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1. Introduction 

The aim of this research project is to identify one or more ligands capable to capture 

selectively metal ions responsible of neurological diseases, belonging to the large 

group of dementias, such as Alzheimer's disease, thus facilitating their elimination 

from the body. The toxicity of heavy metals is one of the main threats to human health 

and, again, of the ecosystem in general. Heavy metals, in fact, are environmental 

pollutants and their toxicity is a problem of increasing importance for reasons 

ecological, evolutionary, nutritional, and environmental. Among these elements there 

are some able to exert a direct toxic effect, while others gradually accumulate in 

animals and plants, which are part of our food chain, then deposited in human tissues 

and organs. The function that metal ions play in biological systems depends on the 

nature of the metal. Some of them are fundamental for the correct action of enzymes 

that catalyze several metabolic functions, acting as cofactors and thus favoring the 

catalysis process of the enzymatic reactions. Low concentrations of specific metal ions 

can cause a malfunction in proteins, while if they or other metals are present in high 

concentrations, they can compete with other ions becoming harmful and dangerous. 

The dual property of metals, both to destroy and to sustain, has led to the development 

of many and complex cellular mechanisms, to regulate their location and intracellular 

availability.1 The excessive exposure to these elements causes asthenia and excessive 

fatigue, damage to the brain, lungs, kidneys, liver, and abnormal changes in blood 

composition. Long-term exposure, generally, leads to progressive muscle and 

neurological degeneration, with the onset of symptoms and typical signs of other 

serious degenerative diseases, such as multiple sclerosis, Parkinson's disease, 

Alzheimer's disease, and muscular dystrophy. The binding molecules take on a 

biomedical interest in that they are potentially applicable in the processes of moving a 

metal from the body (i.e., chelation therapy), in cases of pathologies due to 

bioaccumulation of heavy metals. Metals that are harmful to the body exert many of 

their adverse effects by forming complexes with DNA, with some enzymes and other 

molecules present in the body; these complexes exhibit properties that differ 

considerably from the original molecules. Therefore, an important aspect is the use of 

chelating agents capable of remove harmful metals from sites in which they are 

confined in vivo. The potential use of a chelating agent as a drug depends on its ability 
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to compete effectively with natural coordination sites to form a complex with the toxic 

metal ion. The essential requirement of a chelating agent is the formation with the 

metal ion of a more stable complex than that formed with its binding site in vivo. The 

ideal chelating agent must reduce the toxicity of the metal by promoting its 

mobilization from its compartment and its subsequent excretion. The ligand must be 

selective towards a particular metal ion, avoiding coordination with other metals, it 

should not interact with essential metals. Important parameters for the selection of the 

chelating agent are the stability of the complexes, the rate of formation of the 

complexes and the reaction stoichiometry. So that a ligand to be used as a drug, it is 

necessary to know its pharmacokinetics, and therefore the transformations of the drug 

by the body, and pharmacodynamics, i.e., the actions of the drug on the different 

organs. The chelating agents examined are mainly natural molecules with different 

beneficial properties for humans. 

The behavior of a metal under physiological conditions depends essentially on its 

speciation, i.e., on the different forms in which it is found in each environment, 

characterized by conditions of temperature, pH and ionic strength. The thermodynamic 

study of chemical equilibria in solution allows to establish the stoichiometry of the 

different species present in the investigated systems and their corresponding 

concentrations. Furthermore, by evaluating the stability constants of the metal 

complexes formed in solution is possible to estimate the sequestering ability of ligands 

towards bioavailable metal ions. The thermodynamic approach provides, at first, the 

evaluation, under physiological conditions, of the acid-base properties of the ligand, 

to evaluate the competition between proton and metal cation for the ligand, and then 

the determination of the stability constants between a ligand and a specific metal ion. 

The potentiometry represents the most accurate and particularly economical method 

for the determination of equilibrium constants, allowing the evaluation of 

stoichiometric coefficients of the species and the corresponding stability constants. 

