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A B S T R A C T   

Phenolic compounds excreted by marine microalgae are part of the ligand pool in natural waters. The effect of 
the polyphenol gentisic acid (GA; 2,5 dihydroxybenzoic acid) on the Fe(III) reduction as a function of organic 
ligand concentration (100 nM – 1000 nM) and the pH (7.00–8.01) was investigated in seawater. Major seawater 
ions interactions with both GA and Fe(III) were also considered using 0.7 M NaCl +2 mM NaHCO3 solutions with 
each major ions (Mg2+, Ca2+, SO4

2− , K+, F− , Sr2+) at the same ratio than that in a 35 salinity seawater. The Fe(III)- 
GA complex in solution was able to produce Fe(II) in a pH-dependent process that was faster in seawater than in 
NaCl-NaHCO3 solution. The addition of each major ion affected the Fe(III) reduction process. At pH 7.5, the 
presence of Mg2+ and Ca2+ contributes to accelerate the reduction rate constant of Fe(III) to Fe(II). The K+, F− , 
Sr2+, and SO4

2− ions slow down the Fe(III) reduction rate constant. At pH 7.8, the effect of the ions is counter-
acted. Increasing the pH to 8, the effect on the solubility of Fe(III) is more important, being greater in NaCl and 
no reduction of Fe(III) was detected, compared with seawater. 

In this study, the formation and dissociation of the Fe(III)-GA complex in seawater was studied, resulting in kf 
= 1.19(±0.18)•104 (M− 1 s− 1), kd = 1.86 (±0.53)•10− 4 (s− 1), and conditional complexation constant of logK-
Fe

3+
L
Cond = 17.81 ± 0.05 in seawater. 

Accordingly, phenolic compounds like GA influence the Fe marine biogeochemical cycles promoting the 
formation of the bioavailable Fe(II) in solution. Taking this into account, the Fe(III) reactions with phenolic 
compounds have to be considered to improve our understanding of the global iron cycle.   

1. Introduction 

Iron (Fe) is an essential micronutrient of great importance to marine 
environments and the organisms, influencing global biogeochemical 
cycles. Fe availability is known to control phytoplankton productivity, 
and in turn its community structure and ecosystem functionality in large 
areas of the open ocean and coastal regions (Gledhill and Buck, 2012). 

Fe can be found in the ocean in two oxidation states (Fe(II) and Fe 
(III)). In oxygenated seawater, Fe(II) is quickly oxidized (Millero et al., 
1987; Santana-Casiano et al., 2005) to Fe(III) being this species the most 
thermodynamically stable. However, the solubility of Fe(III) in seawater 
is very low due to the Fe(III) precipitation as oxides and oxy-hydroxides 
(Millero et al., 1995). The presence of organic ligands increase this 
solubility (Liu and Millero, 2002). More than 99% of dissolved Fe (dFe) 
is bound to organic ligands (Rue and Bruland, 1995; van den Berg, 
1995). Therefore, organic binding ligands play a key role on the Fe 

biogeochemical cycles, controlling the spatial and temporal distribution 
and the speciation of Fe in seawater, as well as determining the 
bioavailability of Fe to organisms (Croot e al., 2011). The ligand pool is 
produced by cellular exudation, viral lysis, zooplankton grazing and 
bacterial breakdown of organic matter (Granger and Price, 1999; 
Hutchins et al., 1999; Maldonado and Price, 2001). Those ligands are 
commonly classified into three classes; strong ligands or L1-type ligands 
(log ḰFe’L > 12) and the weak ligands L2 and L3-type ligands (log ḰFe’L 
11–12 and log ḰFe’L < 11) (Gledhill and Buck, 2012), although the ligand 
pool is a mixture of different size classes with varying Fe binding ca-
pacities (Town and Filella, 2000). Other nomenclature is also used 
limiting to L1 (log K’cond > 22) and L2-type ligand (log K’cond < 22) (Rue 
and Bruland, 1995). 

The microorganisms have developed a number of strategies in order 
to acquire the scarce Fe in the ocean (Morel and Price, 2003) being even 
able to compete aggressively to acquire iron. This behaviour has been 
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described as a “chemical warfare” (Bruland and Lohan, 2003). Eukary-
otic phytoplankton as diatoms, for example, have been shown to be able 
to utilize cell-surface reductase systems to reduce the Fe(III) bound to 
the organic ligands and form Fe(II), that can become available either as 
Fe(II) or be reoxidized into Fe(III) and become available for assimilation 
(Hudson, 1989; Hudson et al., 1992; Hudson and Morel, 1989, 1990, 
1993; Shaked et al., 2004, 2005; Shaked and Lis, 2012). Certain mi-
croorganisms as cyanobacteria are able to utilize their own high affinity 
Fe ligands called siderophores (Reid et al., 1993), but also assimilate 
numerous siderophores produced by other species. Eukaryotic diatoms 
are thought not to have the receptor sites to assimilate Fe(III) side-
rophores directly, but they growth in the presence of this compounds 
(Hutchins et al., 1999). An abiotic reduction of Fe(III) to Fe(II) has been 
demonstrated to occur in the presence of organic compounds that have 
catecholate groups in their structures (Santana-Casiano et al., 2010, 
2014), similar to that found in some siderophores. Moreover, it has been 
demonstrated the phytoplankton cells are able to exudate polyphenols 
compounds with this property (López et al., 2015; Rico et al., 2013). 

There is a lack of information about the functional groups which 
form the ligand pool in the ocean and their individual role on Fe 
chemistry. In order to fully understand the Fe redox chemistry which 
takes place in natural waters, further investigation must be made on the 
Fe(III) reduction process in seawater by different functional organic 
groups. Among all the possible organic compounds, polyphenols are 
relevant because will form weak complexes with Fe, modifying its 
chemical speciation and bioavailability (Andjelković et al., 2006; Brown 
et al., 1998; Lodovici et al., 2001; Mira et al., 2002; Re et al., 1999; Sroka 
and Cisowski, 2003). Polyphenols have recently been defined as an 
important organic compounds group excreted by marine diatoms and 
green algae, particularly under metal stress conditions acting as barrier 
against the toxicity of copper or as a ligand source sequential to the 
complexing and the reduction of Fe(III) to Fe(II) (González et al., 2019; 
López et al., 2015; Rico et al., 2013; Santana-Casiano et al., 2010, 2014). 
Polyphenols can also reach the ocean through terrestrial supply and can 
be considered as model ligand within humic substances (Blazevic et al., 
2016; Krachler et al., 2005, 2010, 2012, 2015, 2016, 2019; Orlowska 
et al., 2016, 2017a, 2017b; Rathgeb et al., 2017). Polyphenols react with 
oxygen and reactive oxygen species both abiotically and enzymatically 
(De et al., 2018; Rahaman et al., 2019), by superoxide (Joshi et al., 2012; 
Velika and Kron, 2012) and hydroxyl radical (Udenfriend et al., 1954). 
Polyphenols have been considered as complexing ligand for dFe in 
natural waters (Andjelković et al., 2006; Brown et al., 1998; González 
et al., 2019; Hynes and O’Coinceanainn, 2004; Khokhar and Apenten, 
2003; Mira et al., 2002). The high Fe-binding capacity of polyphenols 
has been related to the position of the OH- group within the benzene 
ring, forming Fe-complexes, with those polyphenols having at least two 
OH- groups in consecutive positions (Wu et al., 2016). 

