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A B S T R A C T   

Iron isotopes are a valuable tool for evaluating processes that control Fe redox cycling in modern and ancient 
environmental settings. However, robust evaluation of Fe isotope compositions in natural samples requires that 
fractionations associated with key (bio)geochemical reactions are well-defined. The reductive dissolution of Fe 
(oxyhydr)oxide minerals mediated by dissolved sulfide exerts a major influence on solid phase Fe mineralogy and 
dissolved porewater Fe profiles during early diagenesis of organic-rich sediments, but to date, no studies have 
investigated Fe isotope fractionations during this process. Here, we report the results of laboratory sulfidation 
experiments, examining apparent Fe isotope fractionations for a variety of Fe (oxyhydr)oxide minerals. The iron 
isotope compositions of reaction products were determined for both the reduction-dominated and dissolution- 
dominated steps of the reaction. The reductive step for lepidocrocite and hematite produced Fe(II) that was 
up to 0.25 ‰ heavier than the bulk starting mineral. By contrast, the reduction of ferrihydrite produced isoto-
pically light Fe(II), with isotope compositions − 0.1 to − 0.6 ‰ lower than the initial mineral. Consistent with 
previous studies of the reductive dissolution of Fe (oxyhydr)oxide minerals via abiological and biological 
pathways, the lighter isotope was preferentially released from the mineral surface during the dissolution phase 
for all minerals, with dissolved Fe2+ isotope compositions up to ~2.0 ‰ lower than the surface bound Fe(II). The 
magnitude of isotopic fractionation during both of these steps is directly related to rates of reaction, and is thus 
controlled by factors such as sulfide concentration, mineral concentration, crystal structure, surface area and pH. 
Our data demonstrate that dissolved Fe2+ with δ56Fe compositions approaching − 1.0 ‰ is readily generated 
during the overall reaction, suggesting that sulfide-promoted reductive dissolution of Fe (oxyhydr)oxide minerals 
may contribute significantly to the generation of light Fe isotope compositions in anoxic settings.   

1. Introduction 

Over the last twenty years, iron (Fe) isotopes have emerged as a 
powerful tool for evaluating Fe biogeochemical cycling in modern and 
ancient marine environments (e.g., Dauphas and Rouxel, 2006; Johnson 
et al., 2008a). However, the task of deciphering the relative roles of 
different potential fractionation pathways in specific settings is not 
trivial (Anbar, 2004; Rouxel et al., 2005, 2008; Yamaguchi et al., 2005; 
Czaja et al., 2010, 2012; Guilbaud et al., 2012; Heard et al., 2020). In 
large part, the uncertainty relates to the complexity of environmental 
reactions, both biological and abiological, in which Fe plays a central 
role, and where associated Fe isotope fractionations are of comparable 

magnitude. Therefore, it is necessary to understand both the dominant 
Fe cycling pathways and their isotope fractionations in order to interpret 
Fe isotope signatures. 

The largest Fe isotope fractionations (between 2 ‰ and 12 ‰) occur 
in association with changes in oxidation state (e.g., Johnson et al., 2002; 
Welch et al., 2003; Crosby et al., 2005; Balci et al., 2006; Wiederhold 
et al., 2006; Crosby et al., 2007; Beard et al., 2010; Kappler et al., 2010; 
Wu et al., 2012b; Amor et al., 2016; Oleinikova et al., 2019) and bonding 
environment (e.g., Matthews et al., 2001; Icopini et al., 2004; Teutsch 
et al., 2005; Guilbaud et al., 2011a; Ilina et al., 2013), and tend to be best 
expressed in natural environments where significant quantities of Fe 
may be mobilised and transported away from the initial reaction site 
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(see Severmann et al., 2006; Johnson et al., 2008b; Scholz et al., 2014a, 
b). Both biological and abiological experimental studies suggest that the 
largest fractionations occur during bacterial Fe(II) photo-oxidation 
(Croal et al., 2004; Balci et al., 2006; Kappler et al., 2010; Amor et al., 
2016), dissimilatory iron reduction (DIR) (Beard et al., 1999, 2003; 
Icopini et al., 2004; Crosby et al., 2005, 2007; Johnson et al., 2005; Wu 
et al., 2009; Tangalos et al., 2010; Chanda et al., 2021), and rapid pyrite 
formation (Guilbaud et al., 2011a; Rolison et al., 2018). Other abiotic, 
non-redox precipitation pathways tend to produce more modest frac-
tionations (<2 ‰) (Skulan et al., 2002; Wiesli et al., 2004; Butler et al., 
2005; Guilbaud et al., 2010, 2011b; Wu et al., 2012a; Mansor and Fantle, 
2019). 

Weathering and non-DIR dissolution processes tend to be accompa-
nied by smaller fractionations that produce isotopically light dissolved 
Fe(aq) with respect to the bulk mineral (Brantley et al., 2001, 2004; 
Fantle and DePaolo, 2004; Wiederhold et al., 2006; Chapman et al., 
2009; Kiczka et al., 2010; Liermann et al., 2011; Wolfe et al., 2016; 
Opfergelt et al., 2017; Mulholland et al., 2021; Maters et al., 2022; Qi 
et al., 2022). In terms of abiotic pathways, studies have mainly focussed 
on proton- and ligand-promoted mineral dissolution. For instance, 
dissolution of goethite by oxalate (for both reductive and non-reductive 
mechanisms) is reported to produce a significant kinetic isotope frac-
tionation, with an aqueous phase 1.7 ‰ lighter than the starting oxide 
mineral during the early stages of dissolution (Wiederhold et al., 2006). 
These ligand-promoted fractionation values contrast with other non- 
reductive proton-promoted dissolution fractionations (via 0.5 M HCl), 
whereby no fractionation was observed for oxide dissolution (Wieder-
hold et al., 2006). Thus, there is clearly potential for significant frac-
tionations in nature due to organic ligand chelation (see also Kiczka 
et al., 2010; Liermann et al., 2011). However, although oxalate is an 
important organic ligand in nature that plays a substantial role in min-
eral weathering (e.g., Drever and Stillings, 1997), it is not a particularly 
significant reductant in the marine environment. A far more important 
reductive process relates to the generation of dissolved sulfide by mi-
crobial sulfate reduction (MSR). Sulfide formed by this process can take 
part in a variety of reactions, ultimately leading to the formation of 
pyrite (FeS2), with mackinawite (FeS) as a common intermediate phase 
(Berner, 1984; Benning et al., 2000; Rickard and Morse, 2005). 

Iron isotope fractionations during the formation of FeS, FeS0
(aq), 

FeSH+ and FeS2 from dissolved Fe2+ (i.e., abiological reactions 
involving no Fe redox change) have been examined in marine and 
lacustrine sediments (Severmann et al., 2006; Busigny et al., 2014; 
Rolison et al., 2018), as well as in a number of laboratory studies (Butler 
et al., 2005; Guilbaud et al., 2010, 2011a, b; Wu et al., 2012a; Mansor 
and Fantle, 2019). During rapid precipitation of FeS, the lighter isotope 
is preferentially incorporated into the mineral phase, with an initial 
kinetic isotope fractionation between FeS and Fe2+

(aq) of –0.85 ± 0.30 ‰, 
while fractionations become smaller after aging of the FeS for several 
days (Butler et al., 2005; Guilbaud et al., 2010). In fact, under circum-
neutral and alkaline conditions, atom exchange might continue towards 
isotopic equilibrium, where FeS becomes isotopically heavier than Fe2+

(aq) 
(Guilbaud et al., 2011b; Wu et al., 2012a). Additional fractionation 
favouring the lighter isotope in the mineral phase then occurs during 
partial pyritization of FeS, with the effect that, theoretically, abiotic 
formation of pyrite has the potential to produce fractionations spanning 
almost the entire range of signatures observed in natural samples 
(Guilbaud et al., 2011a; Busigny et al., 2014; Scholz et al., 2014b; 
Rolison et al., 2018; Mansor and Fantle, 2019; Ostrander et al., 2022; 
Dupeyron et al., 2023). 

Such studies highlight the need for careful consideration of the 
geochemical characteristics of individual samples when evaluating po-
tential processes controlling Fe isotope fractionations in nature. 
Importantly, however, sulfide produced by MSR also reacts directly with 
Fe (oxyhydr)oxide minerals, resulting in reductive dissolution of the Fe 
mineral and oxidation of the sulfide (Rickard, 1974; Pyzik and Sommer, 
1981; Dos Santos and Stumm, 1992; Peiffer et al., 1992; Yao and Millero, 

1996; Poulton, 2003; Poulton et al., 2004). This reaction has been 
suggested to be dominant over DIR in many organic-rich marine sedi-
ments, ultimately leading to the release of Fe(II)aq to porewaters, and 
subsequently the formation of FeS and pyrite (Canfield, 1989; Krom 
et al., 2002). 

Although Fe isotope fractionation during sulfide-mediated reductive 
dissolution of Fe (oxyhydr)oxide minerals has been recognised as a 
potentially important process affecting modern and ancient marine 
sediments during early diagenesis (e.g., Archer and Vance, 2006; Sev-
ermann et al., 2006; Staubwasser et al., 2006; Roy et al., 2012), no 
experimental studies have yet been performed to evaluate this possi-
bility. Here, we report Fe isotope data for experiments examining Fe 
isotope fractionations during sulfide-promoted reductive dissolution of 
a range of Fe (oxyhydr)oxide minerals. In addition to reporting bulk 
dissolution isotopic signatures, we also investigate how different stages 
of the reaction mechanism affect fractionations, with an overall aim to 
enhance our ability to evaluate process controls on sedimentary Fe 
isotope signatures in modern and ancient settings. 

2. Sulfide-promoted reductive dissolution mechanism and 
kinetics 

The pathway by which a variety of Fe (oxyhydr)oxide minerals (e.g., 
ferrihydrite, goethite, hematite, lepidocrocite, magnetite) undergo 
sulfide-promoted reductive dissolution is reasonably well-defined 
(Rickard, 1974; Pyzik and Sommer, 1981; Dos Santos and Stumm, 
1992; Peiffer et al., 1992; Yao and Millero, 1996; Poulton, 2003; Poulton 
et al., 2004), and can be simplified to: 

Surface complexation:  

>FeIIIOH + HS− ↔ >FeIIIS− + H2O                                                 (1) 

Electron transfer:  

>FeIIIS− ↔ >FeIIS                                                                          (2) 

Release of the oxidized product:  

>FeIIS + H2O ↔ >FeII(OH)2
+ + S•− (3) 

Detachment of Fe(II):  

>FeII(OH)2
+ → free surface site + Fe2+ (4) 

The overall process describes the initial formation of a sulfide com-
plex (Eq. (1)) on the reactive surface of an Fe(III) oxide mineral, fol-
lowed by rapid electron transfer (Eq. (2)) between Fe(III)-Fe(II) and the 
release of an S•− radical (Eq. (3)) to solution. The rate limiting step is 
determined by the release of Fe(II) to solution (Eq. (4)) (Dos Santos and 
Stumm, 1992); at circumneutral pH and above, Fe(II) can remain asso-
ciated with the oxide surface for considerable periods of time, dependent 
on the mineralogy of the oxide (Poulton, 2003; Poulton et al., 2004). 
This (oxyhydr)oxide-associated Fe(II) pool is represented by >FeIIS and 
>FeII(OH)2

+ in Eqs. (2)–(4) (which we hereafter refer to as Fe(II)ox), and 
is distinct from any Fe(II) that may have been re-adsorbed at the mineral 
surface. There have been few studies focusing on the mineralogical 
characterisation of Fe(II)ox. In addition to the surficial >FeII(OH)2

+ spe-
cies described by several authors (e.g., Pyzik and Sommer, 1981; Poul-
ton, 2003), there is high-resolution TEM evidence for extensive 
formation of an FeS rim covering lepidocrocite crystals at circumneutral 
pH, with magnetite as an intermediate phase at the lepidocrocite-FeS 
boundary (Hellige et al., 2012). In fact, the presence of magnetite in-
termediates confirms that electron transfer may reach the bulk mineral 
instead of being restricted to its surface (Zinder et al., 1986; Yanina and 
Rosso, 2008; Handler et al., 2009). 