One of the fields of investigation of many chemists has been to analyze what happens 

in solution when two substances come into contact to reach a state of equilibrium. A 

great contribution to the development of equilibrium study is due to Professor Lars 

Gunnar Sillén, and one of the widely used theories is the Specific Interaction Theory 

(SIT2,3), based on the Sillén's studies, which can describe in detail what really happens 
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in solution. The amount of each species in equilibrium is expressed in terms of its 

activity, so it is necessary to evaluate its activity coefficients.4 In this frame, the 

constant ionic medium method,5 which involves the addition of a high and constant 

concentration of an inert salt in the test solutions, is used. This method gives us the 

opportunity to consider as constant all the activity coefficients and to work with 

concentrations. In the present work, the inert salts used were NaCl and NaClO4 at a 

concentration of 0.16 M, and the measuring cell was maintained at 37 °C, to reproduce 

the physiological conditions of ionic strength and temperature. To identify the best 

model for an accurate explanation of the experimental data we have employed a 

graphic and a numerical procedures.6  
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2. Chelation Therapy 

Neurodegeneration is the collective name for a vast group of pathological processes 

and conditions occurring in the brain, which usually leads to extensive neuronal death 

and consequent loss of function. Notably, the most important neurodegenerative 

diseases (ND), such as Alzheimer’s disease (AD), Parkinson’s disease (PD), Prion 

protein disease (PrD) and amyotrophic lateral sclerosis (ALS), are related to a 

progressive loss of specific neuronal cell populations and to an abnormal activity of 

protein components, which pathologically accumulate in the brain.1,2 The observed 

protein misfolding is greatly affected by a variety of biophysical and chemical factors, 

including metal ions. In turn, the newly formed supramolecular structures may acquire 

the ability to bind bio-metals. Chelation therapy represents an attractive 

pharmacological option for the treatment of these diseases. Metal ions can generate, 

by redox cycling, a local excess of reactive oxygen species (ROS) which, for example, 

favors membrane depolarization resulting in a dangerous accumulation of calcium 

within the cell.3 Oxidative stress is considered to be one of the main reasons related to 

a neuronal degeneration, most likely resulting from an enhanced level of some redox-

active metal ions (i.e., Cu and Fe) within the substantia nigra, a small area of 

dopaminergic cells located in the mid-brain. High levels of several metal ions, such as 

Mn, Cu, Fe, Zn, and Al, were, indeed, detected in the substantia nigra of PD patients.4–

6 The role of metal ions in neurodegeneration is still a highly controversial issue.7,8 

Metal dismetabolism (essentially due to genetic or environmental factors) and the 

consequent dramatic accumulation of a specific metal were clearly established as the 

primary cause of the disease for a few and very rare ND (e.g. Wilson disease’s or 

neuroferritinopathy). The multifactorial character of the pathology and the overall 

modest increase in metals’ concentration (though in the presence of evident metal 

dysmetabolism) makes it difficult to assign clear and conclusive roles to the various 

agents for most common ND (e.g. AD).  

It is well known that the brain closely regulates metal ion homeostasis as an important 

part of its normal functioning. Zinc, for example, is a component of almost 300 

enzymes either as a catalytic factor or as a co-factor.9 Notably, during the normal 

neuronal activity, zinc is released into the synaptic cleft, where it can reach transient 

concentration as high as 300 µM;10 afterwards, zinc must be efficiently removed to 
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avoid toxic effects. Disruption of this delicate equilibrium may have deleterious, often 

lethal, effects. Several recent studies highlighted that some metals are able to alter the 

biophysical properties of the Aβ peptide, thus accelerating Aβ aggregation, with the 

consequence of increasing neurotoxic effects on neuronal cells.11–13 Accordingly, 

significant local increases in Cu (~400 µM) and Zn (~1 mM) concentration were found 

in senile plaques and in the neuropil.14 The established metal imbalance 

(dishomeostasis), which occurs in several ND, has attracted the interest of several 

researchers, in particular, to the possible role that metal ions such as copper (Cu), iron 

