within 2 h.

Effect of varying concentrations and ligands

Being a d-block element, Fe shows high affinity for complex

formation. The half-filled d-orbital in the Fe(III) ions creates

a favorable condition for formation of a mononuclear mono-
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Fig. 2 Photoreductive

dissolution of Fe(II) from

hematite in the presence of

varying concentrations (10, 50,

500 lM, and 3 mM) of oxalate,

acetate, and formate. The error

bars are representing the range

of the triplicate experiments
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Fig. 3 The effect of

instantaneous UV irradiation on

the photoreductive dissolution

of Fe(II) from hematite in the

presence of 50 lM and 3 mM

concentrations of oxalate,

acetate, and formate. The error

bars are representing the range

of the triplicate experiments
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dentate or bi-dentate complex with suitable ligands. The

ligands in solution bind with the surface molecules and

consequently weaken the bonds closer to the surface metal

atom, and this process enhances the liberation of metal

Fe(III) in the solution. When exposed to solar radiation, the

Fe(III)–organic ligand complex absorbs the energy from the

solar radiation and enters into an excited state. At this stage,

the electron donors, such as oxalate, acetate, and formate,

act as a bridge and supply electron to the Fe(III) metal

center, producing Fe(II) (Banwart et al. 1989; Sulzberger

et al. 1989; Siffert and Sulzberger 1991; Paris et al. 2011). In

contrast with acetate and formate, the formation of a bi-

dentate complex with oxalate is thermodynamically more

favorable (because the process reduces the net entropy) and

has greater stability, and oxalate could be considered as a

stronger ligand than acetate and formate. However, under

adequate O2 exposure, via reaction mechanisms (2–6), the

oxalate radical generates H2O2 in the medium during the

following reactions (Zuo and Hoigne 1992; Siefert et al.

1994).

[ FeIIIC2O�
4 !hd [ FeIIC2O�

4 ð2Þ

[ FeIIC2O�
4 $ [ FeII þ CO2 þ CO�

2 ð3Þ

FeIII C2O�2
4

� �
n

� � 3�2nð Þ$hd FeII þ n� 1ð ÞC2O�
4 þ C2O�

4

ð4Þ

C2O�
4 þ O2 !

Hþ HO�
2

O�
2

þ 2CO2 ð5Þ

HO�
2

O�
2

þ FeII !H
þ

H2O2 þ FeIII ð6Þ

A previous study shows that oxalate is sensitive to

photolysis at approximately 320 nm wavelength and forms

peroxide radicals (Zuo and Hoigne 1992). Even though our

experiment has been conducted at 254 nm wavelength of

UV light, the formation of H2O2 in the medium, either via

interaction of oxalate with surrounding O2 or by photolysis

of oxalate, could lead to increased re-oxidation of Fe(II) to

Fe(III) and decreases the efficiency of oxalate in producing

Fe(II) from hematite. On the other hand, under similar

conditions, acetate and formate have not been reported to

produce H2O2; therefore, these two ligands should remain

effective in photoreduction of hematite. In this study, the

production of Fe(II) via photoreduction in the presence of

the three organic ligands was generally fast, occurring

within a few minutes of exposure to UV light. However, at

low oxalate concentrations, the Fe(II) concentrations

exhibited a sharp decreasing trend with time (Figs. 1, 2,

3), suggesting that the formation of H2O2 must have

influenced the Fe(II) production rate. It is noteworthy that

in Fig. 3, a slight decrease in dissolved Fe(II) concentration

is observed after 6 h in the presence of oxalate. The labile

Fe(III)–oxalate bonding could facilitate Fe(III) dissolution,

which might suppress the Fe(III) to Fe(II) reduction.

Another plausible explanation could be the oxidation of

Fe(II) to Fe(III) in the oxalate system in the presence of

oxygen. Since the decrease in Fe(II) concentrations after

6 h is low compared to its previous values, it would be very
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ambiguous to explain the possible reasons with definite

claim. The varying concentrations of acetate and formate

were not observed to exhibit significant effect on Fe

dissolution; therefore, the dissolved Fe(II) concentrations

were fairly constant after *3 h of irradiation.