Furthermore, the free S•− radical will rapidly reduce Fe(III) ions at 
the oxide surface to form a higher oxidation state S species (e.g., 
elemental S; Eq. (5)) (Pyzik and Sommer, 1981; Yao and Millero, 1996; 
Poulton, 2003; Poulton et al., 2004): 
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8>FeOH + 8S•− → S0
8 + 8Fe2+ (5) 

Following dissolution, Fe2+
(aq) can then react rapidly with sulfide 

remaining in solution to form FeS (Eq. (6)):  

Fe2+ + HS− ↔ FeS + H+ (6) 

Consequently, theoretically, for each mole of FeS formed, one mole 
of HS− is consumed during reductive dissolution and a further mole of 
HS− is consumed during reaction with free Fe2+

(aq). However, this ratio 
will vary due to the formation of both elemental sulfur and polysulfide, 
as demonstrated by X-ray photoelectron spectroscopy for the sulfidation 
of both goethite and lepidocrocite (Wan et al., 2014). 

Poulton et al. (2004) presented a reactivity scheme for the reductive 
dissolution of a variety of Fe (oxyhydr)oxide minerals towards dissolved 
sulfide. At circumneutral pH, minerals with a lower degree of crystal 
order (ferrihydrite and lepidocrocite) are reactive on a time-scale of 
minutes to hours, while more ordered minerals (goethite, hematite and 
magnetite) are reactive on a time-scale of tens of days. Thus, mineral-
ogical properties associated with the crystal structure, such as bonding 
environment, relative surface area and the concentration of reactive 
surface sites, all affect the relative reactivities of different minerals. In 
addition, factors such as pH exert a strong control on dissolution rates, 
and in particular this controls the rate at which Fe(II)ox is released to 
solution (Yao and Millero, 1996; Poulton, 2003; Poulton et al., 2004). 
Therefore, all of these factors have the potential to lead to variability in 
the extent of Fe isotope fractionation for different minerals. 

3. Materials and methods 

3.1. Synthesis of iron minerals 

All Fe minerals were prepared according to the methods of 
Schwertmann and Cornell (1991). Two-line ferrihydrite was synthesised 
by adjusting the pH of a 0.1 M Fe(NO3)3⋅9H2O solution to 7.5 via 
addition of 1 M KOH. Goethite (α-FeOOH) was synthesised from a so-
lution containing 1 M Fe(NO3)3 and 5 M KOH, which was heated at 70 ◦C 
for 60 h. Hematite (Fe2O3) was produced by heating a solution of 0.02 M 
Fe(NO3)3⋅9H2O (dissolved in preheated 0.002 M HCl) for 7 days at 
98 ◦C. Lepidocrocite (γ-FeOOH) was prepared by adjusting the pH of a 
0.06 M FeCl2 solution to pH 7 with NaOH, while slowly oxidising Fe(II) 
via the addition of O2(g). Iron mineralogy was confirmed by X-ray 
Diffraction (XRD; Philips X’Pert PANalytical). The surface area of each 
mineral was determined using multi-point Brunauer-Emmett-Teller 
(BET) surface area analysis (Gemini 2375 V4.02) following degassing 
overnight at room temperature, giving values of 184 m2/g, 128 m2/g, 
35 m2/g and 2.5 m2/g for ferrihydrite, lepidocrocite, goethite and he-
matite, respectively. 

3.2. Experimental 

All solutions were prepared with de-ionised water which was de- 
oxygenated with N2 gas for at least one hour prior to use. Ultra-pure 
N2(g) (99.999 %) was further purified with an Agilent Technology O2 
trap and indicator. The experimental apparatus consisted of a 1 L glass 
reaction vessel with gas-tight induction ports to accommodate a pH 
electrode, a sample inlet/outlet valve, and a glass pipette for HCl 
addition (see Supplementary Material). A ~100 mM stock sulfide solu-
tion was prepared by dissolving Na2S⋅9H2O in N2-purged water. Before 
addition, the Na2S⋅9H2O crystals were rapidly rinsed and dried to 
remove any oxidised surfaces from the solid (e.g., Poulton, 2003; 
Poulton et al., 2004). 

Experiments were performed via addition of a known volume of 
stock sulfide solution to 1 L of deoxygenated 0.1 M NaCl, and the so-
lution was stirred continuously within the reaction vessel. As the reac-
tion consumes protons (e.g., Dos Santos and Stumm, 1992), 
deoxygenated HCl (0.001–0.1 M) was added via a Titralab TIM856 

Titration Manager to maintain the required pH, with temperature within 
the vessel held at 25 ◦C using a 10 L heated water bath. Prior to starting 
the reaction, the initial concentration of dissolved sulfide was measured 
in triplicate (see below). A known weight of the Fe (oxyhydr)oxide 
mineral was then de-oxygenated (within a modified syringe attached to 
the input valve of the reaction vessel) and flushed into the sulfide so-
lution as a 5 mL slurry, in either 0.01 M NaCl or, for experiments per-
formed at higher pH, in di-Na tetraborate (at pH 8 or 8.5 to help 
maintain the initial pH in the reaction vessel immediately after addition 
of the mineral slurry). The direction of N2 flow through the syringe was 
then switched and the input valve opened to force the de-oxygenated 
sample solution rapidly into the vessel. This process took less than 5 s 
and all ports remained closed, thus allowing the Fe (oxyhydr)oxide to be 
added to the reaction vessel under anoxic conditions (Poulton, 2003; 
Poulton et al., 2004). Full details of initial experimental conditions for 
each run are reported in Tables 1 and 2. 

Experiments were conducted at low (4) and high (8–9) pH. Low pH 
experiments were specifically performed to minimize the concentration 
of FeS formed (where FeS is only a transient product of the sulfidation 
reaction due to enhanced solubility of FeS; Poulton, 2003; Rickard, 
2006), and to give higher concentrations of dissolved Fe(II)aq (Fe(II)aq is 
dissolved from the mineral surface more rapidly at low pH; Poulton, 
2003) in order to evaluate isotopic fractionations during the dissolution 
step of the reaction (Eqn. (4). Experiments at higher pH were performed 
in order to enhance the formation of Fe(II)ox, to allow the reduction step 
of the reaction (Eq. (2)) to outcompete the dissolution step. Under these 
conditions, formation of free FeS (Eqn. (6) is minimised due to the 
relatively slow reaction kinetics of the dissolution step (Poulton, 2003). 
Iron isotope fractionations during formation of FeS have been reported 
previously (Butler et al., 2005; Guilbaud et al., 2010; 2011b; Wu et al., 
2012a) and were not further investigated in our experiments. 

In addition, a series of experiments were performed to investigate the 
possibility of isotopic zonation amongst the more ordered phases: syn-
thetic goethite and hematite. Indeed, such zonations, with 56Fe-enriched 
rims, have been observed in synthetic Fe (oxyhydr)oxides (e.g., Skulan 
et al., 2002). The minerals were digested in 6 M HCl for several hours 
until completely dissolved. Samples were taken every 20–60 mins dur-
ing the dissolution and the Fe isotopic composition measured. Unfor-
tunately, we were not able to perform this check on synthetic 
lepidocrocite and on ferrihydrite, due to the full consumption of our 
stock during the experiments. However, we note that for less ordered 
phases such as ferrihydrite, mineral zonation is not expected, as its 
expression demands well-ordered crystal structures. Furthermore, iso-
topic zonation has never been observed or documented for synthetic 
ferrihydrite (e.g., Bullen et al., 2001; Johnson et al., 2008b). 

3.3. Chemical analyses 

Samples for analysis of solid and dissolved phases were taken peri-
odically by airtight syringe and analysed immediately. Dissolved sulfide 
(at our experimental pH range, ΣS2− ≈ H2S + HS− ) was measured on 1 
mL filtered (0.2 μm PTFE filters) samples and analysed spectrophoto-
metrically using the methylene blue method (Cline, 1969). Total dis-
solved plus solid phase sulfide (FeS) was also measured via this 
technique using unfiltered samples (the methylene blue reagent is pre-
pared in 50 % (v/v) HCl, resulting in the dissolution of FeS in the 
sample), and FeS was determined after subtraction of dissolved sulfide 
(see Yao and Millero, 1996; Poulton, 2003; Poulton et al., 2004). 
Replicate measurements of a stock sulfide solution gave a RSD of 4.5 % 
(n = 8). Total elemental sulfur was calculated as the difference between 
the initial sulfide concentration and the total sulfide concentration (solid 
plus dissolved) at a particular time. 

Dissolved Fe2+ was measured on filtered samples by the ferrozine 
method (Viollier et al., 2000). Replicate measurements of a stock Fe(II) 
solution gave a RSD of 4.7 % (n = 8). Consistent with previous studies 
(Poulton, 2003; Poulton et al., 2004), values of Fe(II)ox were determined 
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Table 1 
Initial experimental conditions, and chemical and isotopic data for experiments performed at pH 4. ΣFe(II)/FeT refers to the proportion (%) of the bulk mineral that has 
been reduced. Errors for isotope analysis are reported as 2σ. All isotope analyses are normalised to the bulk isotopic composition of each starting mineral. The isotope 
composition for the total combined Fe pools, δ56FeT, was calculated as the weighted sum of the three measured isotope pools. n.d. = not determined; n = number of 
analyses.  

Experiment Time 
(mins) 

Chemical data Isotopic data 

ΣS2- 
(aq) 

FeS(s) Fe2+
(aq) Fe 

(II) 
ox 

ΣFe 
(II)/ 
FeT 

(%) 

Fe2+(aq) n δ56Fe 
(‰) 

Fe(II)soli n Fe(III)unreac. n FeT 

(calculated) 

(μM) (μM) (μM) (μM) δ56Fe 
(‰) 

δ57Fe 
(‰) 

δ57Fe 
(‰) 

δ56Fe 
(‰) 

δ57Fe 
(‰) 

δ56Fe (‰) 

Ferrihydrite 0 212               
1.0g/L; pH 4 1 34 26 157 121 2.6 − 0.15 

± 0.06 
− 0.19 
± 0.08 

2 − 0.20 ±
0.05 

− 0.182 
± 0.29 

2 n.d. n.d.   

3 16 7 294 78 3.2 − 0.23 
± 0.11 

− 0.32 
± 0.17 

2 − 0.063 
± 0.04 

− 0.049 
± 0.16 

3 n.d. n.d.   

5 12 8 330 45 3.2 − 0.18 
± 0.21 

− 0.34 
± 0.52 

2 0.16 ±
0.10 

0.24 ±
0.15 

1 n.d. n.d.   

7 8 4 366 29 3.4 − 0.16 
± 0.12 

− 0.22 
± 0.12 

2 0.20 ±
0.01 

0.45 ±
0.34 

2 n.d. n.d.   

