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Despite the importance of Fe—organic complexes in the
environment, few studies have investigated Fe isotope effects
driven by changes in Fe coordination that involve organic
ligands. Previous experimental (Dideriksen et al., 2008, Earth
Planet Sci. Lett. 269:280—290) and theoretical (Domagal-Goldman
et al., 2009, Geochim. Cosmochim. Acta 73:.1—12) studies
disagreed on the sense of fractionation between
Fe—desferrioxamine B (Fe—DFOB) and Fe(H,0)s**. Using a
new experimental technique that employs a dialysis membrane
to separate equilibrated Fe—ligand pools, we measured the
equilibrium isotope fractionations between Fe—DFOB and (1) Fe
bound to ethylenediaminetetraacetic acid (EDTA) and (2) Fe
bound to oxalate. We observed no significant isotope fractionation
between Fe—DFOB and Fe—EDTA (A56/54F9Fe—DFOB/Fe—EDTA ~
0.02 &= 0.11%0) and a small but significant fractionation between
Fe—DFOB and Fe—oxalate (A%™Fer,_propre—ox, = 0.20 £
0.11%o). Taken together, our results and those of Dideriksen et
al. (2008) reveal a strong positive correlation between
measured fractionation factors and the Fe-binding affinity of
the ligands. This correlation supports the experimental results
of Dideriksen et al. (2008). Further, it provides a simple
empirical tool that may be used to predict fractionation factors
for Fe—ligand complexes not yet studied experimentally.

Introduction

The relative abundances of the four stable isotopes of Fe
(**Fe, *Fe, *Fe and *Fe) vary in different environmental
materials because the rates and equilibrium constants of
many chemical reactions are sensitive to atomic mass (I, 2).
With this discovery, the Fe stable isotope system emerged as
a powerful new tool to study the sources and chemical
transformations of Fe (3—5). It has proven useful in tracking
many processes in the environment, including the dissolution
of mineral phases, biotic and abiotic redox transformations
in modern and ancient settings, and anthropogenic pollution
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sources (6—12). The fractionation of Fe and other metal
isotopes is strongly affected by the metal bonding environ-
ment. However, the relative importance of organic ligand
binding for Fe isotope fractionation is not well known.

It is important to understand the effects of organic ligand
binding on Fe isotope fractionation because interactions
between Fe and organic ligands strongly influence the
environmental chemistry and biogeochemistry of this ele-
ment. In oceans, lakes, and rivers, Fe—organic complexes
dominate Fe speciation (13). In aerobic environments where
dissolved Fe?" and Fe*" are scarce, some organisms produce
low molecular weight organic ligands (siderophores) that
stabilize Fe®™ in solution and sequester it from other
organisms (14). These siderophores have a high binding
affinity for Fe’* (log K ~ 20—50) (15, 16). In addition to
siderophores, Fe is also commonly bound to humic and fulvic
acids in estuaries, lakes, rivers, and soils.

Ligand interactions unique to Fe may also induce isotope
fractionation in biology. The diversity of Fe bonding envi-
ronments in biomolecules gives rise to its rich biochemistry.
Certain Fe motifs are found in many enzymes. These include
heme-bound Fe and Fe—sulfur clusters, as well as nonheme
Fe coordinated by protein. Differences in Fe—organic
coordination among these motifs may induce Fe isotope
fractionations manifested in the environment.

Some Fe isotope variations in nature have already been
attributed to Fe—organic ligand complexation (17, 18). For
example, isotope fractionation associated with organic
complexation may explain why dissolved Fe in the organic-
rich tributaries of the Negro River is enriched in heavy Fe
isotopes (18). However, the validity of such interpretations
is uncertain because there have been few experimental or
theoretical studies of Fe isotope fractionation during inter-
action with organicligands (8, 9, 19—23). With over 500 known
siderophore complexes (13) and numerous other Fe-binding
molecules in the environment, a systematic understanding
of Feisotope fractionation during ligand binding is required.