When the oxalate concentration is high, the ligand effect

of oxalate should predominate the re-oxidization of Fe(III)

to Fe(II) via in situ production of H2O2 in deciding the fate

of Fe(II) production. The data analyses with the Visual

Minteq 3.1 model show that at a higher oxalate concen-

tration (3 mM), the dominant Fe–oxalate complex is Fe-

(oxalate)3
-3 (Table 3) which indicates the stronger ligand

effect at higher concentrations. The high oxalate concen-

tration results in increasing probability of chaos and con-

sequently higher entropy in the system; however, binding

with hematite and forming the complex should decrease the

entropy (assuming the changes in enthalpy due to Fe(III)–

oxalate complexation at higher oxalate concentration

would be in order similar to oxalate at lower concentra-

tions), thereby favoring the ligand effect of oxalate at

higher concentrations.

However, when the concentrations of oxalate are in

lower ranges, i.e., 10–500 lM, the net change in the

entropy due to complex formation with hematite does not

favor the process enough to overcome the oxidizing effect

of H2O2 energetically. This behavior is exhibited in Fig. 1;

to wit, oxalate is significantly less efficient than acetate and

formate in low concentrations, mostly in remote marine

locations, but significantly more efficient than acetate, and

almost as efficient as formate in high concentrations

(Figs. 2, 3), especially in urban regions. A study by Zhu

et al (1993) shows that the soluble Fe(II) concentration

increases significantly when an acidified 87 lM of Fe(III)

solution is irradiated in the presence of 0.1 M Na2C2O4

solution, whereas the soluble Fe(II) concentration decrea-

ses to almost below detection limit when the mixture is

brought back to dark. In connection with our experiment,

this study suggests a stronger photoreductive capacity of

oxalate when it is present at sufficiently higher

concentration level in the solution and the oxidizing effect

of H2O2 predominates immediately after irradiation shuts

off. In this experiment, however, even at constant irradia-

tion, the Fe(II) concentration starts to decrease after *4 h

of irradiation in the presence of 500 lM oxalate concen-

tration and after *1.5 h in the presence of 10 and 50 lM

oxalate solution. It is interestingly to note that no distinct

effect of varying concentrations has been observed in the

case of acetate and formate. Similar trend showing the

fastest photoreduction was observed when formate was

used as the electron donor and hematite as the acceptor

where the rate of photoreduced Fe(II) formation was 2 nM/

min with formate and 0.5 nM/min in the presence of

acetate (the rate of Fe(II) production in the presence of

oxalate was not provided) (Pehkonen et al. 1993). High

efficiency of formate may be attributed to its comparatively

smaller size and consequently reduced possibility of steric

hindrance. Formate has been observed to be the most

effective among these three ligands for photoreduction of

Fe minerals (Zuo and Hoigne 1992). For example, a study

conducted to investigate the fog and cloud water samples at

Los Angeles, California, reported that oxalate has not been

observed to have an effect on Fe(II) dissolution in nature,

unlike formate and acetate that showed high correlations

with Fe(II) concentrations, whereas oxalate concentrations

were found to be highly positively correlated with the H2O2

concentrations (Erel et al. 1993).

Adsorption dissolution of hematite in presences

of oxalate, acetate, formate, and fluoride

Although the previous photoreductive dissolution experi-

ment suggested that formate should be considered a

stronger ligand for inducing Fe dissolution from hematite

at lower concentrations, Fig. 4 clearly demonstrates the

dominance of oxalate over formate and acetate in forming

Fe(III) via adsorption in both high and low concentrations.