10 5 4 382 20 3.4 − 0.10 
± 0.08 

− 0.15 
± 0.04 

2 0.31 ±
0.04 

0.46 ±
0.27 

3 n.d. n.d.   

14 2 3 n.d. n.d.  − 0.08 
± 0.21 

− 0.20 
± 0.10 

2 0.30 ±
0.02 

0.43 ±
0.24 

2 n.d. n.d.   

20 2 2 407 8 3.5 − 0.13 
± 0.10 

− 0.20 
± 0.15 

1 0.28 ±
0.14 

0.35 ±
0.40 

3 n.d. n.d.   

30 1 2 410 7 3.5 − 0.16 
± 0.06 

− 0.22 
± 0.05 

2 0.25 ±
0.14 

0.32 ±
0.38 

2 n.d. n.d.   

45 1 1 412 5 3.5 − 0.10 
± 0.07 

− 0.24 
± 0.33 

3 0.31 ±
0.04 

0.53 ±
0.30 

3 n.d. n.d.   

60 1 3 429 0 3.6 − 0.12 
± 0.17 

− 0.19 
± 0.18 

2 0.26 ±
0.08 

0.36 ±
0.21 

2 n.d. n.d.   

Lepidocrocite 0 872               
0.25g/L; pH 

4 
1 730 0 38 246 10.1 0.34 ±

0.04 
0.43 ±
0.13 

3 0.28 ±
0.15 

0.445 ±
0.34 

2 0.023 
± 0.08 

0.028 
± 0.11 

3 0.05 

5 663 1 117 198 11.2 n.d. n.d.  n.d. n.d.  n.d. n.d.   
10 497 79 218 295 21.1 0.24 ±

0.04 
0.38 ±
0.12 

3 0.155 ±
0.02 

0.244 ±
0.20 

2 n.d. n.d.   

15 401 102 339 297 26.3 n.d. n.d.  n.d. n.d.  n.d. n.d.   
20 330 95 443 356 31.8 0.18 ±

0.06 
0.27 ±
0.06 

2 0.03 ±
0.16 

0.04 ±
0.27 

2 − 0.02 
± 0.05 

− 0.01 
± 0.06 

3 0.02 

30 258 118 627 247 35.3 n.d. n.d.  n.d. n.d.  n.d. n.d.   
45 208 103 876 143 36.4 0.06 ±

0.08 
0.08 ±
0.11 

3 0.03 ±
0.17 

− 0.08 ±
0.18 

2 n.d. n.d.   

60 178 97 1050 47 42.5 n.d. n.d.  n.d. n.d.  n.d. n.d.   
90 149 63 n.d. n.d.  0.05 ±

0.11 
0.11 ±
0.12 

5 0.07 ±
0.10 

0.06 ±
0.15 

1 n.d. n.d.   

180 105 4 1474 48 54.3 0.11 ±
0.06 

0.17 ±
0.07 

3 n.d. n.d.  n.d. n.d.   

Goethite 0 885               
0.5g/L; pH 4 1 747 35 18 153 3.7 − 0.05 

± 0.06 
− 0.04 
± 0.27 

4 0.16 ±
0.10 

0.27 ±
0.07 

2 − 0.04 
± 0.07 

− 0.02 
± 0.17 

2 − 0.03 

7 722 38 85 125 4.4 n.d. n.d.  n.d. n.d.  n.d. n.d.   
15 677 38 185 115 6.0 0.15 ±

0.10 
0.16 ±
0.21 

2 0.40 ±
0.15 

0.59 ±
0.13 

2 n.d. n.d.   

25 632 38 294 96 7.6 n.d. n.d.  n.d. n.d.  n.d. n.d.   
45 571 40 443 46 9.4 0.29 ±

0.16 
0.45 ±
0.30 

3 0.53 ±
0.16 

0.81 ±
0.21 

3 − 0.02 
± 0.06 

− 0.02 
± 0.16 

4 0.01 

75 510 56 580 1 11.3 n.d. n.d.  n.d. n.d.  n.d. n.d.   
135 493 24 645 68 13.1 0.25 ±

0.10 
0.36 ±
0.15 

1 0.58 ±
0.02 

0.77 ±
0.32 

3 n.d. n.d.   

255 450 58 646 50 13.4 0.21 ±
0.01 

0.27 ±
0.07 

2 0.32 ±
0.18 

0.53 ±
0.13 

3 0.01 ±
0.20 

0.06 ±
0.46 

3 0.04 

Hematite 0 1092               
0.5g/L; pH 4 1 1051 19 6 19 0.7 − 0.33 

± 0.06 
− 0.49 
± 0.04 

2 0.27 ±
0.10 

0.34 ±
0.15 

1 0.03 ±
0.03 

0.06 ±
0.15 

3 0.03 

10 1015 19 18 79 1.9 n.d. n.d.  n.d. n.d.  n.d. n.d.   
20 985 46 20 56 2.0 − 0.51 

± 0.07 
− 0.79 
± 0.18 

3 0.20 ±
0.10 

0.31 ±
0.15 

1 0.00 ±
0.13 

0.01 ±
0.19 

3 0.00 

75 942 47 31 128 3.3 − 0.49 
± 0.10 

− 0.91 
± 0.15 

1 0.29 ±
0.10 

0.40 ±
0.15 

1 n.d. n.d.   

135 929 37 37 178 4.0 n.d. n.d.  n.d. n.d.  n.d. n.d.   
195 913 31 41 224 4.7 − 0.49 

± 0.22 
− 0.80 
± 0.57 

2 0.36 ±
0.10 

0.53 ±
0.15 

1 n.d. n.d.   

255 888 61 44 181 4.6 n.d. n.d.  n.d. n.d.  n.d. n.d.   
315 854 66 47 231 5.5 − 0.51 

± 0.20 
− 0.79 
± 0.33 

3 n.d. n.d.  n.d. n.d.    
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Table 2 
Initial experimental conditions, and chemical and isotopic data for experiments performed at pH 8–9. ΣFe(II)/FeT refers to the proportion (%) of the bulk mineral that has been reduced. Errors for isotope analysis are 
reported as 2σ. All isotope analyses are normalised to the bulk isotopic composition of each starting mineral. The isotope composition for the total combined Fe pools, δ56FeT, was calculated as the weighted sum of the three 
measured isotope pools. n.d. = not determined; n = number of analyses.  

Experiment Time (mins) Chemical data Isotopic data 

ΣS2-(aq) FeS(s) Fe2+
(aq) Fe(II)ox ΣFe(II)/FeT Fe2+(aq) n δ56Fe (‰) Fe(II)solid n Fe(III)unreac n FeT (calculated) 

(μM) (μM) (μM) (μM) (%) δ56Fe (‰) δ57Fe (‰) δ57Fe (‰) δ56Fe (‰) δ57Fe (‰) δ56Fe (‰) 

Ferrihydrite 0 291                
0.5g/L pH 8.5 1 160 2 4 108 1.9 − 0.55 ± 0.10 − 0.74 ± 0.15 1 − 0.63 ± 0.10 − 0.92 ±0.15 1 n.d. n.d.   

3 124 20 4 126 2.5 − 0.61 ± 0.10 − 0.63 ± 0.15 1 − 0.52 ± 0.01 − 0.74 ±0.08 2 n.d. n.d.   
5 118 13 4 159 3.0 − 0.69 ± 0.27 − 1.04 ± 0.22 2 − 0.53 ± 0.02 − 0.69 ±0.23 2 n.d. n.d.   
10 91 13 5 212 3.9 n.d. n.d.  − 0.50 ± 0.20 − 0.70 ±0.30 3 n.d. n.d.   
20 51 16 6 282 5.1 − 0.59 ± 0.10 − 0.85 ± 0.13 2 − 0.59 ± 0.20 − 0.87 ±0.35 3 n.d. n.d.   
30 21 12 6 354 6.3 − 0.69 ± 0.06 − 1.01 ± 0.17 2 − 0.63 ± 0.09 − 1.05 ±0.36 4 n.d. n.d.   
40 5 10 5 393 6.9 n.d. n.d.  n.d. n.d.  n.d. n.d.   
60 0 1 5 430 7.4 n.d. n.d.  n.d. n.d.  n.d. n.d.   

Ferrihydrite 0 863                
0.7g/L; pH 9.1 1 632 38 2 346 4.7 − 0.73 ± 0.10 − 1.13 ± 0.15 1 − 0.43 ± 0.18 − 0.61 ±0.22 3 0.05 ± 0.19 0.11 ± 0.11 2 0.03 

5 520 53 2 525 7.0 n.d. n.d.  n.d. n.d.  n.d. n.d.   
10 463 64 3 605 8.1 − 0.67 ± 0.08 − 1.05 ± 0.25 2 − 0.36 ± 0.23 − 0.51 ±0.35 3 n.d. n.d.   
20 400 53 3 764 9.9 n.d. n.d.  n.d. n.d.  n.d. n.d.   
30 346 79 5 792 10.6 n.d. n.d.  − 0.24 ± 0.14 − 0.34 ±0.19 2 0.07 ± 0.10 0.13 ± 0.05 2  
45 279 83 6 913 12.1 n.d. n.d.  n.d. n.d.  n.d. n.d.   
60 235 41 6 1127 14.2 − 0.59 ± 0.08 − 0.86 ± 0.13 2 − 0.23 ± 0.24 − 0.32 ±0.29 2 n.d. n.d.   
90 133 84 8 1200 15.6 n.d. n.d.  n.d. n.d.   n.d. n.d.   
120 102 88 10 1248 16.2 − 0.68 ± 0.08 − 0.98 ± 0.13 2 − 0.15 ± 0.01 − 0.25 ±0.02 2 n.d. n.d.   
180 30 74 9 1435 18.3 n.d. n.d.  n.d. n.d.  n.d. n.d.   
240 19 64 n.d. n.d.  − 0.77 ± 0.02 − 1.11 ± 0.01 2 − 0.26 ± 0.03 − 0.40 ±0.03 2 0.05 ± 0.05 − 0.03 ± 0.25 2  

Lepidocrocite 0 963                
0.3g/L; pH 8.6 1 957 0 0 12 0.4 n.d. n.d.  0.12 ± 0.00 0.06 ±0.06 3 − 0.01 ± 0.05 − 0.06 ± 0.18 3  

5 911 5 0 89 2.8 n.d. n.d.  n.d. n.d.  n.d. n.d.   
10 888 11 0 117 3.8 n.d. n.d.  0.14 ± 0.07 0.26 ±0.11 4 n.d. n.d.   
20 852 26 1 143 5.0 0.37 ± 0.09 0.49 ± 0.20 3 n.d. n.d.  n.d. n.d.   
30 814 34 2 194 6.8 0.14 ± 0.02 0.18 ± 0.03 2 0.16 ± 0.05 0.36 ±0.19 4 − 0.02 ± 0.07 − 0.06 ± 0.01 4 − 0.02 
60 685 47 3 412 13.7 0.09 ± 0.05 − 0.01 ± 0.03 2 0.21 ± 0.09 0.34 ±0.13 4 n.d. n.d.   
120 496 58 5 755 24.3 n.d. n.d.  n.d. n.d.  n.d. n.d.   
180 330 74 7 1037 33.2 0.02 ± 0.02 0.02 ± 0.07 2 0.17 ± 0.06 0.19 ±0.15 5 n.d. n.d.   
240 150 93 8 1339 42.7 n.d. n.d.  n.d. n.d.  n.d. n.d.   
300 56 77 14 1569 49.2 0.05 ± 0.02 0.00 ± 0.17 2 0.20 ± 0.07 0.30 ±0.08 4 − 0.02 ± 0.07 − 0.04 ± 0.06 4 0.08  
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by electron mass balance (after subtracting the measured concentrations 
of Fe2+

(aq) and FeS), since the total amount of Fe(II) produced (ΣFe(II)) can 
be estimated by doubling the concentration of oxidized sulfur at any 
point in time (Eq. (7)). While this is an approximation, since as discussed 
above, oxidised sulfur species were not measured directly, and the for-
mation of polysulfides will consume a minor amount of the dissolved 
sulfide pool without oxidation (Wan et al., 2014), the isotopic mass 
balance calculated below (section 4.2) confirms that our approximation 
is valid.  