Among the studies that do exist, there are significant
discrepancies between experimental assessments and theo-
retical predictions of Fe isotope fractionation involving
organic ligands. The first measurement of the equilibrium
isotope fractionation between Fe** bound to the siderophore
desferrioxamine B (DFOB) and the inorganic Fe complex
Fe(H,0)¢*" indicated a fractionation of ~0.6%o (6°%'>* Fesample
= (((°Fe/**Fe)samplc) / (*°Fe/>*Fe)rvm—o1a) — 1) x 1000), favor-
ing heavier isotopes in the Fe**—DFOB complex (22). This
effect is significant compared to the total range of Fe isotope
variation found in nature (~3%o) (4). In contrast, theoretical
calculations using molecular orbital/density functional theory
(MO/DFT) for the same equilibrium reaction, including water
solvation and at 25 °C, predicted an isotope effect of 0.3%o
in the opposite direction, favoring lighter isotopes in the
Fe3*—DFOB complex (20). This disagreement between
experimental and theoretical findings suggests shortcomings
in either prior experiments or MO/DFT computations.

Here we present determinations of the magnitude and
direction of equilibrium Fe isotope fractionation involving
the Fe—organic complexes Fe**—DFOB, Fe*'—oxalate
(Fe*™—0x3), and Fe®*'—ethylenediaminetetraacetic acid
(Fe**—EDTA), using a new experimental method. We com-
pare these data to prior experimental and theoretical results.

Experimental and Analytical Methods

Experimental Design. We utilized a new method to measure
equilibrium isotope fractionation. In the approach employed
previously by Dideriksen et al. (22), Fe(H,0)¢** was separated
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FIGURE 1. The horizontal lines shown represent the expected
Fe concentrations outside the bag if either one ligand (solid
black line, and dashed black line), or both ligands (solid gray
line), escaped the bag from the two mixed-ligand experiments.
The error bars on the horizontal lines represent 5% standard
deviation as defined by replicate measurements of standards.
Three separate dialysis bag experiments were performed. In
experiment 1, 3 mL of 5 mM Fe (280 ppm Fe) as Fe*'-DFOB/
Fe’"-EDTA were added to a dialysis bag (solid black line, open
diamonds). In experiment 2, 3 mL of 5 mM Fe as Fe’"-DFOB/
Fe’"-Ox; were placed into a dialysis bag (dashed black line,
closed circle). In experiment 3, 3 mL of 5 mM Fe as Fe*'-DFOB
were added (closed diamonds). Each bag was placed in 250 mL
jars of 18 MQ water, and the Fe concentration outside the bag
was measured over time using the Ferrozine® method.
Concentrations in all cases indicate that Fe*'-DFOB was
trapped by the membrane, while Fe’"-EDTA and Fe®'-Ox
diffused to the outside. For the time series concentration
measurements the error bars are smaller than the symbols.

from Fe**—DFOB after equilibration by rapidly increasing
pH, resulting in rapid (<1 s) precipitation of Fe(H,0)s*" as
Fe—oxyhydroxide. After separating the solution and pre-
cipitate by centrifugation, the isotope compositions of both
Fe pools were measured. However, the precipitation of
Fe—oxyhydroxides can induce an isotope effect of its own
(12).In order to check for this potential problem and to correct
for its effects, it is necessary to measure the rate of
precipitation, the isotope composition of the remaining
Fe(H,0)6*" pool, and the rate of isotope exchange between
Fe(H,0)¢*" and Fe**—DFOB. This was accomplished via
parallel sets of control experiments with a >’Fe tracer. Further,
this method of separation is only applicable when one of the
equilibrating species is Fe(H,0)**, limiting the utility when
considering pairs of organic species.

Membrane separations offer an alternative to precipitation
and centrifugation in isotope equilibration studies. For
example, in a study of Zn isotopes, a Donnan membrane
was used to separate Zn** from Zn** bound to purified humic
acid (24). However, because the Donnan membrane requires
that one of the equilibrating species be charged, it cannot
be used for studies involving neutral organic species.