(Fe), zinc (Zn), and the nonphysiological aluminum (Al) play in the etiology of some 

neurodegenerative conditions. Although these diseases generally present a complex 

and not yet fully understood pattern of pathological features, the disruption of this 

aberrant metal interaction through metal-targeted agents might represent a very 

challenging task for future pharmacological treatments.15 As the demand of new and 

effective strategies for the treatment of ND increase, the use of chelating agents to 

scavenge free metals, present in the brain in large excess, may represent a very 

promising and well-grounded therapeutic option. In principle, treatment with chelating 

agents should aim at abstracting and removing metal ions such as Cu, Fe, Zn, and Al, 

which may be responsible for inducing direct neurotoxic effects. Indeed, this type of 

approach turned out to be successful for a few rare genetic diseases, where a dramatic 

brain metal accumulation takes place. The design of novel and effective nontoxic 

chelating molecules represents today a very challenging task, and several specific 

requirements must be met to obtain candidate drugs. An important requirement for an 

effective metal targeting agent in ND is its ability to cross the blood brain barrier 

(BBB). This excludes many common metal ligands because of a marked hydrophilic 

nature. Moreover, specific, and moderate, rather than indiscriminate and massive 

chelation of excess metals is highly preferred when dealing with the most frequent 

ND. Thus, ligands with intermediate affinity and appreciable metal selectivity should 

be designed, capable of disrupting a few relevant metal–peptide interactions16 rather 

than inducing generalized, and thus highly toxic, metal depletion. Indeed, strong metal 

chelators are expected to compete successfully with metal-binding proteins, thereby 

altering physiological metal distribution and inhibiting essential metal-containing 

enzymes. These observations feature, for the major ND, a type of chelation therapy 
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that is radically different from the classical protocols, originally developed in the frame 

of clinical toxicology to contrast heavy metal poisoning. The goal may be achieved by 

abolishing abnormal metal/protein interactions, by contrasting localized metal 

excesses, or by normalizing intra/extra cellular metal ratios or, finally, by restoring the 

correct balance among the main bio-metals (i.e., Cu, Fe and Zn). The last one could be 

reached by supplying a defective metal capable of counteracting the effects of the 

excess metal (for example, consider the well-known Cu/Zn antagonism) rather than by 

directly removing the excess metal itself. Specific attention must be paid to the nature 

of the ligand (hydrophobic/hydrophilic nature), to its toxicological profile, to the 

strength and selectivity of its metal binding, to its targeting to specific brain areas, and 

to the nature of the resulting metal complexes. Overall, these considerations justify 

novel and smart therapeutic approaches for the major ND, that are highly peculiar and 

might be better defined as metal-targeted strategies rather than metal chelation. 

Chelation therapy has been proposed as the appropriate treatment for reducing the 

abnormal accumulation of essential heavy metals, such as Fe, Cu and Zn, as well as of 

nonessential and poisonous ones, such as Pb, Hg, Cd and Al.17,18  

Typically, chelators bind to metal ions enhancing their urinary and fecal excretion and 

causing a progressive decrease of their body concentrations. Chelation therapy became 

a common alternative treatment, despite its still controversial clinical results,19,20 when 

ethylenediaminetetraacetic acid (EDTA) turned out to be effective in chelating and 

removing toxic metals from blood. Following the introduction of EDTA in clinical 

practice, other suggestions were based on a metal chelator that might benefit patients 

with atherosclerosis, as the hardened arteries could be “softened” due to removal of 