2Fe3+ + HS− → 2Fe2+ + S0 + H+ (7)  

3.4. Iron isotope Analyses 

At specific time intervals, 10 mL samples were taken for isotopic 
analysis of Fe(II)aq, Fe(II)solid (which we define as the sum of Fe(II)ox +

FeS), and unreacted Fe(III) (for selected samples). Fe(II)aq was collected 
via filtration (0.2 µm PTFE filters) into 100 µL of 10 % v/v HCl (to retain 
Fe in solution prior to analysis). A few drops of deoxygenated water were 
then immediately passed through the filter to remove any residual Fe 
(II)aq, followed by 10 mL of 1 % v/v HCl to dissolve Fe(II)ox plus FeS, 
leaving only the remaining unreacted Fe(III) on the filter (see Poulton, 
2003). Unfortunately, there is no way to chemically separate Fe(II)ox 
and FeS, since they are both readily dissolved by dilute acid. However, 
experiments were performed under conditions aimed at minimizing FeS 
precipitation, although as discussed below, this was a significant phase 
in some experiments. Finally, the filter was washed again and 10 mL of 
concentrated HCl was slowly passed through the filter into a third bottle 
to dissolve the remaining unreacted Fe(III). No coloured Fe mineral 
remained on the filter after this procedure, and extensive tests have 
demonstrated the effectiveness of these techniques for separating the 
different Fe phases (see Poulton, 2003; Poulton et al., 2004). 

Samples for isotope analysis were processed through standard anion 
exchange chromatography following the protocol described in Beard 
et al. (2003). In brief, samples were dried down and re-dissolved in al-
iquots (0.2 mL) of 7 M HCl prior to loading onto 0.2 mL clean anion 
exchange resin. After removal of sample matrix with 4 mL of 7 M HCl, 
samples were eluted in 2 mL of 0.5 M HCl, dried down and converted to 
2 % nitric acid matrix of 1–10 mg/L Fe concentration. The purified 
samples were spiked with equal amounts of Cu standard solution of 
known isotope composition (NIST-976 Cu isotope standard). Sample 
recovery was monitored using ferrozine analysis of samples before and 
after ion exchange chromatography, and only samples with >90 % re-
covery were used for isotope analysis. Iron isotope analyses were per-
formed on a Thermo Scientific Neptune multi-collector inductively 
coupled plasma mass spectrometer (MC-ICP-MS) at the Woods Hole 
Oceanographic Institution (USA). Samples were introduced into the 
mass spectrometer as 0.2–2 mg/L Fe/Cu solutions, bracketed by stan-
dards of known isotope composition (typically international Fe isotope 
standard IRMM-14). Sample-standard-sample bracketing and simulta-
neous measurements of spiked Cu isotopes were used for mass bias 
correction. Mass-bias corrected isotope ratios of 56Fe/54Fe and 57Fe/54Fe 
are reported relative to the appropriate starting Fe mineral, using 
standard δ notation (in ‰): 

δ56Fe =

(
56Fe/54Fesample

56Fe/54Festarting mineral
− 1

)

× 1000 (8) 

Several materials of known isotope composition, including SDO-1 (a 
black shale standard reference material with δ56Fe = 0.036 ± 0.046 ‰ 
and δ57Fe = 0.060 ± 0.073 ‰), BIR-1 (a basalt standard reference ma-
terial with δ56Fe = 0.051 ± 0.046 ‰ and δ57Fe = 0.063 ± 0.073 ‰), and 
an in-house gravimetric standard (made by mixing IRMM-14 with 54Fe- 
enriched tracer) were measured routinely for quality control. The 
average analytical precision (the repeatability of the analysis of internal 

standards during the analytical session) and the external precision (the 
repeatability of experimental triplicates) for δ56Fe (2σ) are very similar 
at 0.13 ‰ and 0.10 ‰, respectively (n = 3), and analyses followed the 
expected mass-dependence. 

4. Results 

4.1. Chemical Speciation and Reaction Kinetics 

The chemical speciation data for experiments performed at low and 
high pH (Table 1 and Fig. 1) are entirely consistent with previous studies 
(Poulton, 2003; Poulton et al., 2004). In order to account for rapid 
adsorption of sulfide at the oxide surface during the first minute after 
iron addition (see Poulton, 2003), initial dissolved sulfide was corrected 
using the back-extrapolation of polynomial data after t = 1 min. For the 
more reactive ferrihydrite, lepidocrocite and goethite minerals, the low 
pH experiments promoted rapid dissolution of Fe(II)ox, leading to an 
increase in Fe(II)aq (Fig. 1a–c). By contrast, the low reactivity of he-
matite (see Poulton et al., 2004) led to slow dissolution rates, even at pH 
4, and hence low concentrations of Fe(II)aq (Fig. 1D). Solid phase FeS 
dissolves readily at this pH (Rickard, 2006), and thus only persisted as a 
minor, transient product during the reaction (see Table 1). At pH 4, the 
solubility of FeS is dominated by the free hexaqua Fe2+ species (here-
after referred to as Fe2+

(aq); Rickard, 2006), and thus the speciation of Fe 
(II)aq produced during the low pH experiments largely consists of Fe2+

(aq). 
This is confirmed by speciation calculations in Phreeqc (Table S1), 
which indicate that 93–94 % of Fe(II)aq is characterized by Fe2+

(aq), for any 
starting mineral. As a result, Fe2+

(aq) was by far the most abundant reduced 
Fe species for the low pH experiments involving ferrihydrite, lep-
idocrocite and goethite, whereas Fe(II)ox was the dominant reduced Fe 
pool in the case of hematite (Fig. 1). 

At circumneutral pH and above, rates of Fe(II)ox dissolution are 
significantly reduced, as protonation of the nearest attached oxide or 
hydroxide ion is required to promote dissolution (Zinder et al., 1986). 
Thus, in our experiments with lepidocrocite at pH 8.6 and ferrihydrite at 
pH 8.5 and 9.1, the majority of the reduced Fe remained associated with 
the oxide surface on the time-scale of these experiments, with only 
minor proportions of Fe(II)aq and FeS produced (Fig. 1E–G). At these 
higher pH values, the solubility of FeS is dominated by dissolved sulfide 
complexes (Fe(HS)2 and FeS0

aq clusters; Rickard, 2006), and speciation 
calculations in Phreeqc suggest that these make up to ~82 % of total Fe 
(II)aq, due to the persistence of dissolved sulfide. We note that in the 
majority of experiments, sulfide was still present in solution and hence 
the reaction was still in progress (with the exception of the experiment 
with ferrihydrite at pH 4.0; see Table 1). 

In order to assess the potential role of differences in mineral reac-
tivity, and to evaluate the reliability of these experiments in terms of 
their application to assessing associated Fe isotope fractionations, it is 
instructive to consider both absolute reaction rates and general orders of 
mineral reactivity relative to previous studies. Poulton (2003) and 
Poulton et al. (2004) defined the rate equation for sulfide-promoted Fe 
(III) dissolution of different Fe (oxyhydr)oxide minerals as: 

RFe = kFe(H2S)0.5
t=0 (FeIII)t=0 (9)  

where RFe represents the initial rate of Fe(III) dissolution (in mol L− 1 

min− 1), kFe is the rate constant (in mol− 0.5 L0.5 min− 1), (H2S)t=0 is the 
initial sulfide concentration (in mol L− 1), and (FeIII)t=0 is the initial 
concentration of solid phase ferric Fe (in mol L− 1). Because some of the 
Fe(II) released from the mineral surface immediately reacts to form FeS, 
we calculate the amount of Fe(II) liberated (Fe(II)lib) as Fe(II)aq plus Fe 
present as solid phase FeS. The initial phase of Fe(III) dissolution is 
linear, allowing initial dissolution rates to be determined via simple 
linear regression (Fig. 2) (see Poulton, 2003; Poulton et al., 2004). The 
resulting rate constants demonstrate that reactivity at pH 4 increased in 
the order hematite (kFe = 1.6 × 10− 2 mol− 0.5 L0.5 min− 1) < goethite (kFe 
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Fig. 1. Chemical speciation data for sulfidation experiments performed at pH 4 (A-D) and pH >8 (E–G). Data for surface-reduced Fe is calculated from the total Fe(II) 
mass balance (see text for details). Error bars (based on replicate analyses of stock solutions) are within the size of the data symbols. 
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Fig. 2. Temporary variations of total reduced Fe (ΣFe(II) = Fe2+
aq + FeS + Fe(II)ox) and the amount of reduced Fe liberated into solution (Fe(II)lib = Fe2+

aq + FeS). Filled 
symbols indicate the linear phase of the experiment, which were used to calculate reaction rates for the initial stages of the experiments. 
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= 8.2 × 10− 2 mol− 0.5 L0.5 min− 1) < lepidocrocite (kFe = 35.1 × 10− 2 

mol− 0.5 L0.5 min− 1) < ferrihydrite (kFe = 63.0 × 10− 2 mol− 0.5 L0.5 

min− 1). The increased reactivity of ferrihydrite and lepidocrocite, rela-
tive to the more ordered goethite and hematite minerals, is consistent 
with previous studies at pH 7.5, although overall rates are 1–3 orders of 
magnitude higher at pH 4 (Poulton et al., 2004). Peiffer and Gade (2007) 
found that Fe (oxyhydr)oxide reactivity was reversed at low pH, with 
goethite being more reactive towards dissolved sulfide than ferrihydrite. 
Our data suggest that the reactivity of goethite approaches that of fer-
rihydrite at pH 4, but we find no evidence for a reversal in the order of 
reactivity for the different minerals. 

A direct comparison can also be made between previous studies of 
ferrihydrite dissolution at pH 4 (Poulton, 2003) and our experiment 
performed under similar conditions. Recasting Eqn. (9) in terms of initial 
surface area (in m2 g− 1) instead of (Fe3+)t=0 allows experiments per-
formed with different batches of ferrihydrite to be compared (reactivity 
depends on relative surface area, rather than the absolute mass of 
different mineral batches used in the experiments). The similarity in the 
calculated rate constants (kFe = 2.7 × 10− 5 mol0.5 L0.5 m− 2 min− 1 in the 
present study, compared to kFe = 2.6 × 10− 5 mol0.5 L0.5 m− 2 min− 1 in 
Poulton, 2003) provides support for the robust nature of our experi-
mental procedure. 