Dialysis membranes offer another possibility. In our study,
dialysis bags with a nominal molecular weight cutoff of 100
g/mol were used to physically separate the Fe ligand pools
by simple diffusion. We determined experimentally that the
actual molecular weight cutoff was variable. In the experi-
ments reported here, the bags allowed small ligand complexes
of up to 350 g/mol to diffuse through, while ligand complexes
heavier than 350 g/mol were unable to cross the membrane
(Figure 1). The exact molecular weight cutoff varied among
bags purchased at different times either as a result of subtle
manufacturing variations in different batches of bags or of
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pore size changing with age. Control experiments involving
one Fe—ligand complex in the dialysis bag were performed
with new bag batches and for every Fe—ligand complex to
ensure successful separation.

Two sets of experiments were conducted for each ligand
pair: one with 5Fe tracer to quantify the extent of isotope
exchange and one with “normal” Fe (~ 0%o) to measure
isotope fractionation. In a typical experiment, two Fe—ligand
stock solutions were prepared, mixed, allowed to equilibrate
for at least 24 h, then placed in a 3 mL dialysis bag. The bag
was placed inside a 250 mL jar of 18 MQ-cm water, which
was agitated to facilitate diffusion of the smaller ligand
through the bag and into the surrounding solution. Samples
were taken from both the inside solution and the outside
solution for isotope analyses.

The experiments were designed so that approximately
halfthe Fe would be bound in the larger siderophore complex,
DFOB, and half would be bound to the smaller ligand, EDTA
or Ox;, based on equilibrium constants obtained from the
literature (Table 1). The Fe concentrations outside the bags
were monitored in every experiment to ensure that the
concentration reached the value expected if only the smaller
Fe complex diffused out and attained uniform concentration
on both sides of the membrane (Figure 1).

The advantages of the dialysis bag method over precipi-
tation are (a) there is no back reaction requiring correction;
and (b) our separation method can be used even when
Fe(H,0)¢*" is not one of the equilibrating species (22).

Experimental Details. Stock solutions were made for
multiple experiments. The *Fe—DFOB stock solution was
made by mixing 5.2 mM DFOB (Fisher Scientific desferri-
oxamine mesylate) and 5.1 mM Fe (lot no. 166642, Oak
Ridge National Laboratories, FeCl; in 2% HNOs; >Fe (96.41%),
56Fe (3.49%), >"Fe (0.10%), °®Fe (<0.03%)). The Fe—EDTA stock
solution contained 5.10 mM EDTA (Acros Organics ethyl-
enediaminetetraacetic acid, 99%) and 5.1 mM Fe (Fisher
Scientific, FeCls in 2% HNO3)). The Fe—Ox3 solution contained
15.4 mM oxalic acid (Fisher Chemical oxalic acid) and 5.1
mM Fe. The Fe—DFOB solution contained 5.1 mM DFOB
and 5.2 mM Fe. All solutions were made with 18.2 MQ-cm
water and kept at room temperature.

The tracer experiments were performed by mixing 7.5
mL of *Fe*"—DFOB stock with 7.5 mL of Fe**—EDTA or
Fe3*—0x3. The equilibrium experiments were performed by
mixing 7.5 mL of Fe**—DFOB stock with 7.5 mL of Fe**—EDTA
or Fe**—0x;. For all experiments, the initial pH was 3. After
24 h of equilibration, 3 mL was transferred to a dialysis bag
(Spectrum Lab, 100D CE Float-A-Lyzer). The bag and its
contents were placed in a jar containing 250 mL of 18 MQ-
cm water freshly extracted from a DI system, with an initial
pH of 7. In all experiments, pH decreased to 5. In the case
of Fe**—0Oxs, the experiment was kept in an amber colored
shaker while being agitated, or in a dark cabinet, to prevent
photoreduction of Fe3*—0x; (25).