Gentisic acid, 2,5 dihydroxybenzoic acid, (GA) (Fig. 1) is an 
hydroxybenzoic acid type polyphenols and has been found as exudates 

in marine microalgae cultures of Phaedactylum tricornutum and Duna-
liella tertiolecta under different laboratory conditions (López et al., 2015; 
Rico et al., 2013). GA is an important Fe-binding ligand in eukaryotic 
cells (Devireddy et al., 2010). The implication of GA in biological pro-
cesses has been strongly studied (Devireddy et al., 2005, 2010; Liu et al., 
2012; Richardson et al., 2010), however, the chemical reaction between 
Fe and GA remain poorly known, mainly in seawater solutions, that is 
essential to understand the implications in the Fe speciation as well as its 
links with the uptake mechanisms. 

GA has been proved to chelate Fe(III) in aqueous solution at micro-
molar concentration range acting as a mode of siderophore binding 
interaction (Porwal et al., 2015). They supported a model in which GA 
can form 1:1, 1:2 or 1:3 Fe(III):complex when high GA concentration is 
present. However, UV–Vis titration data (Porwal et al., 2015) demon-
strated that only a 1:1 complex was formed at equivalent concentrations 
even when additional multimers formed at higher concentrations. These 
complexes will suffer, through single electron oxidative transformation 
(leading to quinone forms), oxidative processes which may cause 
reduction of Fe(III) in solution. 

GA is also an oxidation product of salicylic acid (Kalyanaraman et al., 
1993; Kuzma et al., 2018) and has been studied extensively in medicine 
for this reason (Joshi et al., 2012; Lack, 1959; Yano and Arima, 1958). 
GA has been shown to have antioxidant properties (Galato et al., 2001; 
Sawyer et al., 1995) and defined as an important intermediate in the 
biodegradation of mono-, poly-cyclic and hetero-aromatic compounds 
through microorganisms (Feng et al., 2012; Harpel and Lipscomb, 
1990). 

The objective of this study was to investigate the effects produced 
and enhanced by GA in the Fe(III) reduction to Fe(II) in seawater and 
hence act as a source of Fe(II) in the ocean, allowing its persistence to be 
assimilated by marine microorganisms. The Fe complexation and 
reduction by polyphenols increase the presence of Fe(II) in solutions, 
slowing down the oxidation and the precipitation of Fe, thus allowing 
dFe to be found in natural waters for longer periods. For this aim, the Fe 
(III) reduction by GA was studied as a function of GA concentration (100 
nM – 1000 nM) at the pH range 7.00 to 8.01 both in seawater and NaCl- 
NaHCO3 solutions. The role of major ions of seawater on the Fe(III) 
reduction rate constant was also studied at two pH (7.50 and 8.01). 
Finally, the Fe(III)-GA complex in seawater was kinetically character-
ized via its formation and dissociation rate constants in order to know 
the residence time of Fe(III) in seawater in the presence of GA. 

2. Experimental 

2.1. Chemicals 

The Fe(II) stock solution (4•10− 4 M) was prepared using ferrous 
ammonium sulfate hexahydrate (Sigma) and prepared in acidified (pH 2; 
adding HCl suprapur, VWR) Milli-Q water (18 MΩ, Millipore). The gen-
tisic acid, GA (Sigma-Aldrich), was prepared on a weekly basis, in HPLC 
grade methanol at 10− 2 M. Before each experiment, a secondary stock was 
prepared in Milli-Q water at 2•10− 4 M. The 0.7 M NaCl (Sigma-Aldrich) 
with 2 mM NaHCO3 (Sigma-Aldrich) solution was prepared in Milli-Q 
water. 

The 0.01 M TAC (2–2(2-thiazolylazo)-p-cresol) solution (Sigma- 
Aldrich, in HPLC grade methanol) was prepared once every two weeks 
and stored in the fridge when it was not in use. The 1.0 M EPPS buffer 
solution (N-(2-hydroxyethyl)piperazine-N′;2-propanesulfonic acid; Sig-
maUltra) was prepared in 1.0 M NH4OH (ultrapure, VWR) at pH 8.05. 
Contaminating metals were removed from the buffer solutions by using 
100 μM MnO2 (van den Berg, 1982), equilibrated overnight and filtered 
through acid-cleaned 0.45 μm pore-size filters (polysulfone, Whatman). 

The seawater used in all the experiments was collected from the 
ESTOC Time Series station (29◦ 10′ N 15◦ 30′ W), an oligotrophic area 
situated in the North Atlantic subtropical gyre, using a trace metal clean 
Teflon pump (PFD2 316F, AstiPure®) and in line filtered by 0.2 μm dual Fig. 1. Molecular structure of gentisic acid (GA).  
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pore-size trace metal clean filters (Acropack™) and kept in darkness to 
remove any reactive oxygen species (ROS) present in the seawater. 

2.2. Fe(III) reduction experiments 

Reactions were studied in 200 mL glass thermostated vessel at a 
constant temperature (25 ◦C) controlled by an AG-2™ bath. The redox 
experiments were always carried out under darkness to ensure there 
were no light effects taking part in the Fe(III) reduction reactions. The 
pH of the solution was determined using the pH-free scale (Millero, 
1986) and adjusted for each experiment by adding small aliquots of 0.01 
and 0.1 M HCl; pH was recorded during each experiment with a 
maximum variation of ±0.02. Samples were aerated with pure air prior 
and during the experiment, as well as stirred with a Teflon coated 
magnetic stirrer. 

Following the previous reported studies (Santana-Casiano et al., 
2010, 2014), 100 nM of Fe(II) was added to 100 mL of solution 
(seawater or NaCl-NaHCO3) in the reaction vessel and fully oxidized for 
one hour under oxygen saturation conditions. Under such conditions, 
equilibrium for the hydrolysis of Fe(III) species and organic ligands 
naturally present in the seawater was achieved. Then, 10− 4 M Ferrozine 
(FZ) was added, due to the fact that Fe(II) and FZ form a complex (1:3 
ratio) with an absorption peak at 562 nm. Fe(II) was never detected 
previous to the addition of GA indicating both that all Fe(II) was 
oxidized and that no Fe(III) was reduced with any ROS species generated 
in the Fe(II) oxidation process or naturally present in solution. Blanks 
were always realized before the addition of the organic ligand and for 
each experimental condition. GA was then added, which was accounted 
as the time zero of the reaction. The experiments were carried out at 
different pH values (range 7.00 ± 0.01–8.01 ± 0.02) and GA concen-
trations (100 nM – 1000 nM). In the presence of the organic ligand, any 
interference to the Fe(II)-FZ3 peak was observed. Experiments were 
carried out in duplicate or triplicate. 