Ca from artery walls.21 Regarding the effectiveness of chelation therapy, encouraging 

results from some laboratories are by no means unanimous, in fact contradictory 

evidence counterbalance these claims.22,23 Thus, EDTA therapy in cardiology has been 

considered by the Food and Drug Administration (FDA) as a highly controversial and 

questionable issue. In contrast, the use of chelating agents to treat acute metal 

poisoning is now well established. Effective chelation treatments of metal poisoning 

require an accurate knowledge of the pharmacodynamic and pharmacokinetic of the 

administered chelator, that depends on the physical and chemical characteristics of 

metals and chelators (i.e., ionic radius, solvation sphere size and deformability, 
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hardness/softness of electron donors and acceptors, chemical stability, administration 

route, bioavailability, metabolism, organ and intra/extra cellular specific 

compartmentalization, and, of course, natural excretion).18 Hydrophilic chelators 

enhance renal excretion, but their extracellular localization confines the activity to 

extracellular metal pools only. On the other hand, lipophilic chelators might decrease 

intracellular stores, but may also redistribute toxic metals to more vulnerable organs, 

e.g., the brain. The metal selectivity of chelators is particularly important, due to the 

risk of essential metal depletion. Moreover, in chronic metal induced disease, 

necessitating long-life chelation, toxicity and side effects of the chelator may 

drastically limit the time of treatment. Hence, development of new and not dangerous 

chelators, suitable to a long-term oral administration, remains an important research 

challenge. In addition, a significant teratogenic potential has been demonstrated for 

most chelators, due to induced trace element deficiencies.24 Improved chelator design 

should aim to enhance selectivity, affinity, stability, renal clearance, and oral activity, 

while maintaining a low toxicity and a low cost. Finally, the adaptation of chelation 

therapy to neurodegenerative conditions is a very complex task. It may be preferred to 

denote these kinds of therapeutic approaches as metal targeted strategies for 

neurodegenerative diseases. The term chelator, originated from the Greek word 

“chele,” which means “crab’s claw”25,26, defines the complexes formed by a ligand (a 

molecule with at least two donor groups or coordination number) with their substrates 

(ions), such that a “ring” system is established. The ring structure is well correlated 

with the formation of a more stable complex.26 Denticity (from the word “dens,” 

meaning tooth) is used to describe the number of available donor groups of a chelating 

agent to bind metal ions.26 So, bidentate refers to two donor groups, tridentate to three, 

quinquedentate to five. Some chelators can form multidentate complexes, while others 

can only attain a monodentate or bidentate chelate rings. For multidentate ligands, the 

dissociation constant, Kd, that reflects the intrinsic strength of metal-ligand binding, 

can vary markedly for different species.25 Some chelators can directly permeate cell 

membranes prior to or upon binding metal ions (e.g., see Ref. 27). Other chelators 

become membrane permeable after esterification, or by acquiring a nonpolar state 

following metal complexation.25 In addition, some chelators are ionophores since their 

chelating sites have limited flexibility and thus would prefer cations that fit easily into 
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their molecular structure.26 Ionophores may selectively enhance the permeability of 

metal ions in lipid membranes of cells as in the case of calcium ionophore A23187 

(calcimycin), which facilitates entry of calcium ions into cells.28 Similarly, pyrithione 

is a zinc chelator that neutralizes zinc neurotoxicity.27  

Hence chelators may act to either deprive biological systems of metal ions or may have 

the opposite effect of promoting metal uptake into cells. 
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3. Ligands 

Antioxidant molecules are capable of neutralizing free or incorrectly bound metals, 

thereby interfering with the ‘down-stream’ generation of ROS and other radicals. 

Therefore, antioxidants may be used mainly as a preventive approach.1 Numerous 

molecules with antioxidant properties, such as estrogen, melatonin, vitamin C and E 

(L-ascorbate and α- topopherol, respectively), ginkgo bilboa extract, curcumin and 

flavonoids, have been shown to have neuroprotective effects against Aβ-induced 

toxicity in cell based experiments2,3 and animal models.4-7  

Natural polyphenols are largely distributed in the plant kingdom (e.g., fruit, vegetables, 

leaves and flowers). Polyphenols are π-conjugated compounds containing OH-

phenolic groups (Fig. 1). There exist wide subclasses of natural and hemi-synthetic 

polyphenols, including the ‘‘small’’ phenolic acids (i.e., molecular weight lower than 

100), the intermediate-in-size flavonoids–lignans, coumarins, stilbenoids, 

isoflavonoids and flavonolignans (molecular weight ranging from 300 to 600) and the 

bigger oligomers and polymers (molecular weight ranging from 500 to 3000).  