Once each experiment reached completion, as assessed
in near real-time using UV—vis spectrophotometry and
Ferrozine with hydroxylamine reagent (26), the bag was
removed from the surrounding solution. The concentration
of Fe in the surrounding solution was then analyzed using
ICP-MS to quantify mass balance (Table 2). The inside
solution was diluted from 3 mL (initial volume) to 3.5—5 mL
because of osmosis. The final volume was used to calculate
the ug of Fe in the experiment to assess mass balance. Fe
mass balance was achieved within analytical error (20 = +
5%) for all experiments (Table 3). This indicates that
significant sorption to the dialysis membrane did not occur.
Italso indicates that in the unlikely event of bacterial growth,
there was no significant biotic removal of Fe from solution.
While a small amount of the diffusing Fe—ligand complex
remained inside the bag (~1%), its contribution to the Fe



TABLE 1. Binding Affinities and Formula Weights for Organic Ligands®

ligand

Fe—desferrioxamine-B (DFOB)
Fe—ethylenediaminetetraacetic acid (EDTA)
Fe—oxalate (Oxs)

2 From Martell and Smith (30).

log (K) formula weight
31 617 g/mol
25 348 g/mol
19 326 g/mol (for 3 ligands)

TABLE 2. Iron Concentrations and 5°**Fe in Experimental Solutions

solution

stock
54Fe3*—DFOB
Fe3*—EDTA
F93+_OX3
Fe3*—DFOB

spike Fe
54Fed*—DFOB/Fe**—0x3 mixture
inside (Fe3*—DFOB)

outside (Fe®™—0x3)

54Fe3*—DFOB/Fe**—EDTA mixture
inside (Fe**—DFOB)
outside (Fe**—EDTA)

normal Fe
Fe3*—DFOB/Fe3"—0Ox; Mixture
inside (Fe**—DFOB)

outside (Fe®*—0x3)

Fe3*—DFOB/Fe*"—EDTA mixture
inside (Fe*—DFOB)
outside (Fe**—EDTA)

measured [Fe, ppm] %Fe (%o)

20 = + 5% +20,n=3-4
300.0 —-91.77 £ 0.03
281.2 0.26 + 0.09
299.9 0.20 £ 0.06
272.4 0.23 +£0.13
299.9 —48.26 + 0.11
120.9 —48.32 4+ 0.11

1.6 —48.27 + 0.07
290.6 —-48.12 + 0.08
147.8 —48.39 + 0.09

1.7 —47.86 + 0.08
286.2 0.24 £ 0.03

87.6 0.25 +0.10

1.6 0.05 £+ 0.06

276.8 0.25 £+ 0.05
82.8 0.17 £ 0.07
1.4 0.15 + 0.09

TABLE 3. Added and Measured Iron Quantities in the Experiments; xg Fe in Experiment (20 = + 5%)

solution g Fe added 19 Fe measured (inside and outside bag)
spike Fe
54Fe3*—DFOB/Fe®*—0Ox3 mixture 757 724
54Fe3t—DFOB/Fe*"—EDTA mixture 815 848
normal Fe
Fe3*—DFOB/Fe®"—0Ox; mixture 839 804
Fe3*—DFOB/Fe*"—EDTA mixture 803 806

isotope composition of the inside solution was negligible.
The high recovery of the smaller and less stable Fe—ligands
also shows that significant quantities of Fe—oxyhydroxides,
which would have remained in the bag, did not form.

Aliquots of the inside and outside solutions were taken
to obtain 14 ug of Fe for each isotopic analysis: ~145 L from
the inside solution and ~11.8 mL from the outside solution.
These aliquots were dried and digested using distilled HNO;
and ultrapure H,0,. Once digested, the samples were diluted
in 0.32 M HNOs for analysis. Typically, for Fe isotope analysis
samples must be chemically purified using anion exchange
resin to isolate Fe from other elements. However, chemical
purification of these experimental samples was not needed
because the sample matrix only contains Fe and easily
digested organic ligands.