The determination of regenerated Fe(II) was done in a 5 m long 
waveguide capillary flow cell LWCC (Liquid Wavelength Capillary Cell) 
from World Precision Instruments connected to the UV detector S4000 
(Ocean Optics). Spectra were recorded using OOIBase software by 
Ocean Optics. The light employed was a halogen light source HL-2000- 
FHSA (Mikropack). The sample was then pumped into the column with 
the use of a peristaltic pump (EXPETEC Perimax 12). The solution was 
measured in an open-system where the seawater pass through the col-
umn and it was never back to the reaction vessel to avoid photoreac-
tions. The detection limit of this technique was 0.1 nM at pH 8.0 to 0.21 
nM at pH 7.0, with a limit of quantification that ranged from 0.3 nM to 
0.7 nM at pH 8.0 and 7.0, respectively. The accuracy of the Fe(II) 
determination was measured against a standard solution freshly pre-
pared as indicated above and was always less than 6% (in triplicate). The 
response of the system was linear over two orders of magnitude Fe(II) 
(González-Dávila et al., 2005; Santana-Casiano et al., 2005). 

The effect of the ionic composition of seawater on the Fe(III) 
reduction was also studied by using 0.7 M solutions with NaCl and each 
major ion present in seawater (Millero, 1996), keeping constant 2 mM 
NaHCO3. These experiments were carried out at two different pH values 
(7.50 and 8.01) at constant temperature (25 ◦C). 

According with Santana-Casiano et al. (2010), the apparent Fe(III) 
reduction rate constant was obtained measuring the appearance of Fe 
(II). The disappearance of [Fe(III)] = [Fe(III)]0 - [Fe(II)] was determined 
as a function of time under pseudo first-order conditions (GA in excess at 
a constant pH), the subscript zero denotes the initial concentration of Fe 
(III). 

∂[Fe(III) ]
∂t

= − k′

[Fe(III) ] (1) 

where k′ = kapp[GA]. 

2.3. Fe speciation by differential pulse cathodic stripping voltammetry 

Dissolved Fe (dFe), labile Fe (inorganic Fé; Fe3+ and all the Fe(III)- 
inorganic complexes), and dFe-binding ligands (LFe) concentrations 
were determined by differential pulse cathodic stripping voltammetry 
(DP-CSV), according to Croot and Johansson (2000), where TAC was the 
competitive ligand. An Epsilon voltammeter (Basi, Inc) connected to a 
hanging mercury drop electrode (CGME, Basi, Inc) was used. The 
reference electrode was Ag/AgCl with a salt bridge filled with 3 M KCl, 
with a platinum auxiliary electrode. The solution was mixed during the 
deposition time and purged by bubbling with pure nitrogen. The sam-
ples were always processed in a Class 100 clean laboratory at room 
temperature. Fe speciation was studied in seawater with and without 
GA. 

Labile Fe was measured in 10 mL seawater samples by adding 100 μL 
of EPPS (final concentration 10 mM EPPS buffered to pH 8.05) and 10 μL 
of 0.01 M TAC (final concentration 10 μM). 

Dissolved Fe concentrations were measured in UV-treated seawater 
(UV photoxidation unit 7900–74 Ace Glass). The UV-irradiation lasted 4 
h in quartz tubes. These tubes were soaked for one day in 10% HCl 
(suprapur, VWR) and washed with MQ-water 5 times prior to use. They 
were also rinsed one more time with natural seawater before being used. 
The dFe concentration was determined by three standard additions. 

The voltammetric measurement was always the same for all the 
analysis. Deposition Potential at − 400 mV for 120 s, Quiet Time for 10 s, 
Initial Potential at − 400 mV and Final Potential at − 650 mV. The 
amplitude and step were 50 and 2 mV respectively while the pulse time 
and period were 10 and 100 ms respectively. 

2.4. Fe complexation through kinetic approach 

Dissolved Fe complexation by GA was measured through kinetic 
measurements following the procedure proposed to study the 
complexation of Fe with organic ligands in the marine environment 
(Croot and Johansson, 2000; Gerringa et al., 2007; González et al., 2019; 
Witter et al., 2000; Witter and Luther, 1998; Wu and Luther, 1995). 
Briefly, the experiments were performed with an excess of dFe (10 nM) 
compared to model ligand (5 nM) in order to have enough dFe to 
saturate the binding sites in GA and to achieve the maximum com-
plexing capacity. Samples were prepared in different Teflon vials by 
adding 10 mL of UV-seawater, 100 μL of EPPS, 10 nM of dFe and 5 nM of 
GA. The addition of the GA corresponds with the initial time (t0). In the 
formation experiments, TAC (10 μL of 0.01 M in 10 mL of sample) was 
added during the purge, 20 s before starting the deposition time. The 
measured Fe in the formation kinetics was considered as labile Fe 
(Gerringa et al., 2007). In the dissociation experiments, the addition of 
TAC is after reach the equilibrium and corresponds with the t0. Here, the 
measured Fe is TAC labile Fe (Gerringa et al., 2007). All the experiments 
were carried in triplicate and the Teflon vials were conditioned 5 times 
with UV-treated seawater. 

The formation and dissociation rate constant can be studied both in 
natural waters and for a model ligand considering the mass-balance: 

Fe′

+ nL →
kf

Fe′Ln (2) 

Where kf is the formation rate constant. Then, 

∂[Fe′Ln]

∂t
= kf [Fe

′

][L]n (3) 

In our experiments, 10 nM of Fe was added to the UV-treated 
seawater and at desired times TAC was also added. Then, TAC labile 
Fe was measured. L was computed from the amount of free ligand pre-
sent at the equilibrium. Even when GA forms several multiligand com-
plexes (Fe’Ln), it was assumed that n = 1. Initially, complexation occurs 
at 1:1 ratio (Porwal et al., 2015) and higher-order complexes are found 
at higher concentrations, being the FeL3 the most accepted complex in 
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ligand excess at micromolar levels. 
In the dissociation rate constant (kd) determination using TAC, kd for 

weak ligands and all Fe recovered can be computed from 

Fe′L+ 2(TAC)→kd Fe′

+L+ 2(TAC)→k2 Fe′(TAC)2 + L (4) 

where an adjunctive mechanism is likely to occur (70–90% of the 
overall rate even at 10μM TAC (Croot and Heller, 2012): 

Fe′L+ 2(TAC)↔ Fe′(TAC)2L →kd Fe′(TAC)2 + L (5) 

When a pseudo-equilibrium (steady state approximation) is consid-
ered for the formation of the ternary complex Fé(TAC)2L, the adjunctive 
mechanism, while occurring, is not rate determining and the reaction is 
only disjunctive in character (Croot and Heller, 2012). 