4.2. Fe Isotope compositions 

Non-reductive dissolution experiments with 6 N HCl, which were 
conducted to check for isotopic homogeneity of the starting Fe-oxide 
mineral, show contrasting results for goethite and hematite (Table 3). 
With the exception of the first sample, the initial dissolution of the 
surface of goethite produced dissolved Fe that was isotopically heavier 
than the bulk mineral, suggesting that the synthetic mineral was likely 
zoned (with a 56Fe-enriched rim), since non-reductive dissolution of Fe 
(oxyhydr)oxides does not tend to impart an isotopic fractionation 
(Wiederhold et al., 2006), particularly at high HCl concentration (6 N). 
Isotopic zonation may occur as a result of a kinetic effect during goethite 
precipitation at medium temperature (see section 3.1), which may not 
favour extensive isotope exchange. Although we were not able to 
perform this check on lepidocrocite, it is plausible that this mineral may 
also have an isotopically enriched rim, as its synthesis involves Fe(II)aq 
oxidation at room temperature. By contrast, during hematite 

dissolution, δ56Fe compositions of dissolved Fe were on average some-
what lighter than the bulk mineral during the initial dissolution stages, 
but the majority of these analyses were within error of the hematite bulk 
sample. The absence of isotopic zonation likely reflects insignificant 
kinetic effects during hematite synthesis at higher temperature (see 
section 3.1), which may promote isotope exchange and homogenization 
during precipitation. 

Iron isotope compositions were determined for Fe(II)aq, Fe(II)solid 
(defined as Fe(II)ox + FeS), and unreacted Fe(III) (Fe(III)unreac; Tables 1 
and 3). The isotope compositions for total Fe (δ56FeT; Tables 1 and 2) 
were calculated on ~20 % of the samples, as the weighted sums of the 
three measured isotope pools (Eqn. (10): 

δ56FeT =

([Fe(II)aq

]

[FeT]
× δ56FeFe(II)aq

)

+

(
[Fe(II)solid]

[FeT]

× δ56FeFe(II)solid

)

+

(
[Fe(III)unreac]

[FeT]
× δ56FeFe(III)unreac

)

(10)  

Our data give an average isotopic mass balance close to zero (0.02 ±
0.03 ‰, 2σ, n = 10), providing strong support for the validity of our Fe 
(II) pool calculations and the robustness of our experimental approach. 

In the majority of experiments conducted at pH 4, the Fe(II)aq pool 
was isotopically lighter than the Fe(II)solid pool, with the exception of the 
first ferrihydrite sample and the reaction with lepidocrocite, where Fe 
(II) products are hardly distinguishable (Fig. 3). The dissolved phase was 
also isotopically lighter than the starting mineral (i.e., δ56Fe < 0) for 
ferrihydrite and hematite, with compositions down to − 0.23 ± 0.11 ‰ 
and − 0.51 ± 0.07 ‰, respectively. We note that for these minerals, 
however, solid Fe(II) products were dominantly heavier than the start-
ing material, with compositions up to 0.31 ± 0.04 ‰ and 0.36 ± 0.10 ‰ 
for ferrihydrite and hematite, respectively. By contrast, for lepidocrocite 
and goethite, almost all Fe products were isotopically heavier than the 
starting mineral, with compositions up to 0.31 ± 0.04 ‰ for lep-
idocrocite, and 0.58 ± 0.02 ‰ for goethite. 

For experiments conducted at alkaline pH, Fe(II) products were 
isotopically lighter than the starting material for ferrihydrite, while in 
the case of lepidocrocite, Fe(II) products were heavier, with the Fe(II)aq 
pool isotopically lighter than the Fe(II)solid pool (Fig. 3). We note that the 
two Fe(II) pools had a similar isotope composition for the experiment 
with ferrihydrite at pH 8.5, clustering around ~− 0.6 ‰, while the Fe 
(II)aq pool is on average ~0.4 ‰ lighter than the solid Fe(II) product for 
the experiment at pH 9.1. 

5. Discussion 

5.1. Mechanistic controls on Fe isotope fractionation 

5.1.1. Secondary adsorption effects 
In order to evaluate controls on isotopic fractionation during both 

the reductive and dissolution phases of this reaction, it is important to 
consider a potential secondary overprint which may result from Fe(II)aq 
adsorption at the oxide surface. This process has been suggested to 
produce a significant isotope fractionation (≥2.5 ‰) between aqueous 
Fe(II) and Fe-oxide minerals, attributed to preferential adsorption of 
heavier isotopes onto the oxide surface (Icopini et al., 2004; Teutsch 
et al., 2005). Subsequent experiments investigating the surface inter-
action between aqueous Fe(II) and a range of minerals (ferrihydrite, 
hematite and goethite) have confirmed the preferential sorption of 
heavier Fe(II), albeit with a smaller isotope fractionation between Fe 
(II)aq and sorbed Fe(II), ranging from ~0.5 to 1.3 ‰ (Wu et al., 2009, 
2011; Mikutta et al., 2009; Beard et al., 2010). 

At first glance, our experimental results at low pH may reflect the 
preferential adsorption of heavy isotopes onto the mineral surface, 
leaving an isotopically depleted residual Fe(II)aq pool (Fig. 3). However, 
we argue that at pH 4, adsorption of Fe2+

(aq) is negligible on the positively 
charged surfaces of Fe (oxyhydr)oxide and FeS (Silvester et al., 2005; 

Table 3 
Isotope composition of dissolved Fe during incremental non-reductive dissolu-
tion of Fe-oxide mineral with 6 N HCl. All isotope analyses are normalised to the 
bulk Fe isotope composition of each starting mineral; n = number of replicate 
analyses.   

Fe dissolved (%) δ56Fe (‰) δ57Fe (‰) n 

Goethite  0.7 − 0.12 ± 0.11 − 0.10 ± 0.20 4  
0.9 0.09 ± 0.02 0.20 ± 0.12 4  
2.3 0.28 ± 0.01 0.38 ± 0.08 2  
3.4 0.37 ± 0.04 0.59 ± 0.06 3  
4.4 0.26 ± 0.03 0.48 ± 0.15 3  
6.3 0.34 ± 0.15 0.53 ± 0.30 4  
8.6 0.27 ± 0.09 0.45 ± 0.09 2  
9.8 0.27 ± 0.21 0.46 ± 0.30 4  

12.1 0.45 ± 0.12 0.70 ± 0.10 4  
100.0 − 0.02 ± 0.09 − 0.02 ± 0.09 4  

Hematite  1.4 − 0.05 ± 0.07 − 0.07 ± 0.17 4  
2.9 − 0.08 ± 0.16 − 0.09 ± 0.33 4  
9.8 − 0.04 ± 0.15 − 0.09 ± 0.26 4  

12.6 − 0.11 ± 0.17 − 0.11 ± 0.13 4  
14.9 − 0.15 ± 0.15 − 0.22 ± 0.24 4  
20.0 − 0.08 ± 0.00 − 0.19 ± 0.17 2  
23.0 − 0.07 ± 0.17 − 0.13 ± 0.28 4  
27.7 − 0.17 ± 0.03 − 0.33 ± 0.05 2  
28.0 − 0.03 ± 0.08 − 0.06 ± 0.08 4  

100.0 0.00 ± 0.16 − 0.02 ± 0.19 4  
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Wolthers et al., 2005), and is thus unlikely to exert any influence on our 
experiments at low pH (see also Wiederhold et al., 2006). By contrast, at 
higher pH, the increase in positively charged sites at mineral surfaces 
may enhance Fe(II)aq re-adsorption effects. Poulton (2003), however, 
suggested that adsorption of Fe(II)aq would not be a significant process 
providing sulfide remains in solution (which was the case for our ex-
periments at alkaline pH, since isotopic measurements were only made 
for samples taken while sulfide was still present in solution; Table 2). 
Under these conditions, FeS forms almost instantaneously (Rickard, 
1995) and its limited solubility is dominated by the neutrally charged 
dissolved FeS0

(aq) species (Rickard, 2006). This is further confirmed by Fe 
(II)aq speciation calculations, which show a substantially decreased 
proportion of Fe2+

(aq), in favour of sulfide complexes. Furthermore, direct 
measurements of adsorbed Fe(II) during sulfidation reactions with fer-
rihydrite at alkaline pH (using CaCl2 as an extractant for adsorbed Fe 
(II)), showed that at the end of experiments when dissolved sulfide was 
completely reacted from solution, adsorbed Fe(II) accounted for <2 % of 
the total Fe(II) pool (Poulton, 2003). In fact, after all dissolved sulfide 
has reacted from solution, Fe(II) associated with the oxide surface 
continues to decrease (due to the slow dissolution of Fe(II)ox), rather 
than increase (due to potential re-adsorption of Fe(II)aq). Thus, whilst 
we cannot entirely rule out adsorption effects at higher pH, it is unlikely 

that Fe(II)aq that has truly escaped the influence of the oxide surface 
outer-sphere could extensively re-adsorb onto Fe-oxides and FeS sur-
faces. In fact, for all higher-pH experiments, the lack of a large frac-
tionation between Fe(II)aq and solid Fe(II) (Fig. 3) further argues against 
the typical Fe isotope fractionations expected in association with 
adsorption effects. 

However, as discussed below, even minor re-adsorption at higher pH 
may permit electron transfer to the mineral surface and subsequently to 
the bulk mineral, with potential isotope fractionations (e.g., Crosby 
et al., 2005, 2007; Handler et al., 2009). Hence, while we propose that 
Fe isotope fractionations commonly associated with re-adsorption are 
likely to be muted in our experiments, the process may contribute to 
fractionations associated with electron transfer and the general mineral 
reduction step. 

5.1.2. Reduction-dominated Fe isotope fractionation 
The three major ferrous Fe pools that are generated during reductive 

dissolution of Fe (oxyhydr)oxides by sulfide are Fe(II)aq, Fe(II) associ-
ated with the oxide surface (i.e., Fe(II)ox from Eqs. (2)–(4)), and Fe(II)aq 
that has reacted with sulfide to form FeS. The isotope composition of the 
combined Fe(II) pools (δ56FeΣFe(II)) can be calculated through simple 
isotope mass balance, as Fe(II)ox and FeS were measured as a single 

Table 4 
Calculated isotope fractionations for the reductive (Δ56ΣFeFe(II)) and dissolution (Δ56FeFe(II)lib− Fe(II)ox) steps of the reaction mechanism, and Fe2+

(aq) isotope compositions 
corrected for the influence of FeS precipitation (δ56FeFe(II)lib). ΣFe(II)/FeT refers to the proportion (%) of the bulk mineral that has been reduced. Apart from Δ56ΣFeFe 

(II), errors are 2σ and were derived through standard error propagation.  