Analytical Procedures. Precise Fe concentrations were
measured by quadrupole ICP-MS (Thermo Scientific X
Series). Sample and standard solutions were introduced in
parallel with an internal standard solution containing yttrium

for normalization of plasma variation. Uncertainties for
replicate measurements were approximately +5% (20).

Fe isotope compositions were measured following the
method of Arnold et al. using a multiple collector ICP-MS
(Thermo Scientific Neptune) (27). Medium mass-resolution
mode (50 um slits) was used to resolve the polyatomic
interferences °Ar'607, and *’Ar'*N* and °’Ar'*OH ™" from **Fe™,
%Fe* and 5’Fe, respectively (28). We monitored mass 53 for
%Cr to ensure that there was no interference from Cr,
although our experimental system nominally contains no
Cr. Some samples were measured using high mass-resolution
mode (25 um slits) when medium resolution slits were
unavailable; other than reducing the ion beam intensities
and hence requiring less diluted samples, the use of high
mass-resolution slits had no effect on our data. The Fe
concentrations of samples and standards were 600 ppb (10.74
uM) for medium resolution analyses and 1200 ppb (21.48
uM) for high resolution analyses. Sample and standard
concentrations were checked during the analysis to ensure
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FIGURE 2. A) Expected isotope composition as a function of isotope exchange progress. The lines were calculated using equations
2 and 3 then converted to F. Fis the fractional extent to which exchange has approached completion. F = 0 indicates no exchange
occurs. F = 1 indicates complete exchange between pools. The black solid line is Fe’"-Ox; and the dashed black line is
%3Fe3*-DFOB mixed with Fe*™-Oxs. The solid gray line is Fe**-EDTA, and the dashed gray line is **Fe*"-DFOB mixed with Fe*"-EDTA.
B) Magnified view of F > 0.980. The points on the line show the measured isotope composition of each ligand after the experiment.
The arrows show the extent to which the ligands mixed in each experiment. Each was >99% mixed.

they were identical to within +5%. Instrumental mass bias,
that is, isotope fractionation produced by the mass spec-
trometer, was corrected using a combination of standard-
sample bracketing and addition of Cu as an internal standard
(27). Cu concentrations matched Fe concentrations in all
standards and samples.

For each isotopic analysis, 20 cycles with 16.77 s integra-
tions were averaged. Three isotope ratios were measured
simultaneously: *Fe/%*Fe, °"Fe/**Fe, and *®Fe/>*Fe. All ratios
were measured relative to the IRMM-014 standard (Institute
of Reference Material and Measurement, Geel, Belgium).
Values are reported as follows:

(56Fe / 54Fe) sample

5%/5Fe _
(*°Fe/ 54Fe)IRMM-014

sample

—1]x1000 (1)

As a quality-control measure, we checked that all mea-
sured isotope values obeyed mass dependence by comparing
0%/%Fe and 0°/>*Fe (the precision of 6°®°*Fe was typically
too poor to be useful, due to the relative rarity of *Fe). Data
were rejected if 6°6/**Fe/2 differed from 6°”/>*Fe/3 by more
than 0.05%o (this check was not applicable to isotope tracer
experiments). Data were also rejected if the magnitude of
the mass bias correction exceeded 0.35%o0. Good agreement
between 6°**Fe/2 and 6°/>Fe/3, as well as small instru-
mental mass bias corrections, indicate that the isotope
measurements were not significantly affected by interferences
or other matrix effects. Data were rejected if the ion beam
intensity from Fe* was <6 V, because in such cases the
contribution of instrument blank to the beam intensities
measured for the less abundant Fe isotopes becomes
significant.

Solutions containing extreme enrichments of >*Fe, used
in tracer experiments, were usually run at the end of an
analytical session to avoid any chance of memory effects.
However, no such effects were seen when running standards
immediately after such samples.