The overall reaction rate is pseudo-first order in [TAC] due to the 
range of concentration. 

−
∂[Fe′L]

∂t
=

∂
[
Fe′

(TAC)2

]

dt
= kobs[Fe′L][TAC]

2 (6) 

Integrating: 

ln[Fe′L] = − kobs[TAC]t (7) 

According to Wu and Luther (1995), Witter and Luther (1998) and 
Witter et al. (2000), 

−
∂[Fe′L]

∂t
=

∂
[
Fe′(TAC)2

]

∂t
= kd[Fe′L] (8) 

In addition, KFéL
Condcan be estimated (Witter and Luther, 1998; Wu and 

Luther, 1995) from kf and kd 

KCond
FeĹ = kf

/
kd (9) 

The equilibrium constant expressed as a function of the free Fe, Fe3+, 
is 

KCond
Fe3+L = αFe′ KCond

FeĹ (10) 

where αFe′ = 1010 (Hudson et al., 1992; Sunda and Huntsman, 2003), 
is commonly used for pH 8 seawater. The conditional stability constant 
with respect to Fe3+ (KFe3+L

Cond) can be calculated by assuming that the 
second-order rate constant is kf, Fe3+L = 3.02•1011 M− 1 s− 1, previously 
estimated (Luther et al., 1997). 

3. Results 

3.1. Fe(II) formation from Fe(III) by GA 

The formation of Fe(II) after Fe(III) reduction at different GA con-
centrations was studied in the range 100 to 1000 nM GA in seawater and 
was followed as the amount of Fe(II)-FZ3 complex formed. The initial Fe 
(III) concentration was 100 nM. Fig. 2 shows the spectra of the Fe(II)-FZ3 
complex in the presence of GA at pH 7.00, after 60 min of reaction. The 
Fe(II)-FZ3 signal peak with maximum absorbance at 562 nm was 
observed to increase with the concentration of GA. A small peak was 
observed at around 450 nm related to the oxidation of the Fe(III)-GA 
complex to benzoquinone through the semiquinone radical (Santana- 
Casiano et al., 2010). No peak/shoulder was observed at 590 nm due to 
the formation of Fe(III)-GA complexes (Porwal et al., 2015), probably 
due to the low concentration range considered in our studies, even when 
it could be present, and due to the different experimental conditions 
used in their studies. 

The Fe(III) reduction in presence of GA (from 100 nM to 1000 nM) 
was studied at two different pH conditions (7.00 and 8.01) in seawater. 
Fig. 3 represents the measured absorbance of the Fe(II)-FZ3 complex 
versus time for each experimental condition. The plot of ln [Fe(III)] 
(determined as indicated in Eq. (1)) versus time followed a linear rela-
tionship and from the slope a pseudo-first order Fe(III) reduction rate 

constant (ḱ, in s− 1) was obtained (Table 1). At pH 8.01 and 100 nM GA, 
the Fe(II)-FZ3 peak was not detected over time but it was detected at pH 
7.0. In addition, at higher GA added, the values of the oxidation rate 
constants were higher at pH 7.0 than at 8.01 for the same concentration 
of GA. The log ḱ value was statistically similar for 500 and 1000 nM of 
GA, at pH 7.00. The amount of Fe(II) formed was higher at pH = 7 than 

Fig. 2. Fe(II)-FZ3 peak in the presence of gentisic acid from 100 nM to 1000 nM 
in seawater after 60 min experiments at constant pH 7.00 ± 0.01. Experimental 
conditions: 100 nM Fe(III), 10− 4 M FZ, T = 25 ◦C darkness conditions. 

Fig. 3. Fe(II) formation from Fe(III) by gentisic acid at different concentrations 
(100 nM – 1000 nM) at pH 7.00 ± 0.01 (filled symbols) and 8.01 ± 0.02 (open 
symbols). Experimental conditions: 100 nM Fe (III), 10− 4 M FZ, T = 25 ◦C, 
darkness conditions. The absorbance was measured at 562 nm. 

Table 1 
Fe(III) reduction rate constant (ḱ, s− 1) in seawater by the presence of 100–1000 
nM gentisic acid at constant temperature (25 ◦C) and different pH.  

pH [gentisic acid] 
(nM) 

ḱ
(s− 1) 

log ḱ

8.01 ± 0.02 1000 1.08(±0.01)•10− 6 − 5.97 ± 0.01 
500 6.68(±0.1)•10− 7 − 6.18 ± 0.01 
400 6.17(±0.9)•10− 7 − 6.21 ± 0.06 
100 nd nd 

7.00 ± 0.01 1000 1.14(±0.01)•10− 5 − 4.94 ± 0.01 
500 1.14(±0.02)•10− 5 − 4.94 ± 0.01 
100 3.83(±0.04)•10− 6 − 5.42 ± 0.01  
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at high pH values (Fig. 3 and Table 1). The log ḱ value at pH 7.00 ranged 
from − 4.94 ± 0.01 to − 5.42 ± 0.01 for 100 nM GA and 1000 nM GA, 
respectively. 

To check whether the major ions of seawater exert any influence on 
the formation of Fe(II) from the reduction of Fe(III) by GA, the experi-
ments were repeated in simple solutions of NaCl-NaHCO3 and NaCl- 
NaHCO3 with the characteristic major ions of seawater. The results of 
the reduction of 100 nM Fe(III) to Fe(II) by 1000 nM GA in seawater and 
NaCl-NaHCO3 solutions in the pH range from 7.00 to 8.01 are shown in 
Fig. 4 and Table 2. In both solutions, experiments done at pH 7.00 
showed a greater Fe(III) reduction rate constant than those done at pH 
8.01. Moreover, the experiments in seawater showed a greater Fe(II) 
formation than those done in NaCl-NaHCO3 solutions. In seawater and 
after 60 min of reaction, the Fe(III) reduction was ⁓90% higher at pH 
7.00 than at pH 8.01. At pH 7.00, the Fe(III) reduction in NaCl-NaHCO3 
solutions was 40% less than in seawater (Fig. 4). Therefore, the exper-
imental data indicated that 1000 nM GA was able to regenerate 4.3 nM 
of Fe(II) at pH 7.00 and 0.42 nM at pH 8.01 in seawater medium, after 
60 min of reaction. 