Experiment Time ΣFe(II)/FeT FeΣFe(II) FeFe(II)lib δ56FeΣFe(II) δ56FeFe(II)lib δ56FeFe(II)ox Δ56FeΣFe(II) − Fe-oxide Δ56FeFe(II)lib − Fe(II)ox 

(mins) (%) (μM) (μM) (‰) (‰) (‰) (‰) (‰) 

Ferrihydrite 1  2.6 304 183 − 0.18 ± 0.08 − 0.25 ± 0.31 − 0.06 ± 0.30 − 0.18 ± 0.08 − 0.19 ± 0.43 
1.0 g/L; pH 4 3  3.2 379 301 − 0.19 ± 0.11 − 0.24 ± 0.32 0.01 ± 0.30 − 0.19 ± 0.11 − 0.25 ± 0.44 

5  3.2 383 338 − 0.13 ± 0.23 − 0.19 ± 0.37 0.36 ± 0.32 − 0.13 ± 0.23 − 0.55 ± 0.48 
7  3.4 399 370 − 0.13 ± 0.12 − 0.17 ± 0.32 0.35 ± 0.30 − 0.13 ± 0.12 − 0.52 ± 0.44 
10  3.4 406 386 − 0.08 ± 0.09 − 0.11 ± 0.31 0.54 ± 0.30 − 0.08 ± 0.09 − 0.65 ± 0.43 
20  3.5 417 409 − 0.12 ± 0.17 − 0.13 ± 0.32 0.52 ± 0.33 − 0.12 ± 0.17 − 0.65 ± 0.46 
30  3.5 419 412 − 0.15 ± 0.15 − 0.16 ± 0.31 0.54 ± 0.33 − 0.15 ± 0.15 − 0.70 ± 0.45 
45  3.5 419 413 − 0.09 ± 0.08 − 0.10 ± 0.31 0.60 ± 0.30 − 0.09 ± 0.08 − 0.70 ± 0.43 
60  3.6 432 432 − 0.12 ± 0.19 − 0.12 ± 0.34  − 0.12 ± 0.19   

Lepidocrocite 10  21.1 592 297 0.18 ± 0.05 − 0.05 ± 0.30 0.42 ± 0.30 0.18 ± 0.05 − 0.48 ± 0.43 
0.25 g/L; pH 4 20  31.8 894 538 0.10 ± 0.17 0.00 ± 0.31 0.27 ± 0.34 0.10 ± 0.17 − 0.27 ± 0.46 

45  36.4 1122 979 0.06 ± 0.19 − 0.03 ± 0.31 0.66 ± 0.34 0.06 ± 0.19 − 0.69 ± 0.46  

Goethite 1  3.7 206 53 0.14 ± 0.11 − 0.58 ± 0.31 0.38 ± 0.32 0.14 ± 0.11 − 0.96 ± 0.44 
0.5 g/L; pH 4 15  8.5 476 190 0.30 ± 0.19 0.12 ± 0.32 0.42 ± 0.34 0.30 ± 0.19 − 0.84 ± 0.46 

45  9.4 529 483 0.33 ± 0.22 0.19 ± 0.34 1.73 ± 0.34 0.33 ± 0.22 − 1.54 ± 0.48 
135  13.1 737 669 0.29 ± 0.10 0.21 ± 0.32 1.09 ± 0.30 0.29 ± 0.10 − 0.88 ± 0.44 
255  13.4 754 704 0.23 ± 0.18 0.13 ± 0.30 1.68 ± 0.35 0.23 ± 0.18 − 1.56 ± 0.46  

Hematite 1  0.7 44 25 0.19 ± 0.11 − 0.72 ± 0.31 1.40 ± 0.32 0.19 ± 0.11 − 2.12 ± 0.44 
0.5 g/L; pH 4 20  2.0 122 66 0.09 ± 0.12 − 0.75 ± 0.31 1.07 ± 0.32 0.09 ± 0.12 − 1.82 ± 0.44 

75  3.3 206 78 0.17 ± 0.14 − 0.71 ± 0.32 0.71 ± 0.32 0.17 ± 0.14 − 1.42 ± 0.45 
195  4.7 296 72 0.25 ± 0.24 − 0.65 ± 0.37 0.53 ± 0.32 0.25 ± 0.24 − 1.18 ± 0.49  

Ferrihydrite 1  1.9 114 6 − 0.63 ± 0.14 − 0.65 ± 0.32 − 0.62 ± 0.32 − 0.63 ± 0.14 − 0.02 ± 0.45 
0.5 g/L; pH 8.5 3  2.5 150 24 − 0.52 ± 0.10 − 0.81 ± 0.32 − 0.47 ± 0.30 − 0.52 ± 0.10 − 0.34 ± 0.44 

5  3.0 176 17 − 0.53 ± 0.27 − 0.81 ± 0.40 − 0.50 ± 0.30 − 0.53 ± 0.27 − 0.30 ± 0.50 
20  5.1 304 22 − 0.59 ± 0.22 − 0.78 ± 0.31 − 0.58 ± 0.36 − 0.59 ± 0.22 − 0.20 ± 0.48 
30  6.3 372 18 − 0.63 ± 0.11 − 0.80 ± 0.31 − 0.62 ± 0.31 − 0.63 ± 0.11 − 0.17 ± 0.44  

Ferrihydrite 1  4.7 386 40 − 0.43 ± 0.21 − 0.84 ± 0.32 − 0.38 ± 0.35 − 0.43 ± 0.21 − 0.46 ± 0.47 
0.7 g/L; pH 9.1 10  8.1 672 67 − 0.36 ± 0.25 − 0.84 ± 0.31 − 0.31 ± 0.38 − 0.36 ± 0.25 − 0.54 ± 0.49 

60  14.2 1174 47 − 0.23 ± 0.26 − 0.82 ± 0.31 − 0.20 ± 0.39 − 0.23 ± 0.26 − 0.61 ± 0.50 
120  16.2 1346 98 − 0.15 ± 0.08 − 0.83 ± 0.31 − 0.10 ± 0.30 − 0.15 ± 0.08 − 0.73 ± 0.43  

Lepidocrocite 30  6.8 230 36 0.16 ± 0.05 − 0.81 ± 0.30 0.33 ± 0.30 0.16 ± 0.05 − 1.14 ± 0.43 
0.3 g/L; pH 8.6 60  13.7 462 50 0.21 ± 0.10 − 0.80 ± 0.30 0.33 ± 0.31 0.21 ± 0.10 − 1.13 ± 0.44 

180  33.2 1118 81 0.17 ± 0.06 − 0.77 ± 0.30 0.24 ± 0.31 0.17 ± 0.06 − 1.01 ± 0.43 
300  49.2 1660 91 0.20 ± 0.07 − 0.71 ± 0.30 0.25 ± 0.31 0.20 ± 0.07 − 0.96 ± 0.43  
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isotopic pool (i.e., Fe(II)solid in our experiments): 

δ56FeΣFe(II) =

([Fe(II)aq

]

[ΣFe(II)]
× δ56FeFe(II)aq

)

+

(
[Fe(II)solid]

[ΣFe(II)]
× δ56FeFe(II)solid

)

(11)  

Because our measured isotope compositions are normalized to the 
isotope composition of the starting material, δ56FeΣFe(II) is equivalent to 
the isotope fractionation attributable to the overall reduction- 
dominated step during sulfidation (Table 4 and Fig. 4). 

We start with our alkaline-pH experiments, which were designed to 
hamper extensive dissolution to allow focus on Fe isotope fractionations 
dominantly associated with the reduction process. Because the produc-
tion of dissolved Fe(II)aq is significantly diminished at higher pH (Fig. 1), 
the difference between δ56FeFe(II)solid and δ56FeΣFe(II) is only minor 
(Figs. 3 and 4). We note that for the ferrihydrite experiments, which 
correspond to the lowest extent of reduction (with low Fe(II)/ FeT; Ta-
bles 2 and 4) but also to the fastest reduction rates (Fig. 2; Table 5), both 
the Fe(II)solid and Fe(II)aq pools are enriched in the light isotopes, with 
δ56FeΣFe(II) down to ~ − 0.6 ‰. Hence, the reductive step of the reaction 
is characterized by a kinetic incorporation of light isotopes in the 
reduced ΣFe(II) pool (Fig. 4). We note that with higher extents of 
reduction (i.e., for the ferrihydrite experiment at pH 9.1), the isotopic 
composition of the Fe(II)solid pool becomes less negative. 

At a slower mineral reduction rate, as is the case for the lepidocrocite 
experiment, the isotopic composition of the Fe(II)solid pool becomes 
slightly positive, presumably reflecting a higher extent of isotope ex-
change at slower reaction rates, as opposed to rapid reaction rates which 
favour the expression of kinetic effects. We mentioned above that syn-
thetic lepidocrocite may exhibit a 56Fe-enriched rim, which could lead to 
apparent high δ56Fe compositions in the ΣFe(II) pool. However, the 
large proportion of Fe(II)ox in the lepidocrocite experiments (Table 1) 
implies that the reduction of any potential 56Fe-enriched-rim should 
have been exhausted, and we conclude that the persisting positive 
δ56FeFe(II)ox values do not reflect a zonation overprint. Handler et al. 
(2009) showed that for well-ordered oxyhydroxides, isotope exchange 
between the bulk mineral and its aqueous media readily occurs, due to 
electron-transfer towards the bulk mineral structure. This mechanism 
was also proposed by Crosby et al. (2005) during DIR, whereby isotope 
fractionations are suggested to be generated by atom and electron ex-
change between Fe2+

(aq) and a reactive layer of Fe(III) at the oxide surface. 
This contrasts greatly with the less-ordered ferrihydrite, which shows 
limited isotope exchange with the media (Poulson et al., 2005), pre-
sumably due to its nanocrystalline size (Michel et al., 2007; but see also 
Guilbaud et al., 2010; Chanda et al., 2021 for discussions on isotope 
exchange within nanoparticles). Electron-transfer towards the bulk 
mineral structure, which may result in expansive reduction beyond the 
mineral surface, is reflected by the formation of magnetite and FeS upon 
sulfidation of FeOOH (Hellige et al., 2012). Our results for the lep-
idocrocite experiments support this process, with a large extent of 
mineral reduction and the formation of a slightly 56Fe-enriched Fe(II)ox 
pool (Fig. 3G). This is entirely consistent with early-stage isotope ex-
change between Fe(II)aq and magnetite (e.g., Frierdich et al., 2014) but 
also with FeS at alkaline pH (Wu et al., 2012a). Therefore, we conclude 
that under alkaline pH, the reduction step is accompanied by a signifi-
cant kinetic Fe isotope fractionation, modulated by the extent of isotope 
exchange, which depends upon Fe (oxyhydr)oxide structure and reac-
tivity, and therefore on the rates of mineral reduction. 

Under acidic conditions (pH 4), we note that the speciation results 
for hematite, which shows the slowest reduction rates, are also char-
acterized by limited dissolution and rather extensive formation of Fe 
(II)ox (Fig. 1D). In this sense, results may be interpreted in a similar 
manner to the alkaline lepidocrocite experiments, whereby a lower 
mineral reactivity results in the formation of a slightly heavier Fe(II)ox 
pool, relative to the bulk mineral, due to a higher potential for isotopes 
to exchange. A major difference between the hematite (pH 4) and the 

lepidocrocite (pH 8.6) experiments relates to the Fe isotope composition 
of Fe(II)aq, with δ56Fe down to − 0.51 ± 0.07 ‰ in the case of the he-
matite experiment, while the lepidocrocite (pH 8.6) experiment sys-
tematically produced heavier (δ56Fe >0 ‰) Fe(II)aq (Fig. 3). These 
different Fe(II)aq compositions likely reflect formation of a larger pro-
portion of isotopically heavier Fe(HS)2 species in the lepidocrocite ex-
periments at higher pH (Table 2, Wu et al., 2012a). 