Throughout the analytical runs, we measured the IRMM-
014 standard, gravimetric standards of known isotope
composition, and previously analyzed rock standards to
ensure accuracy and reproducibility from session to session.
Based onreplicate measurements of each sample, the external
precision was better than 40.11%o (£20) in 6°%/>Fe.

Results and Discussion

Verification of Isotope Equilibration. We assessed the extent
of isotope equilibration in 5Fe tracer experiments. The
isotope compositions of all solutions and mixtures were
measured directly so as to not assume an isotope composition
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based on a mixing calculation. The initial isotope composition
of **Fe3"—DFOB in these tracer experiments was 6°¢/%Fe =
—91.77 + 0.03%o. The initial isotope compositions of
Fe**—EDTA and Fe®'—Ox; were 0.26 + 0.09%o0 and 0.20 +
0.06%o (5°%/>*Fe). The isotope compositions of the Fe** —DFOB/
ligand mixtures were —48.12 + 0.08%o and —48.26 + 0.11%o
for Fe>*—EDTA and Fe**—Ox3, respectively. After separating
the complexes, the isotope composition of Fe inside the bag
(Fe**—DFOB) was —48.39 4 0.09%o after exchange with
Fe3*—EDTA and —48.32 + 0.11%o after exchange with
Fe**—0x3;. The Fe isotope composition outside the bag for
Fe3*—EDTA was —47.86 + 0.08%o. The Fe isotope composi-
tion for Fe3*—0x; was —48.27 &+ 0.07%o (Table 2).

The isotopes in both experiments converge toward a
common value, indicating that the isotopes exchanged
between the two Fe—ligand complexes. The isotope com-
position that should be attained after complete equilibration
is easily predicted by mass balance. The isotope compositions
of the separated ligands can be predicted using the following
equations:

56/54 1 56/54
0 Feprop-fina = (1 = M) 0™ Feprop.injta T

56/54
M Feunspikedligand—initial )

56/54- _ _ 56/54
0 Fe =1 M) 6 Feunspikedligand-initial +

M656/54FeDFOB-initial 3

unspikedligand-final

Here, M is the fraction of Fe in each complex that has
exchanged with the other complex. Since no more than 52.7%
of the Fe came from **Fe®**-DFOB, M must be 0 < M < 0.527.
M can be converted to F, the percent exchanged, by dividing
M obtained from Equation 2 and Equation 3 by the percent
Fe that was initially added to the experiment from Fe3*-
unspikedligand and >Fe3*"-DFOB, respectively. Equations 2
and 3 are approximations, but these approximations deviate
from the actual equivalence by no more than 1% as long as
0%/54Fegpike— 0> Feynspiked < 400%0 (29). The Fe isotope
composition of each Fe—ligand complex is shown as a
function of F in Figure 2A.

When the measured isotope values are substituted into
eq 1l and 2, theresultsindicate that >99% of the Fe exchanged
in all experiments (Figure 2B). These results demonstrate
that despite the strong binding affinity of DFOB for Fe, Fe
isotopes exchange between DFOB and ligands with smaller
Fe-binding affinities. The extent of exchange also indicates
that the experiments closely approached equilibrium.

Equilibrium Isotope Fractionation. Isotope fractionation
between pairs of organic Fe complexes was measured using



Fe**-DFOB / Fe3*-0x3 Fe**-DFOB / Fe*"-EDTA

0.35¢ ]
5
< 03L e i
O\o (’3. 8
g +® hd
3 0.25L wa o i
Q 7
z 02! & ]
2 A=0.20
© (.15 *011% A=0.02 ° |
ELL +0.11 %o
© 011L |
o
<
0.05 L ) =l
3 i
ol Eg o

FIGURE 3. Measured 6°Fe for each sample. Fe*"—DFOB and
Fe’"—O0x; were significantly different with A%®Fe = 020 +
0.11%.. Fe**—DFOB and Fe3"—EDTA were within analytical
error of each other, indicating that A ~ 0.02 + 0.11%.. Error
bars represent +2¢ uncertainty on replicate measurements of
samples.