The pH dependence of the Fe(III) reduction rate constant (expressed 
as log ḱ) is depicted in Fig. 5 (data and range of pH in Table 2) for 
seawater and NaCl-NaHCO3 media. In both solutions, log ḱ followed a 
linear relationship with the pH (Eqs. (11)–(12)), with R2 higher than 

0.99 and a standard error of estimation of 0.07 and 0.02, respectively. 

logkśw = 2.3(± 0.6) − 1.05(± 0.07)pH (11)  

logk ´NaCl = − 2.67(± 0.3) − 0.40(± 0.02)pH (12) 

The pH slope indicates a higher influence of pH on the Fe(III) 
reduction by GA in seawater than in NaCl-NaHCO3 solutions. It could be 
related to effects of the major ions present in seawater on the Fe(III) 
reduction which also increase the Fe(III) solubility in seawater due to 
both shielding effect and specific iron interaction. To elucidate this 
aspect, studies were prepared in 0.7 M NaCl-2 mM NaHCO3 solutions, 
with each of the most representative major ion in seawater, at two pH 
7.5 and 8.01. When the spectrum for each solution is represented, it was 
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Fig. 4. Fe(II) formation from Fe(III) by gentisic acid in seawater (A) and NaCl- 
NaHCO3 (B) solutions as a function of pH. Experimental conditions: 1000 nM 
GA, 100 nM Fe(III), 10− 4 M FZ, T = 25 ◦C, darkness conditions. The absorbance 
was measured at 562 nm. 

Table 2 
Values of log ḱ (s− 1) for Fe(III) reduction in seawater, 0.7 M NaCl +2 mM 
NaHCO3 and 0.7 M solutions NaCl +2 mM NaHCO3 + each major seawater ions 
(Millero, 1996) as a function of pH. The concentration of GA was 1000 nM, FZ 
10− 4 M and the initial Fe(III) concentration was 100 nM. Concentration of each 
major ion is in molal.  

Media pH ḱ
(s− 1) 

log ḱ

Seawater 8.01 1.08(±0.10)•10− 6 − 5.97 ± 0.04 
7.81 1.36(±0.03)•10− 6 − 5.87 ± 0.01 
7.50 2.61(±0.20)•10− 6 − 5.58 ± 0.03 
7.23 6.24(±0.10)•10− 6 − 5.21 ± 0.01 
7.00 1.14(±0.01)•10− 5 − 4.94 ± 0.01 

0.7 M NaCl + 2 mM NaHCO3 8.01 nd nd 
7.81 1.84(±0.01)•10− 6 − 5.74 ± 0.01 
7.61 1.97(±0.09)•10− 6 − 5.71 ± 0.02 
7.50 2.29(±0.06)•10− 6 − 5.64 ± 0.01 
7.23 2.95(±0.05)•10− 6 − 5.53 ± 0.01 
7.00 3.76(±0.40)•10− 6 − 5.42 ± 0.05 

Mg2+ (5.33•10− 2 m) 7.50 5.24(±0.30)•10− 6 − 5.28 ± 0.02 
SO4

2− (2.82•10− 2 m) 5.67(±0.20)•10− 7 − 6.25 ± 0.01 
K+ (9.90•10− 3 m) 1.26(±0.06)•10− 6 − 5.90 ± 0.02 
F− (5.26•10− 5 m) 1.01(±0.01)•10− 6 − 6.00 ± 0.01 
Sr2+ (9.13•10− 5 m) 5.57(±0.01)•10− 7 − 6.25 ± 0.01 
Ca2+ (1.03•10− 2 m) 3.75(±0.30)•10− 6 − 5.43 ± 0.04 
Mg2+ (5.33•10− 2 m) 8.01 1.12(±0.01)•10− 6 − 5.95 ± 0.03 
SO4

2− (2.82•10− 2 m) 3.43(±0.10)•10− 7 − 6.47 ± 0.20 
K+ (9.90•10− 3 m) 8.19(±0.04)•10− 7 − 6.09 ± 0.02 
F− (5.26•10− 5 m) 5.64(±0.05)•10− 7 − 6.43 ± 0.04 
Sr2+ (9.13•10− 5 m) 3.71(±0.10)•10− 7 − 6.43 ± 0.10 
Ca2+ (1.03•10− 2 m) 9.03(±0.04)•10− 7 − 6.04 ± 0.01  
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Fig. 5. The dependence of Fe(III) reduction rate constant (log ḱ, s− 1) as a 
function of pH in seawater (black symbols) and NaCl-NaHCO3 (grey symbols) 
mediums. Experimental conditions: 1000 nM GA, 100 nM Fe(III), 10− 4 M FZ, T 
= 25 ◦C, darkness conditions. 
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observed that the Fe(II)-FZ3 peak was present but the signal of the Fe(II)- 
FZ3 changed with respect to NaCl or seawater solution (Fig. 6). At pH 7.5 
(Fig. 7 and Table 2) the log ḱ in NaCl-NaHCO3 and seawater was quite 
similar. However, at pH 8.01 the Fe(III) reduction was not observed in 
NaCl-NaHCO3 solutions. The ions K+, F− , Sr2+ and SO4

2− presented log ḱ
always lower (slower oxidation rate constant) than in NaCl solution at 
the two pH and in the order K+< F− < Sr2+< SO4

2− . At pH 7.5, log k’ was 
− 6.25 ± 0.01 for SO4

2− and Sr2− , while at pH 8.01 the value increased to 
− 6.47 ± 0.20 and − 6.43 ± 0.10, respectively. The ions Mg2+ and Ca2+

showed a different behaviour. At pH 7.5 the oxidation rate constants 
were faster (higher log ḱ) than in both NaCl and seawater solution. At 
pH 8, the presence of those ions (also for all other major ions) allows to 
measure Fe(II) in solution with a value for the oxidation rate constants 
similar to that determined in seawater. Increasing the pH to 8, decreases 
the Fe(III) solubility being the effect greater in NaCl-NaHCO3 solutions 
than in seawater. The formation of the non-reactive Fe(OH)3(s) species 
strongly compete with the Fe(III)-GA complex (Millero et al., 1995; 
Porwal et al., 2015). At pH 7.5, the effects of the different ions are 
counter-balanced and the values in NaCl and in seawater are close. At 
pH 8, the major ions increase the Fe(III) solubility and the Fe(III):GA 
formation, therefore Fe(II) was formed and detected. 