The flavonoid group is divided into numerous subgroups, including flavones, 

flavonols, anthocyanidins, chalcones, dihydroflavonols, flavanones and flavan-3-ols 

(Fig. 1). They are naturally synthesized by the secondary metabolism of plants. 

Chalcones (1,3-diaryl-2-propen-1-ones) are the precursors of the other flavonoids in 

plants. Most flavonoids appear in plants in their glycoside forms and a few of them in 

their aglycone form. Anthocyanidins, derivatives of the 2-phenylbenzopyrylium cation 

(Fig. 1), are responsible for red, blue and purple color (absorption of yellow 

wavelengths) of some flowers (e.g., orchids, roses), leaves (e.g., tobacco), fruit (e.g., 

berries, apples, plums, purple tomatoes) and vegetables (e.g., onions, aubergines).  
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Fig. 1. Chemical structures of phenol, catechol, guaiacol and 33 different flavonoids and 

flavonolignans. 
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Chalcones provide yellow color (absorption of blue wavelengths). Some flavonols, 

flavones, flavan-3-ols and isoflavones are colorless, others provide yellow as well. 

They protect plants from UV-light, since most of them are known to absorb in this 

spectroscopic range. They are known to protect against DNA damage induced by UV-

A and B light. Partially due to their optical properties, they may also significantly alter 

the interaction between plants and insects. The multitude of leaf, flower and fruit 

colors in nature is partly attributed to the variation of chemical structures of flavonoid 

pigments. The chemical structure of polyphenols is known to modulate UV/Vis 

absorption spectra, which depend on the number and the position of substitutions, 

mainly -OH, -OCH3 and glycoside groups. The UV/Vis absorption and thus 

pigmentation may also be modulated by many other parameters, including pH, metal 

complexation, long-range intermolecular interactions (e.g., via intra- and 

intermolecular π-stacking interactions between flavonoid moieties), which may induce 

co-pigmentation.7 The UV/Vis spectra of polyphenols are generally attributed to 

electronic transitions between π-type molecular orbitals (MOs), that are extended over 

the molecular backbone. High molar absorption coefficients and thus large oscillator 

strengths are a product of (i) large LCAO (linear combination of atomic orbitals) 

coefficients, (ii) extended topology and (iii) similarity of topology in the contributing 

orbitals.8 Flavonoids have several biological activities, including antimicrobial, 

anticarcinogenic, antimutagenic and antioxidative activities. It is well known that 

flavonoids are essential as they can reduce free radical formation, scavenge free 

radicals, and chelate metal ions such as iron and copper. Because of their unpaired 

electron, free radicals are highly reactive molecules. They can oxidize other molecules 

and convert them to radicals. Antioxidants are free radical scavengers which donate 

an electron or hydrogen atom to the free radical, thereby deactivating the radical. It is 

not clear whether the dominant mechanism of the antioxidant action of flavonoids 

occurs by electron donation or by hydrogen atom donation to radicals.  

The antioxidant abilities of the flavonoids depend on their redox properties and 

chemical structures. The reduction potential of flavonoids is between 0.23-0.75 V, 

which depends on the electron-donating substituents in the B ring. Due to these low 

redox potentials, flavonoids can thermodynamically reduce highly oxidizing free 

radicals, such as peroxyl, superoxide, and hydroxyl radicals with redox potentials in 
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the range 1.0-2.13 V. A catechol group in the B ring, the 2,3-double bond in 

conjugation with 4-oxo in the C ring, and the additional presence of 3- and 5-hydroxyl 

groups in the flavonoids make them efficient antioxidants. The pyrogallol group in 

ring B also increases the antioxidant capacity. The proposed metal binding sites in 

flavonoids are the ortho-dihydroxyl groups in ring B, the 4-oxo and 5-hydroxyl groups, 

or the 4-oxo and 3-hydroxyl groups (Fig. 2).  