the same procedures described above, but beginning with
Fe3*—DFOB, Fe*"—EDTA, and Fe3*—O0x; of the same initial
Fe isotope composition (these experiments had no >Fe
tracer). By measuring ¢6°%/**Fe in the separated ligand pools
after equilibration, we found that the fractionation
between Fe**—DFOB and Fe** —0x;3 (A%/5Fere_prop/re-ox, =
656/54Fepef])p03 - (556/54];“91:970;(3) is 0.20 + 0.11%0, while the
difference between Fe**—DFOB and Fe**—EDTA is 0.02 +
0.11%o (Figure 3). These values indicate that organic ligand
binding affects the magnitude of Fe isotope fractionation.

We cannot directly compare our results with those of
Dideriksen et al. (22) because it was not possible to use
our experimental method to directly measure the frac-
tionation between Fe?*—DFOB and Fe(H,0)¢**; to avoid
precipitation of hydrous ferric oxides from Fe(H,0)¢*", pH
would need to be <3, causing the dialysis membrane to
degrade. However, an indirect comparison is possible if
we plot A%/5*Fe as a function of the affinity constants (log
K) of the Fe-binding ligands. The assumption underlying
this simple, first-order comparison is that Fe isotope
fractionation in these systems is largely driven by differ-
ences in Fe—ligand binding affinity between the equili-
brating complexes. Specifically, we plot A>/>*Fe versus Alog
K (Figure 4), where Alog Kis the difference in log Kvalues
between the two equilibrating species. In the case ofisotope
exchange between Fe(H,0)** and Fe**—DFOB, Alog K is
simply the binding affinity for the reaction Fe*" + DFOB
— Fe**—DFOB, because the value of this log K was
determined in an aqueous solution in which Fe¥" was
presumably present as the hexaquo complex (30).

When our results are combined with those of Dideriksen
et al. (22) in this way, a linear trend emerges (Figure 4). This
trend follows the expectation that heavier isotopes prefer-
entially partition into stronger bonding environments and
that the magnitude of this effect scales with differences in
bond strengths (31, 32). (Note that this relationship only
applies to ligands in equilibrium with each other and does
not account for kinetic isotope effects.)

Our findings are consistent with other recent work.
Ottonello and Zuccolini (23) similarly suggested a positive
correlation between Fe—ligand binding affinity and equi-
librium isotope fractionation based on their MO/DFT study
of consecutive binding of acetic acid molecules to Fe®*.
Wiederhold et al. (21) and Brantley et al. (9) observed light
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FIGURE 4. Plot of isotope fractionation as a function of the
difference in log K for each ligand pair. The linear trend based
on experiments has a slope of 0.02 + 0.005. The y-intercept is
0.08 + 0.08. The uncertainties on the slope and y-intercept
were calculated using Isoplot (35). The experimental results fall
on a line with an A? value of 0.99. The error bars are
propagated 2o uncertainties on replicate measurements. The
MO/DFT predictions for Fe®"—Oxs/Fe**—Cat;, Fe*'—DFOB/
Fe3"—0x;, and Fe*'—DFOB/Fe*' —Cat; are plotted as a function
of the difference in log K. The MO/DFT predictions form a
linear trend that is offset and has a different slope from the
experimental trend (see the Reconciling Experiments and
Theory section).

Fe bound to ligands with high Fe binding affinity in leaching
experiments with goethite and hornblende, respectively,
but these experiments were not at equilibrium, and thus
an opposite sense of fractionation from our experiments
is unsurprising. Wiederhold’s long-duration experiments
displayed an isotopically heavy product and therefore likely
represent equilibrium exchange between goethite-bound
Fe and oxalate-bound Fe with a fractionation of 0.5 +
0.15%o (21). There is no simple Fe binding affinity constant
for the goethite lattice, but this result suggests a stronger
bonding environment for Fe in Fe*"—0x; than for Fe in
goethite.