3.2. Fe(III)-GA complex in seawater via the kinetic approach 

Once the Fe(III) reduction by GA was demonstrated, the formation of 
the Fe(III)-GA complex was studied through a kinetic experiments in 
order to determine the equilibrium constant for the complex Fe(III)-GA 
in seawater at the nanomolar Fe(III) concentration used in this work. 
The initial dFe concentration of the UV-treated seawater was 0.49 ±
0.10 nM (n = 10). The ligand concentration was determined in natural 
seawater and it was 1.20 ± 0.2 nM. This iron is recoverable by the added 
TAC though so no apparent loss was observed because the height peak 
(the dFe concentrations signal) after several additions to reach the final 
added concentration of 10 nM of dFe was linear and the value was stable 
for more than 24 h in the UV-irradiated seawater. 

The kinetic of formation and dissociation of Fe with GA, assuming a 
complex 1:1 formed at the very low GA concentration (5 nM) against Fe 
(III) (10 nM) (Porwal et al., 2015) is showed in Fig. 8. The computed 
formation rate constant was kf = 1.19(±0.18)•104 (M− 1 s− 1) and a 
dissociation rate constant of kd = 1.86 (±0.53)•10− 4 (s− 1) with the 
conditional stability constant of Fe(III)-GA complex of logKFe′L

Cond = 7.81 
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Fig. 6. Fe(II) formation due to the Fe(III) reduction by gentisic acid in 
seawater, 0.7 M NaCl (+ 2 mM NaHCO3), and also the same solution with 
+MgCl2 or + CaCl2, at pH 7.5. Experimental conditions: 1000 nM GA, 100 nM 
Fe(III), 10− 4 M FZ, T = 25 ◦C, darkness conditions. The absorbance was 
measured at 562 nm. 

Fig. 7. Fe(III) reduction rate constant (ḱ, sec− 1) measured in 0.7 M NaCl (+2 
mM NaHCO3), in seawater and in NaCl-NaHCO3 + each major seawater ions, at 
pH 7.50 (black symbol) and 8.01 (grey symbol). Experimental conditions: 1000 
nM GA, 100 nM Fe(III), 10− 4 M FZ, T = 25 ◦C, darkness conditions. 

Fig. 8. Kinetic of formation (A) and dissociation (B) of Fe complex with gentisic 
acid in seawater. The concentration of dFe is expressed as labile Fe due to its 
complex with TAC. Here is plotted the data of three experiments. Line repre-
sents the fitting of the experimental data. 
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± 0.05 (Table 3 and Fig. 8). Using a side reaction coefficient for the Fe3+

specie of αFe′ = 1010 (Hudson et al., 1992; Sunda and Huntsman, 2003) 
in seawater, the logKFe3+L

Cond = 17.8 ± 0.5. In a 0.1 M sodium perchlorate 
solution (Jahagirdar, 1974) a value of 13.65 has been obtained for the 
1:1 complex, with lower values determined for the complexation of a 
second and a third ligand (1:3 Fe(III):GA). Previously reported values for 
other individual ligands in seawater are listed in Table 3. GA can be 
considered as L3-type ligand (Gledhill and Buck, 2012). According to the 
dissociation rate constant, the half-life time of the complex in terms of 
Fe՛ was 62.1 ± 14.0 min. Moreover, the half-life times increased to 
18.25 days (0.05 years) in terms of Fe3+ speciation. This difference in 
values is due to the calculation of half-life time for Fe3+L complexes, 
assuming an upper diffusion control limit to the formation of the com-
plex rather than the activation control for Fe’L (Witter et al., 2000). The 
presence of organic ligands, such as GA, enhances Fe solubility by 
favouring the formation of small Fe soluble species (Kuma et al., 1996). 

The percentage of Fe complexed by GA was computed from the 
KFe3+L

Cond measured in this paper using the Eq. 

αFeL =
[FeL]
[
Fe3+] = KCond

Fe3+L[L] (13) 

where KFe3+L
Cond = 1017.81 (Table 3). As a first estimation it was 

assumed that both all ligands were available for complexation and the 
total ligand was free ([L] is the concentration of GA added; 5 nM). The 
αFeL results to be 3.23⋅109. Taking into account the relationship between 
total Fe and FeL (Eq. (14) and (15)): 

[FeL] + [Fé]
[FeL]

= 1+
[Fé]
[FeL]

= 1+
αFé

αFeL
=

αFé + αFeL

αFeL
(14)  

[FeL]
[FeT ]

=
αFeL

αFé + αFeL
(15) 

The FeL, [Fe(III)-GA], respect to the FeT was 0.244 (24.4%). 
Applying this value to iteratively compute the real free ligand concen-
tration, it was obtained that the maximum iron complexed by the GA is 
17.4%. This is a weak complex but not negligible. At the pH of our study, 
100% of the GA is in the basic form (pKa of 2.97 at 25 ◦C). The amount 
complexed was close to 100% for stronger Fe-binding ligands such as 
Protoporphyrin IX (Table 3). 

4. Discussion 

The presence of organic compounds, such as GA, can affect the Fe 
redox cycle as well as its organic speciation in marine environments 
(Gerringa et al., 2007; Gledhill and Buck, 2012; González et al., 2019; 
Rose and Waite, 2003; Rue and Bruland, 1995; Santana-Casiano et al., 
2010, 2014; Theis and Singer, 1974). This study revealed the capacity of 

GA to reduce Fe(III) to Fe(II) in seawater and in NaCl-NaHCO3 solutions 
in a pH-dependent process. The Fe(III) reduction to Fe(II) increased with 
the decreasing of pH from 8.01 to 7.00 in both seawater and NaCl- 
NaHCO3 solutions. The lower pH allowed high levels of H+ increasing 
the iron solubility with a higher contribution of Fe(OH)2

+ in respect to Fe 
(OH)3 (Millero et al., 1995). The addition of 1000 nM GA in the presence 
of 100 nM Fe(III) (ratio 1:10 Fe(III):GA) can favour the formation of Fe 
(III):GA complexes, with 1:3 stoichiometry (Porwal et al., 2015) and the 
amount of Fe(II) regenerated in solution was 4.3 nM of Fe(II) at pH 7.00 
and 0.43 nM at pH 8.01. These Fe(II) levels are important within the 
values measured in oceanic waters (Roy et al., 2008; Sarthou et al., 
2011). In fact, by considering that the intracellular pH for marine 
phytoplanktonic cells is around 7.2 (Taylor et al., 2012), although the 
vacuolar pH can decrease to 4.9–5.1 (Kurkdjian and Guern, 1989), these 
lower pH conditions should allow the reduction of Fe(III)-GA complexes 
to Fe(II) through single electron oxidative transformation within the 
phytoplankton cells or in surface cell walls. 