For all other minerals at pH 4, we observe a substantially higher 
release of dissolved Fe(II)aq, which may overprint the Fe isotope signa-
ture from the reduction step. However, Eqn. (11) and the resulting 
Δ56FeΣFe(II)–Fe-oxide (which is the difference between δ56FeΣFe(II) and 
δ56FeFe-oxide) accounts for all Fe(II) species produced, regardless of the 
dissolution process. For ferrihydrite, the lighter isotope accumulates 
preferentially in the Fe(II)aq pool, as for the higher pH experiments. This 
leaves Fe(II)ox, which dominates the Fe(II)solid pool at this pH, with 
heavier isotopic signatures (Fig. 3A). The total ΣFe(II) products are 
isotopically lighter than the Fe(III) mineral (Fig. 4A). For goethite and 
lepidocrocite, however, the reductive step results in Fe(II)aq and ΣFe(II) 
that are isotopically heavier than the bulk mineral (Fig. 4B and C). In the 
case of goethite, the ΣFe(II) produced in the reductive step Δ56FeΣFe(II)– 

Fe-oxide = 0.33 ± 0.20 ‰ when 9.4 % of the mineral is reduced; Table 4), 
is similar to that released at the same stage of the reaction by non- 
reductive dissolution with 6N HCl (δ56Fe = 0.27 ± 0.21 ‰ at 9.8 % 
dissolution; Table 3), clearly suggesting that this is an artefact relating to 
the presence of an isotopically-heavy rim on the mineral. For this reason, 
results for the goethite experiments are excluded from further discus-
sion. By contrast, as mentioned above in the case of lepidocrocite, a 
potential isotopically heavy rim would have been consumed by the large 
extent of reduction (Table 4), and therefore the 56Fe enrichments 
observed in ΣFe(II) (Figs. 3 and 4) cannot be attributed to isotope 
zonation. Instead, we propose that, as for ferrihydrite, solid reduction 
products (Fe(II)solid) are slightly enriched in 56Fe. By comparison with 
the ferrihydrite experiment, there is a larger proportion of FeS as a 
reduction product during lepidocrocite sulfidation, which has also been 
demonstrated by TEM and spectroscopic techniques (Hellige et al., 
2012; Wan et al., 2014). The persistence of FeS may explain the rela-
tively lighter compositions for Fe(II)solid relative to Fe2+

(aq) at low pH, 
albeit with significant exchange between the solid pool and the large, 
dissolved pool (Butler et al., 2005; Guilbaud et al., 2010; Wu et al., 
2012a). 

Together, our results at low and high pH suggest that the Fe isotope 
composition of dissolved and solid reduced products depends on the 
speciation of dissolved Fe(II)aq (triggered by pH), the structure and 
reactivity of the starting material, the extent of mineral reduction, and 
the reduction rates themselves. The full range of potential Fe(II) prod-
ucts is summarised by Fig. 5. We next explore controls on the magnitude 
of the reduction step (i.e., Δ56FeΣFe(II)–Fe-oxide) by considering the ex-
periments performed with ferrihydrite under different conditions. For 
the ferrihydrite experiments conducted at pH 4.0 and 8.5, there is no 
consistent trend in the magnitude of Δ56FeΣFe(II)–Fe-oxide fractionations as 
the reaction progresses (Table 4, Fig. 4A, E and F). Hence it is not simply 
the extent of reduction and dissolution of surface layers that controls the 
magnitude of the reductive step isotope fractionations. If this were the 
case (i.e., if new surface sites were not generated rapidly enough due to 
the slow release of Fe(II)ox to solution), then Δ56FeΣFe(II)–Fe-oxide frac-
tionations would decrease rapidly as the reaction progresses and 
approach zero at an early stage of the experiment. This is, in fact, 
observed for the experiment at pH 9.1 (Fig. 4F), where a significant 
proportion of the mineral is reduced with only minor release of Fe(II)aq 
to solution (Table 1). In this experiment, it is clear that the lighter 
isotope is initially preferentially reduced and released to solution 
(similar to the other two ferrihydrite experiments, Fig. 6), but due to the 
slow release of Fe(II)ox at high pH, available surface sites become 
increasingly limited and thus Δ56FeΣFe(II)–Fe-oxide fractionations become 
progressively smaller with time. 

To evaluate the magnitude of isotope fractionation during the early 
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Fig. 3. Measured iron isotope compositions (δ56Fe) of dissolved Fe2+ (black circles), and solid Fe(II), defined as Fe(II)ox + FeS (open circles), for experiments 
performed at pH 4 (A-D) and pH >8 (E-G). The dashed line at 0 ‰ marks the isotope composition of the starting material. Error bars are 2σ. 
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Fig. 4. Calculated isotope fractionations for the reduction step (Δ56FeΣFe(II)–Fe-oxide) and dissolution step (Δ56FeFe(II)lib− Fe(II)ox) during the reactions at pH 4 (A-D) and 
pH >8 (E-G). Error bars are 2σ. Note that Δ56FeFe(II)lib− Fe(II)ox values for the goethite experiments are not plotted or discussed, due to the presence of an isotopic 
zonation between the rim and mineral core. 
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stage of the experiments, before surface sites become limiting, we 
compare the average initial Δ56FeΣFe(II)–Fe-oxide fractionations for ferri-
hydrite as a function of the initial reduction rate (Fig. 6A). The observed 
relationships suggest that for one particular mineral structure (e.g., 
ferrihydrite), it is the rate at which the oxide surface is reduced that 
initially controls the extent of fractionation during the reductive step, 
with slower rates favouring increased fractionations. The magnitude of 
reductive-step fractionations is thus a function of the parameters that 
control reaction rates, including mineral surface area and concentration, 
sulfide concentration, and pH (Pyzik and Sommer, 1981; Dos Santos and 
Stumm, 1992; Peiffer et al., 1992; Yao and Millero, 1996; Poulton, 2003; 
Poulton et al., 2004). 

5.1.3. Dissolution-dominated Fe isotope fractionation 
Following electron transfer, the second mechanistic part of the sul-

fidation reaction that may cause Fe isotope fractionation is the disso-
lution step (Eq. (4)). This fractionation can be calculated from isotope 
mass balance between the total reduced Fe (ΣFe(II)) and the dissolved Fe 
(II)aq pools. A complication, however, is that some of the Fe(II)aq 
released from the mineral surface in our experiments immediately reacts 
with free sulfide to form FeS. Although our experiments were conducted 
with the aim of minimizing formation of FeS, this phase was present in 
all experiments, and in some cases represented a significant proportion 
of the total Fe(II) pool (Tables 1 and 2). Formation of FeS from Fe2+

(aq) 
(Eqn. (6) is associated with a significant isotope fractionation, and at pH 
4, freshly precipitated FeS is 0.85 ± 0.30 ‰ lighter than the co-existing 
Fe2+

(aq) from which it formed (Butler et al., 2005). At pH 4, rapid isotopic 
exchange between FeS and Fe2+

(aq) results in an isotopic steady state, 
where FeS nanoparticles are 0.27 ± 0.11 ‰ lighter than Fe2+

(aq) (Guilbaud 
et al., 2010). At neutral to alkaline pH, however, FeS may reach isotopic 
equilibrium with Fe(II)aq species (presumably FeS0

aq and Fe(HS)2), 
whereby FeS particles are enriched in the heavier isotopes by 0.32 ±
0.29 ‰ (Wu et al., 2012a). 

In order to take into account secondary fractionations associated 
with FeS formation, we estimate the isotopic composition of the Fe(II) 
released to solution (δ56FeFe(II)lib) by assuming an isotopic composition 
of − 0.85 ‰ for freshly precipitated FeS (Butler et al., 2005), according 
to the isotope mass balance: 

δ56FeFe(II)lib =

(
[FeS]

[Fe(II)lib]
× δ56FeFeS

)

+

([Fe(II)aq

]

[Fe(II)lib]
× δ56FeFe(II)aq

)

(12)  

Further, we calculate the isotope composition of the reduced Fe(II) pool 
at the oxide surface: 

δ56FeFe(II)ox =

(
[Fe(II)solid]

[Fe(II)ox]
× δ56FeFe(II)solid

)

−

(
[FeS]

[Fe(II)ox]
× δ56FeFeS

)

(13) 

We note that using an isotope composition of − 0.85 ‰ for freshly 
precipitated FeS is conservative, as 1) most of the isotopic exchange 
following FeS precipitation occurs within the first 4 h of ageing, 
resulting in a smaller isotope fractionation between Fe(II)aq and FeS 
(Guilbaud et al., 2010), and 2) the FeS/Fe(II)aq ratios in our experiments 
are far larger than those used in Butler et al. (2005), further resulting in a 
lesser expression of the kinetic Fe isotope fractionation between Fe(II)aq 
and FeS. Therefore, our δ56FeFe(II)lib calculations represent a lower limit 
of the range of expected compositions. In general, due to the low (i.e., 
<100 µM FeS) concentrations of FeS present, the isotope compositions of 
Fe(II)aq and Fe(II)lib are very similar, with the exception of the experi-
ment with lepidocrocite at pH 8.6, where high concentrations of FeS 
relative to Fe(II)aq result in corrected δ56FeFe(II)lib values that are ~0.7 ‰ 
to 0.8 ‰ lower than the measured δ56FeFe(II)aq values (cf. Tables 2 and 
4). However, as mentioned above, Wu et al., (2012a) showed that 
isotope exchange between Fe(II)aq and FeS occurs more rapidly at higher 
pH, presumably due to a change in Fe(II)aq speciation, which is domi-
nated by sulfide complexes rather than Fe2+

(aq). This implies that the lower 
limit derived from our calculation likely reflects an overestimation of 
the δ56FeFe(II)lib value in this case. Nevertheless, for the majority of ex-
periments, minor variations in the assumed isotope composition of the 
precipitated FeS will not significantly alter either our calculations of 
absolute fractionations or our conclusions. 

The difference in isotope composition between the δ56FeFe(II)lib pool 
and the remaining surface reduced Fe(II) pool represents the apparent 
fractionation during the dissolution step (Δ56FeFe(II)lib− Fe(II)ox), irre-
spective of FeS precipitation. With the exception of one experiment 
(ferrihydrite at pH 8.5), isotope fractionation during the dissolution step 
exceeds isotope fractionation during the reduction step, with more 
negative Δ56FeFe(II)lib− Fe(II)ox values (Table 4, Fig. 4). In these cases, the 
dissolution step results in the release of Fe(II) that is isotopically lighter 

Table 5 
Calculated initial reaction rates for Fe(III) reduction and Fe(II) dissolution, and 
their associated average isotope fractionations (Δ56ΣFeFe(II) and Δ56FeFe(II)lib− Fe 

(II)ox, respectively). Rates were calculated from linear regression (see Fig. 2). 
Errors are 2σ and were derived through standard error propagation; n.c. stands 
for ‘not calculated’, because of isotopic heterogeneity of the initial Fe-oxide or 
because initial isotope data are lacking.  

Experiment Fe(III) 
reduction rate 

Δ56FeΣFe 

(II) 

Fe(II) 
dissolution 
rate 

Δ56FeFe(II) 

lib-Fe(II)ox 

(µM/ 
min) 

R2 (‰) (µM/ 
min) 

R2 (‰) 

Ferrihydrite pH 
4 

144  0.65 − 0.18 ±
0.10 

109  0.86 − 0.22 ±
0.43 

Lepidocrocite 
pH 4 

62  0.72 − 0.18 ±
0.05 

29  0.99 − 0.48 ±
0.43 

Goethite pH 4 33  0.73 n.c. 14  0.96 − 1.11 ±
0.46 

Hematite pH 4 12  0.85 − 0.19 ±
0.11 

3.4  0.79 − 1.97 ±
0.44 

Ferrihydrite pH 
8.5 

56  0.70 − 0.56 ±
0.16 

7.8  0.99 − 0.22 ±
0.46 

Ferrihydrite pH 
9.1 

126  0.60 − 043 ±
0.19 

12  0.52 − 0.50 ±
0.48 

Lepidocrocite 
pH 8.6 

14  0.94 n.c. 1.1  0.99 − 1.14 ±
0.43  

Fig. 5. Summary cartoon of the potential range of all Fe(II) products during 
ferrihydrite (Fh), lepidocrocite (Lp) and hematite (hm) reduction by sulfide, 
including both solids and dissolved species at any pH. Squares represent the 
starting ferric minerals, with Fe isotope compositions of 0 ‰. Shading repre-
sents the entire potential range of Fe(II) products. The arrows depict the range 
of compositions of the dissolved species only (Fe2+

aq at low pH and Fe(HS)2 at 
higher pH). 
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than that produced during the reduction step (Table 5), which is 
consistent with a significant body of evidence suggesting that reductive 
dissolution releases isotopically light Fe(II) to solution, regardless of the 
precise reductive mechanism (Beard et al., 1999; Brantley et al., 2004; 
Icopini et al., 2004; Crosby et al., 2005, 2007; Johnson et al., 2005; 
Wiederhold et al., 2006). 