Reconciling Experiments and Theory. To assess the
validity of the experimental trend of A%/>*Fe versus Alog K,
we plotted the theoretically predicted A*/**Fe values for
Fe*t—0x3/Fe3t—catecholate (Cats), Fe**—DFOB/Fe3t—0xs,
and Fe**—DFOB/Fe®*"—Cat; (19) as a function of the differ-
ence in log K (Figure 4). Like the experimental results, these
MO/DFT predictions form a linear trend. This trend in
theoretical A%/>Fe versus Alog K supports our observation
that the extent of fractionation correlates directly with
differences in binding affinity. However, the two trend lines
are slightly offset and have different slopes. These differences
suggest that MO/DFT calculations may systematically deviate
from experimental fractionation factors, and that this
problem may worsen with increasing difference in log K.
Experiments that directly quantify the fractionation factors
for Fe®"—0x;/Fe*t—Cats, and Fe3*—DFOB/Fe®*"—Cat; could
test this suggestion.

Our findings and interpretations shed new light on the
mismatch between previous experimental and theoretical
studies of fractionation between Fe**—DFOB and Fe(H,0)¢**.
The previous study that measured Fe in equilibrium between
siderophore (Fe®**—DFOB) and inorganic Fe complex
(Fe(H,0)¢*") reported a fractionation of ~0.6%o (A%/5‘Fe),
favoring heavier isotopes in the Fe3*—DFOB complex (22).
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The corresponding quantum chemical calculations for the
same system predicted an isotope effect of 0.3%o0 in the
opposite direction (20). In an attempt to more accurately
model speciation in experiments prior to and during
precipitation, Domagal-Goldman et al. (20) modeled a
mixture of inorganic species (Fe(H,0)s**, Fe(H,0)s(OH),>*
and Fe(H,0)¢*"). This modification changed the isotope
fractionation to —0.15%o, but did not fully resolve the
disagreement with experiments. Neither of these calculated
values for Fe(H,0)*" in equilibrium with Fe3*—DFOB falls
on the linear trend defined by experiments, or on the trend
defined by the other MO/DFT calculations (Figure 4).

Similar discrepancies were noted between experimental
and theoretical fractionation factors observed between
Fe(H,0)s*" and a series of mineral phases (20). There is an
average offset of 0.8%o between the experimental and
theoretical values for these systems. The theoretical calcula-
tions predict that Fe(H,0)s*" should be enriched in heavy
isotopes compared to the mineral phase, but this is not
observed in experiments (19). The discrepancies between
experiments and theory are consistently of similar magnitude
and in the same direction when Fe(H,0)¢** is involved. We
hypothesize that there is a specific deficiency in MO/DFT
models of Fe(H,0)¢t.

Broader Implications. The linear trend we observe
between A%/%*Fe and Alog K may prove particularly useful
in predicting equilibrium isotope fractionation induced by
ligands that have not been experimentally tested or theoreti-
cally modeled. For example, the equilibrium Fe isotope
fractionation for Fe*"—DFOB in equilibrium with
Fe3*—citrate has not been measured or modeled. The
difference in binding affinity between Fe**—DFOB and
Fe3*—citrate is 19.2. Using the linear trend we predict a
fractionation of A%**Fege_prop/pe—citrate = 0.33 & 0.26%o. Future
experimental work could test this hypothesis.

More broadly, our results confirm that isotope frac-
tionations generated from interactions between Fe and
organic ligands can be significant and are therefore likely
to be importantin natural systems. Because many different
types ofligands bind Fe in nature, improved understanding
of the systematics of ligand-driven isotope effects may prove
particularly useful in studying weathering, biological acqui-
sition and metabolism of Fe. Iron cycling in these systems
often involves Fe redox changes, which cause some of the
largest known Fe isotope fractionations (33, 34). The presence
of organic ligands, especially those that have high affinity for
only one redox state of Fe, could be important in governing
Fe isotope signatures in natural systems.
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