The differences between the Fe(III) reduction rate in seawater and 
NaCl-NaHCO3 solutions can be explained by both the solubility of Fe(III) 
and the role of the major ions in seawater. The presence of Mg2+ and 
Ca2+ accelerates this reduction rate while the presence of SO4

2− , K+, F−

and Sr2+ decrease it at both pH 7.50 and 8.01 (in respect to that in NaCl- 
NaHCO3 solutions). Shielding effects and complexation with major ions 
in solution affect the iron solubility. Moreover, the presence of major 
ions may affect the ligand steric distribution and polarization of the 
ligand with changes in the π bonding donor-acceptor character of the 
ligand and Fe(III) (Jones et al., 1958) resulting in a higher single elec-
tron oxidative processes of the complex and higher Fe(II) formation. 
This behaviour is different to that observed for catechol, catechin and 
sinapic acid (Santana-Casiano et al., 2010, 2014), where the presence of 
Mg2+ and Ca2+ blocked the Fe(III) reduction at higher pH than 7.5. In 
these studies (Santana-Casiano et al., 2010), a higher reduction rate was 
observed in NaCl-NaHCO3 solutions and the presence of major ions all 
decreased this reduction rate. The molecular structure of GA plays an 
important role. Capelle et al. (1996) demonstrated that Fe(III) could 
help the oxidation of GA and could explain the one-electron oxidation of 
GA to semiquinone free radicals. In addition, Fe can be bound by two 
oxygen via peroxo‑iron-gentisate (one from the carboxylic group and 
another from the OH group), keeping one more OH group available (De 
et al., 2018). Organic ligands containing carboxyl groups are also able to 
complex major seawater ions such as Ca2+ (Kalinowska et al., 2016). In 
that study, they reported a Ca2+-GA complex, where Ca2+ was bound by 
two monodentate ligands both in solid state and in solution. These 
complexes, together with Na+ and Cu2+ were also studied by Regulska 
et al. (2014). They reported how the aromaticity and molecular prop-
erties of GA were altered by the presence of Na+, Ca2+ and metals such 
as Cu2+ and Zn2+, as well as the impact of the intramolecular hydrogen 

Table 3 
Formation and dissociation constants, conditional stability constant and half-life time determined using the kinetic method.  

Ligand kf x 105 

(M− 1 s− 1) 
kd (s− 1) logKFéL

Cond log KFe3+L
Cond Fe′

t1/2 (min) 
Fe3+

t1/2 (years) 

Gentisic acid 0.12 ± 0.02 1.86(±0.53)•10− 4 7.81 ± 0.05 17.81 62.1 0.05 
(±)-Catechin* 4.2 ± 1.8 2.43(±0.03)•10− 4 9.2 ± 0.1 19.20 47.5 1.26 
Sinapic acid* 3.2 ± 0.7 4.4(±0.3)•10− 4 8.86 ± 0.04 18.86 26.3 0.53 
Gallic acid* 3.1 ± 0.4 3.2(±0.1)•10− 4 9.01 ± 0.02 19.01 36.1 0.71 
Protoporphyrin IX** 6.2 ± 0.8 0.7(±0.7)•10− 6 11.9 ± 0.5 21.9 1.65•104 645 
Protoporphyrin IX** 15.3 ± 0.2 0.2(±0.9)•10− 6 13.0 ± 0.2 23.0 5.78•104 5866 
Phaeophytin** 12.2 ± 0.1 12.3(±16.8) •10− 6 11.0 ± 1.2 21.0 9.39•102 72 
Apoferritin** 0.93 ± 0.3 0.08(±0.04)•10− 6 12.1 ± 0.1 22.1 1.44•105 820 
Phytic acid** 12.8 ± 0.1 0.51(±0.28)•10− 6 12.4 ± 0.2 22.4 2.27•104 1820 
Alterobactin A** 3.8 ± 0.8 0.17(±0.04)•10− 6 12.3 ± 0.4 22.3 6.80•104 1620 
Alterobactin B** 8.0 ± 0.6 0.25(±0.02)•10− 6 12.5 ± 0.3 22.5 4.62•104 2320 
Ferrichrome** 4.6 ± 2.9 0.05(±0.04)•10− 6 12.9 ± 0.1 22.9 2.31•105 6700 
Desferrioxamine** 19.6 ± 10.1 1.5(±1.8)•10− 6 12.1 ± 0.6 22.1 7.70•103 952  

* González et al. (2019). 
** Witter et al. (2000). 
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bonds on the oxygen-metal distances. These changes can also explain the 
differences in the reactivity of GA with Fe in solution compared with 
other polyphenols. 

A study carried out on the complexation and reduction of Fe by 
phenolic substances in peatlands at pH 8.03 also found that while GA was 
able to reduce Fe(III), gallic acid and caffeic acids were the most efficient 
(Wan et al., 2018). This difference was explained considering that poly-
phenols containing galloyl groups, such as gallic acid, have a superior 
ability to chelate ions than those with catechol moiety (Andjelković et al., 
2006). The chelating capacity of GA may be linked to the high nucleo-
philic character of its aromatic ring, whereas for catechol it may be 
attributed to the presence of their pyrogallol-type structure (Alcalde et al., 
2019; Moran et al., 1997; Saeki et al., 2000; Spiegel et al., 2020). The 
presence of organic ligands increases the generation of OH⋅ and the O2

⋅- 

scavenging and have to be considered (Miller et al., 2012). The electron 
donor properties of the hydroxyl group at position 5 in the GA molecule 
has been shown to increase the equilibrium constant for Fe(III) complex-
ation (Jones et al., 1958). Moreover, this para- hydroxyl arrangement can 
also undergo an electron transfer oxidation to carboxybenzoquinone 
(Sawyer et al., 1995) and reduces Fe(III) in solution (Galato et al., 2001). 
However, the Fe(III)-L complex as one of the steps to reduce Fe(III) to Fe 
(II) should first be considered and has been studied in this current inves-
tigation. The formation rate constant kf = 1.19(±0.18)•104 (M− 1 s− 1) and 
the dissociation rate constant kd = 1.86(±0.53)•10− 4 (s− 1), resulted in a 
logKFe3+L

Cond = 17.81 (log K’FéL = 7.81 ± 0.05). In this study, a single model 
ligand was studied and under the range of concentration used in the ki-
netic study a 1:1 complex was assumed, which reduces the hypothesis of 
the study (Croot and Heller, 2012). The kf values determined in natural 
surface waters with multiple detection windows and simultaneous ex-
periments with radiotracers and CSV (Croot and Heller, 2012) ranked 
from kf 3.24•105 (M− 1 s− 1) to 6.92•105 (M− 1 s− 1), similar to other model 
Fe ligands (Witter et al., 2000), including ligands with different stoichi-
ometry with Fe (not only 1:1). Dissociation rate constants were also 
similar to other values in open ocean (Croot and Heller, 2012). The kd 
values ranked from 6.31•10− 5 (s− 1) to 2.75•10− 4 (s− 1). Croot et al. (2011) 
divided the natural ligands into two groups: strong (Ls) and weak (Lw), 
commonly named L1 and L2 (and L3) type ligands. 