It is evident that the effect of varying concentrations is not

significant with acetate and formate. However, the Fe(III)

Table 3 Speciation of Fe–

ligand complexes at varying

ligand concentrations (Visual

Minteq 3.1 Chemical model)

Speciation 10 lM 50 lM 500 lM 3 mM

[Fe-(Oxalate)2]- 6.77E-09 1.6E-07 8.98E-06 5.17E-05

[Fe-(Oxalate)2]-2 9.45E-22 1.98E-20 6.1E-19 2.20E-18

[Fe-(Oxalate)3]-3 5.69E-10 7.15E-08 3.39E-05 6.39E-04

[Fe-Oxalate] (aq.) 3.17E-18 1.31E-17 5.09E-17 6.62E-17

[Fe-Oxalate]? 9.68E-10 4.73E-09 3.57E-08 8.77E-08

[Fe-Formate]?2 2.10E-15 1.05E-14 1.08E-13 6.91E-13

[Fe-(Acetate)2]? 1.62E-17 4.05E-16 4.06E-14 1.47E-12

[Fe-(Acetate)3] (aq.) 2.48E-21 3.10E-19 3.10E-16 6.67E-14

[Fe-Acetate]? 3.64E-21 1.82E-20 1.80E-19 1.05E-18

[Fe-Acetate]?2 5.22E-15 2.61E-14 2.64E-13 1.63E-12
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dissolution rate increased dramatically in the presence of

increased oxalate concentrations. The reason could be

attributed to the fact that oxalate can form both outer-

sphere and inner-sphere complexes and thereby resulting in

increased dissolution of Fe(III) from hematite (Sulzberger

et al. 1989).

A comparative analysis of fluoride from this study with

the organic ligands (acetate, formate, and oxalate) shows

that the fluoride has no significant effect on adsorption

dissolution of hematite to form Fe(III). With the fluoride

concentrations at 50 lM and 3 mM, the average dissolved

Fe(III) concentrations after 1 h were 5.5 and 6.4 lM,

respectively, which remain almost unchanged throughout

the experiment, which is evident from Table 2. This phe-

nomenon strongly suggests that the organic ligand-induced

dissolution is highly effective in dissolved Fe(III) forma-

tion in comparison with inorganic ligand, such as fluoride,

and this could be attributed to the stronger capacity of

complex formation of the organic ligands with Fe minerals.

Comparison between instantaneous irradiation

on Fe(III)–ligand complex

Figure 4 shows that 10–12 lM Fe(III) was dissolved

through adsorption–dissolution from hematite in the pres-

ence of the organic ligands used in this study. On the other

hand, the comparative analysis between Figs. 2 and 3

indicates that substantially low amount of Fe(II) (*2 lM)

was released through photoreduction from hematite when

the mixtures were irradiated after the Fe(III)–ligand com-

plex attained the equilibrium, but if the mixtures were

allowed to be irradiated after immediate Fe(III)–ligand

complex formation, as evident in Fig. 3, the production of

Fe(II) was significantly higher (*10 lM) and comparable

to the Fe(III) production via adsorption–dissolution

(Fig. 4). Similar trends had been documented in other

studies (Rijkenberg et al. 2006), where Fe(III)–ligand

complexes were unable to produce Fe(II) after UV irradi-

ation, and it was hypothesized that a different colloidal

form of Fe was responsible for photoreductive production

of Fe(II) rather than Fe(III)–organic complexes. In contrast,

the results of our experiment, as demonstrated in Fig. 3,

however, clearly indicate that Fe(III)–organic ligand

complexes can photoreductively produce Fe(II) via

instantaneous surface complexation with organic ligands.

In order for the photoreduction to happen, the ligand has to

supply the electron to the Fe(III) metal center in a higher

excited energy state, which requires sufficient supply of

energy from UV light source. Based on these results, we

hypothesize that the photoreduction process is fast and the

subsequent ligand to metal electron transfer should occur

soon after the ligand–metal bond was formed. Once the

ligand–Fe(III) complex reaches the equilibrium in the

solution, it becomes stable and thereby difficult to induce

the photoreduction. This mechanism could be relevant for

estimating the amount of dissolved Fe(II) from Fe(III)–

ligand complexes via photoreduction.

The results from these laboratory experiments further

infer that the photoreduction of Fe(III)–ligand complexes

and the consequent formation of Fe(II) are relevant when

(1) persistent solar radiation is available for a long period

of time to stimulate the Fe(III)–ligand complexes to a

higher energy state so that the electron transfer process can

take place and (2) organic ligands in the aerosols would

come in contact with freshly eroded Fe minerals in the air.