In determining the controls on isotope fractionation during this step, 
we again consider the influence of reaction rates. The rates of Fe(II) 
dissolution, as derived from the initial linear phase of the experiments 
(Fig. 2), show an overall increase between the isotope fractionations 
determined at slower and faster dissolution steps (Fig. 6B), suggesting 
that dissolution-step fractionations are controlled by dissolution rates, 
regardless of the precise mineralogy of the Fe-(oxyhydr)oxide. Dissolu-
tion rates are also strongly controlled by pH, with rates being faster at 
low pH (Pyzik and Sommer, 1981; Peiffer et al., 1992; Yao and Millero, 
1996; Poulton, 2003) due to increased surface protonation, which cau-
ses a polarization and weakening of the metal–oxygen bonds (Zinder 
et al., 1986; Suter et al., 1991). Our experiments for individual minerals 
at different pH values show that average fractionations for the dissolu-
tion step increase at higher pH by ~0.2 to ~0.6 ‰ for both ferrihydrite 
and lepidocrocite, respectively (Fig. 6B), thus providing support for the 
dissolution rate control on isotopic fractionations proposed above. This 
inference of reaction rate control is consistent with observations by 
Crosby et al. (2007), who suggest that the magnitude of isotope frac-
tionation is controlled by the rate of atom and electron transfer between 
the reactive Fe(II) and Fe(III) pools, and is independent of the nature of 
the ferric substrate. 

5.2. Environmental and geological implications 

Our data indicate that the reaction of dissolved sulfide with Fe 
(oxyhydr)oxide minerals clearly has the potential to generate light iso-
topic compositions in nature, with the dissolved phase (i.e., Fe(II)lib) 
reaching isotope compositions up to ~ − 0.8 ‰ (Table 4). This contrasts 
with previous assumptions that no fractionation would occur during this 
process (Johnson et al., 2004; Archer and Vance, 2006; Staubwasser 
et al., 2006). In fact, our experiments at different pH values suggest that 
Fe(II)lib fractionations for individual minerals increase as reaction rates 
decrease at higher pH (Table 4). Thus, with regard to the less reactive 
minerals such as hematite, we suggest that the Fe(II)lib fractionations of 
− 0.65 to − 0.75 ‰ observed at pH 4.0 (Table 4) may translate to 
significantly larger fractionations at the higher pH values characteristic 

of marine sediment porewaters. 
The range of observed fractionations overlaps the lower end of 

experimental δ56Fe fractionations reported during DIR, where aqueous 
phase compositions tend to be 0.5 to 2.3 ‰ lighter than the starting Fe 
(oxyhydr)oxide mineral (Beard et al., 1999; Icopini et al., 2004; Crosby 
et al., 2005, 2007; Johnson et al., 2005). In nature, however, marine 
sediment porewater δ56Fe compositions tend to range from +0.4 to 
− 3.4 ‰ (Severmann et al., 2006, 2010; Homoky et al., 2009, 2013). 
These porewater values reflect additional redox recycling and Fe2+

mobilization during diagenesis (Severmann et al., 2006; Homoky et al., 
2013), highlighting that multiple cycling through both DIR and abiotic 
reduction with sulfide may lead to porewater δ56Fe compositions 
significantly lower than those obtained experimentally. 

The significant overlap between isotope fractionations generated 
during biological and abiological reductive dissolution highlights the 
difficulties inherent in distinguishing specific fractionation pathways in 
nature, which may be further complicated by isotope fractionation 
during the subsequent formation of iron sulfide minerals (Butler et al., 
2005; Guilbaud et al., 2011a, b; Wu et al., 2012a; Mansor and Fantle, 
2019; Heard et al., 2020). In fact, near the sediment–water interface in 
many organic-rich marine environments, DIR and sulfide-promoted 
reductive dissolution likely occur simultaneously, as the most reactive 
Fe minerals (e.g., ferrihydrite) are readily consumed via both processes 
(e.g. Canfield, 1989; Thamdrup, 2000; Krom et al., 2002; Roden, 2003; 
Poulton et al., 2004). In such environments, dissolved Fe2+ commonly 
accumulates in porewaters, and even though maximum rates of sulfate 
reduction commonly occur in this zone, dissolved sulfide is buffered to 
low concentrations through both the reaction with Fe (oxyhydr)oxides 
and through formation of FeS and pyrite (Canfield, 1989; Thamdrup, 
2000; Krom et al., 2002). A combination of these processes may there-
fore contribute to the light dissolved Fe2+ isotope compositions 
commonly measured in the upper reaches of anoxic marine sediments 
(Severmann et al., 2006, 2010; Homoky et al., 2009). As the most 
reactive Fe minerals such as ferrihydrite are consumed with depth in the 
sediment profile, however, the less reactive minerals (e.g., goethite, 
hematite) still react on a relatively rapid timescale with the dissolved 
sulfide that builds up in porewaters (Canfield, 1989; Krom et al., 2002; 
Poulton et al., 2004). However, reduction of these Fe minerals by bac-
teria is very slow (Lovley and Phillips, 1988; Thamdrup, 2000) and thus 
in this zone, reduction by sulfide likely dominates. The Fe2+ released in 
this zone rapidly precipitates as sulfide minerals, the isotopic composi-
tion of which will be affected by fractionations imparted during both the 

Fig. 6. Comparison of initial reaction rates for reduction (A) and dissolution (B) with their respective isotope fractionations for the reduction step (Δ56FeΣFe(II)–Fe- 

oxide) and dissolution step (Δ56FeFe(II)lib− Fe(II)ox). Initial reaction rates and their average isotope fractionations were calculated for the linear phase of each experiment 
(see Fig. 2). Only ferrihydrite is considered for the reduction step, in order to highlight that for a particular mineral, it is the rate at which the oxide surface is reduced 
that initially controls the extent of fractionation. Note the log scale for the initial dissolution rate in Fig. 6B. 
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reductive dissolution process, and by Fe sulfide precipitation. 
Sedimentary pyrite, the ultimate stable Fe sulfide in the environ-

ment, exhibits the largest range of δ56Fe compositions in the rock record, 
from highly depleted values in pyritic shales (down to ~ − 3.8 ‰; e.g., 
Rouxel et al., 2005) to highly enriched values in concentric nodules (up 
to ~ +4.1 ‰; Agangi et al., 2015). Experimental studies and natural 
observations have shown that pyrite formation pathways produce pyrite 
that is isotopically lighter than precursor Fe phases, and therefore the 
extent of sulfidation, together with the composition of the Fe source, 
play a significant role in the resulting pyrite-δ56Fe composition (e.g., 
Guilbaud et al., 2011a; Virtasalo et al., 2013; Busigny et al., 2014; Scholz 
et al., 2014b; Lin et al., 2017; Rolison et al., 2018; Mansor and Fantle, 
2019). Additionally, when isotopic equilibrium is achieved at higher 
temperatures (>300 ◦C), pyrite becomes 56Fe-enriched, as predicted by 
theoretical calculations (Polyakov et al., 2007; Blanchard et al., 2009; 
Syverson et al., 2013). Yet, microbial processes such as DIR are largely 
invoked in the literature as the sole mechanism to explain 56Fe-depleted 
signatures (e.g., Yamaguchi et al., 2005; Archer and Vance, 2006; 
Johnson et al., 2008b; Czaja et al., 2010; Nishizawa et al., 2010; Marin- 
Carbonne et al., 2014; Agangi et al., 2015; Yoshiya et al., 2015b, 2015a; 
Galić et al., 2017; Sawaki et al., 2018), whereas isotopically enriched 
pyrite is commonly attributed to the sulfidation of Fe (oxyhydr)oxide 
minerals (e.g., Whitehouse and Fedo, 2007; Nishizawa et al., 2010; 
Marin-Carbonne et al., 2014; Galić et al., 2017). 

Quantitative sulfidation of 56Fe-enriched Fe (oxyhydr)oxides would 
certainly result in pyrite that is mirroring the Fe isotope composition of 
the source. In this sense, our lepidocrocite experiments, with a large 
extent of reduction during sulfidation, demonstrate that the reduced 
solid products exhibit δ56Fe compositions close to, or slightly heavier (~ 
+0.25 ‰) than the starting mineral. However, our results also clearly 
demonstrate that under typical marine and porewater pH, the sulfida-
tion of more reactive phases such as ferrihydrite produces Fe(II)solid 
which can be ~ − 0.6 ‰ lower than the starting mineral. This contrasts 
sharply with the recurrent assumption that the sulfidation of Fe (oxy-
hydr)oxides would produce an isotopically-enriched Fe precursor to 
pyrite. 

6. Conclusions 

Our experimental evaluation of the reaction between dissolved sul-
fide and Fe (oxyhydr)oxide minerals provides new insight into the 
generation of Fe isotope fractionations during abiotic reductive disso-
lution. Significant fractionations are evident during both the reductive 
step and the dissolution step of the reaction. For the reductive step, ki-
netic isotope fractionations of up to ~ − 0.6 ‰ may be generated, while 
the dissolution step may produce Fe(II)aq down to ~ − 0.8 ‰, with the 
magnitude of fractionation dependent on the nature of the Fe mineral 
and the processes controlling reaction rates. 

Overall, our isotopic data suggest that fractionations of at least ~ 
− 0.8 ‰ may be readily achieved in the dissolved phase through abiotic 
reductive dissolution mechanisms during marine sediment diagenesis, 
with the potential to generate significantly lighter isotope compositions 
through redox recycling of Fe. This suggests that in many organic-rich 
environments, a robust evaluation of the relative significance of DIR 
and sulfide-promoted reductive dissolution in the generation of Fe 
isotope fractionations may be nearly impossible to attain. In fact, in 
sulfidic sediments, the interaction of dissolved sulfide with Fe (oxyhydr) 
oxide minerals may ultimately be a dominant driver of Fe isotope frac-
tionations, particularly as sediments are buried beneath the zone of 
bacterial Fe reduction. In such settings, the extent of isotopic fraction-
ation will likely relate to the degree of redox recycling and the extent of 
reductive dissolution of the Fe (oxyhydr)oxide minerals present 
(through a combination of both DIR and sulfide-promoted reductive 
dissolution), with an additional fractionation factor related to the sub-
sequent formation of Fe sulfide minerals. By contrast, DIR will likely be a 
dominant fractionation mechanism in sediments where sulfate 

reduction does not occur. These observations highlight the need for 
detailed geochemical analyses of biogeochemical redox cycling in the 
modern or ancient setting being studied, in order to allow a more 
rigorous interpretation of the Fe isotope signatures that are recorded. 
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