GA is able to complex Fe(III) in solution (Table 3) as well as other 
polyphenols such as (±) catechin acid, sinapic acid and gallic acid 
(González et al., 2019). In GA, the complex would involve both 
carboxylate group and phenolic groups as donors. GA is a weak ligand 
and it can explain why GA is exudated by phytoplankton in natural 
seawater and seawater enriched with high metal concentration (López 
et al., 2015; Rico et al., 2013). The formation rate revealed that the Fe 
(III)-GA complex is relatively rapid (kf = 1.19(±0.18)•104 (M− 1 s− 1)) 
but slower than other ligands (Table 3) from the same family of poly-
phenols compounds (kf in the range of 3.1–4.2•105 (M− 1 s− 1); González 
et al., 2019). However, the dissociation rate constant is very low (kd =

1.86(±0.53)•10− 4 (s− 1)) compared with other single ligands (Table 3). 
The log KFéL

Conddetermined from the kinetic approach resulted in 7.81 ±
0.04 while for other polyphenols like (±) catechin, sinapic acid and 
gallic acid ranked from 8.86 to 9.01. This can be related to the partici-
pation of the carboxylic acid group in the complexation process and the 
presence of the hydroxyl group in para position. 

Therefore, Fe(III)-GA can be considered a weak ligand in marine 
environments. However, the role of GA on the Fe(III) biogeochemistry 
should be considered because of its ability to keep Fe in solution for 
longer, where the t1/2 in solution for Fé was increased. 

Table 3 shows other studied ligands in seawater in terms of Fe(III)- 
binding capacity (Witter et al., 2000). These ligands, protoporphyrin 
IX, phaeophytin, apoferritin, phytic acid, alterobactin A and B, ferri-
chrome and desferrioxamine, are strong ligands (L1-type of ligands) with 
a kf ranging from 0.93•105 to 19.6•105 M− 1 s− 1, and where the disso-
ciation rate constant ranged from 0.05•10− 6 to 15.8•10− 6 s− 1. The data 
collected from literature for natural waters show a high variability (from 
0.31•10− 6 to 39•10− 6; Luther et al. (1997) and Witter and Luther. 

(1998)), which attests to the huge diversity of ligands in water. In the 
case of other polyphenol compounds, the stoichiometry can be from 1:1 
to 1:3 metal-to-ligand complexes (Andjelković et al., 2006; Fazary et al., 
2008; Powell and Taylor, 1982; Strlič et al., 2002) whereas the pH, ionic 
strenght and concentrations of both chemicals are relevant in the interest 
of properly identifying the stoichiometry. Recently, the stoichiometry of 
other polyphenols in seawater such as (±)-catechin, sinapic acid and 
gallic acid were measured (González et al., 2019) indicating the impor-
tance of the experimental conditions and the combination of analytical 
techniques in order to properly define the Fe-organic ligand complexes. 

Polyphenols ability to complex Fe can be attributed to the presence 
and the amount of ortho- and hydroxyl groups (Khokhar and Apenten, 
2003; Moran et al., 1997). As has been previously reported (González 
et al., 2019; Santana-Casiano et al., 2010, 2014), the interaction be-
tween Fe(III) and organic moieties cannot be only understood by 
attending to the role of the hydroxyl groups as other ligands such as 
carboxylic moieties, can be involved. In fact, an outer sphere. 

complex has been proposed between GA and Hematite (α-Fe2O3) 
above pH 5 and increasing with pH, involving both carboxylate groups 
as acceptors from waters of hydration or protonated surface sites and 
phenolic groups as donors to surface (hydr)oxo groups (Hanna and 
Quilès, 2011). Moreover, the presence of major ions in seawater, such as 
Mg2+ and Ca2+ can play an important role on the interactions between 
Fe(III) and organic ligands. 

Ultimately, marine cells such as P. tricornutum or D. tertiolecta 
exudate GA in order to respond to different physico-chemical conditions 
(López et al., 2015; Rico et al., 2013). These cells are able to produce GA 
to complex Fe(III) in solution and, also reduce Fe(III) to Fe(II), making 
possible its assimilation for longer periods. The terrestrial supply of 
polyphenols have also been studied (Blazevic et al., 2016; Krachler et al., 
2005, 2010, 2012, 2015, 2016, 2019; Orlowska et al., 2016, 2017a, 
2017b, 2016; Rathgeb et al., 2017). Therefore, GA has to be considered 
as an organic functional group in the pool of marine organic ligands 
(López et al., 2015; Rico et al., 2013; Santana-Casiano et al., 2014), and 
also within the humic pool formed by phenolic, benzoate, phthalate and 
salicylate groups (Capelle et al., 1996). 

5. Conclusions 

The present manuscript studied the role of gentisic acid (GA) on the 
Fe(III) reduction in seawater and NaCl-NaHCO3 solutions as a function 
of different physico-chemical conditions. GA is a phenolic compound 
previously reported as a part of the organic exudates produced by ma-
rine microalgae and, then in the pool of organic ligands in natural wa-
ters. In this current investigation, it has been demonstrated that GA in a 
ratio of 1:10 Fe(III):GA produced an important Fe(III) reduction to Fe(II) 
in seawater achieving 4.3 nM of Fe(II) at pH 7.00 and 0.42 nM at pH 
8.01, for 60 min of reaction. In addition, the reduction rate constant was 
always higher in seawater than in NaCl-NaHCO3 medium for the whole 
pH range (7.00–8.01). The dependence of the log ḱ with pH, both in 
seawater and NaCl-NaHCO3 solutions, reflected the higher control of 
major ions in seawater on the Fe(III) reduction process affecting the 
availability of hydroxyl and carboxylic ligands for Fe(III). Accordingly, 
at pH lower than 7.5, Mg2+ and Ca2+ accelerate the formation of Fe(II), 
while the presence of SO4

2− , K+, F− and Sr2+ decreased the reduction rate 
constant in respect to NaCl-NaHCO3 solutions. 

The reduction of Fe(III) to Fe(II) by GA was characterized by the 
formation of Fe(III)-GA complexes with a formation rate constant of kf =

1.19(±0.18)•104 (M− 1 s− 1), a dissociation rate constant of kd = 1.86 
(±0.53)•10− 4 (s− 1), and conditional complexation constant of logK-
Fe

3+
L
Cond = 17.81 ± 0.05, that can be associated to a complex involving 

the ortho-carboxylic and hydroxy ligands in the GA. 
The presence of GA in seawater allows that Fe will have higher 

permanence times because GA is both able to reduce Fe(III) to Fe(II) and 
form a weak complex (L3-type) with Fe(III), making Fe more bio- 
available for phytoplankton. 
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López, A., Rico, M., Santana-Casiano, J.M., González, A.G., González-Dávila, M., 2015. 
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