Comparison with observational data

The results from this study are in good agreement with the

data collected during field operations (Chen and Siefert

2004; Buck et al. 2010; Xia and Gao 2011; Gao et al. 2013;

Xu and Gao 2014). Results from this study suggested that

the mass ratio of oxalate concentration to the total Fe

concentration should be at least 1 in order to attain the

steady state production of photoreduced Fe(II). A study

carried out by Xia and Gao (2011) at Newark in NJ, an

urban location, where the average oxalate concentration

was *4 times higher than the average concentration of the

total Fe, shows that the oxalate concentration was highly

correlated with the dissolved Fe(II) concentration (corre-

lation coefficient = 0.90), whereas, in a remote Antarctic

region, where the same ratio of oxalate to the total Fe was

0.16, the correlation between soluble Fe(II) and oxalate

concentrations was significantly low (correlation coeffi-

cient = 0.03) (Gao et al. 2013; Xu and Gao 2014). Similar

pattern was observed over the North Atlantic (Chen and

Siefert 2004), where the concentration ratio of oxalate to

the total Fe was above 1, and the correlation coefficient

between Fe(II) with oxalate was 0.35. A comparison of

relevant data from different studies is shown in Fig. 5

(Chen and Siefert 2004; Buck et al. 2010; Xia and Gao

2011; Gao et al. 2013; Xu and Gao 2014). The x-axis

represents the ratio (R) of the oxalate concentrations to the

total Fe concentrations and the y-axis represents the cor-

relation coefficient between soluble Fe(II) with the oxalate

with all data points where the ratios of oxalate to the total

Fe were greater than R and at least 5 data points are

available. In this comparison, the data set from Buck et al.

(2010) was divided into two groups: the tropical region

where the data values were from south of 23.5�N and the

temperate region where the values were from north of

23.5�N. Figure 5 reveals that all the data sets are associated

with a sharp increase (except for Antarctica) where the

correlation coefficients in the y-axis show a sudden ele-

vation (represented by the solid vertical lines). Based on

the results from these observations and from this laboratory
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experiment, it appears that the values of R have to be at

least 1–6.5 in order for oxalate to influence the photore-

duction process. When the R value is low (below 1),

oxalate could be inefficient for producing soluble Fe(II) via

photoreduction, and other organic ligands such as formate

may play more important role in Fe dissolution. On the

other hand, when the R value is high (above 1.0), oxalate

could be highly effective for photoreductive production of

soluble Fe(II).

Conclusion

Results from this study lead to following conclusions:

1. Among the three ligands tested in this study, oxalate is

the strongest organic ligand to induce adsorption

dissolution of hematite to produce dissolved Fe(III).

2. In oxic environment and under UV radiation, the

varying concentrations of oxalate play a crucial role in

determining the Fe speciation: The production of

Fe(II) via photoreduction of Fe(III) could be substan-

tially hindered at low concentrations, and the concen-

tration ratios of oxalate to the total Fe should be at

least 1:1 or higher. However, formate and acetate were

not sensitive with the concentration variation during

the photoreduction of hematite.

3. Prior coating with organic ligands significantly could

reduce the photoreduction of hematite. For instance, in

the presence of 3 mM ligand concentration, the

amount of soluble Fe(II) decreased *70–80 % when

the Fe(III)–ligand complexes were irradiated after

equilibrium as compared with instantaneous irradiation

on the in situ produced nascent Fe(III)–ligand

complexes.

The Fe deposited from the atmosphere readily gets

complexed with organic ligands in sea waters in the surface

ocean, and the complexation with organic ligands sub-

stantially hinders the photoreduction of hematite. These

processes also depend on the mineralogy of the Fe min-

erals, sources, and abundance of the ligands, and thus more

field experiments need to be carried out for better under-

standing of Fe dissolutions in dust in addition to the lab-

oratory-based experiments.
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