 

 

 

Fig. 2. Proposed Metal Binding Sites for Flavonoids. 

 

Quercetin 

Quercetin (3,5,7-trihydroxy-2-(3,4-dihydroxyphenyl)-4H-chromen-4-one, H5Que) is a 

dietary flavonoid, which widely occurred in caper, black chokeberry, onion, tomato 

and lettuce. In plants, quercetin is usually bounded with sugars, ethers or phenolic 

acids. Different forms of quercetin derivatives seem to influence their rate of 

absorption in the small intestine and stomach. The content and form of its derivatives 

play a key role in their absorption. Quercetin has attracted increasing attention due to 

its antioxidant, anti-obesity,9 anti-carcinogenic, antiviral,10 antibacterial and anti-

inflammatory effects. Moreover, quercetin has been reported to have a strong potential 

in the treatment of cancers. Quercetin has low water solubility and bioavailability, 

chemical instability, and short biological half-life, which may reduce its efficacy when 

used in the food and pharmaceutical fields. Quercetin is a lipophilic compound, and it 

is moderately soluble in ethanol (4.0 mg/mL, 37 °C) and highly soluble in dimethyl 

sulfoxide (150 mg/mL, 25 °C). However, its solubility in water is only approximately 

0.01 mg/mL (at 25 °C). It is therefore difficult to directly incorporate high levels of 

quercetin into water-based food matrix. Quercetin has a typical flavonoid structure and 
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contains five hydroxyl groups. Fig. 3 displays the structural characteristics of 

flavonoids: 2 benzene rings (A and B) connected by an oxygen-containing pyrene ring 

(C). Quercetin is commonly found in its glycoside form, in which one or more 

hydroxyl group is replaced by different types of sugar groups. The main groups of 

quercetin derivatives are quercetin O-glycosides, and some other common derivatives 

are summarized in Fig. 3. The molecular structure and some physicochemical 

properties of quercetin and its derivatives are shown in Table 1.  
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Systematic name R1 R2 R3 R4 R5 R6 R7 

Quercetin OH OH OH H OH H OH 

Quercetin 3-O-

rhamnoside 

(quercitrin) 

O-Rha OH OH H OH H OH 

Quercetin 3-O-

rhamnozyl-(1-6)-

glucoside (rutin) 

O-RG OH OH H OH H OH 

Quercetin 3-O-

glucoside 

(isoquercitrin) 

O-Glu OH OH H OH H OH 

Quercetin 3-O-

galactoside 

(Hyperoside) 

O-Gal OH OH H OH H OH 

Quercetin 7-O-

glucoside 

OH OH OH H OH H O-Glu 

Quercetin O-Rha OH OH O-Glu OH H OH 

3-O-rhamnoside-7-

O-glucoside 

OH OH OH H OH Glu OH 

Quercetin 3'-

methyl ether 

(isorhamnetin) 

OH O-Met OH H OH H OH 

Quercetin 7-

methyl ether 

(rhamnetin) 

OH OH OH H OH H 0-Met 
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Quercetin 4'-

methyl ether 

(tamarixetin) 

OH OH O-Met H OH H OH 

Gal: galactose; Glu: glucose; Rha: rhamnose; RG: rhamnosyl glucose; Met: methyl 

 

Fig. 3. Chemical structures of quercetin and its main derivatives. 
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Table 1. Summary of physicochemical properties of quercetin and its derivatives. 

Chemical structure Molecular 

weight 

Melting 

point 

(°C) 

log

P 

Water 

solubility 

(mg/ml) 

Physical 

state 

UV.Vis max 

(nm) 

Reported biological 

activities 

 

 

Quercetin 

302.23 314-316 1.48 0.001 Yellow 

poweder 

258, 360 Antioxidant, anti-

inflammation, antiviral, 

anti-obesity, antidepressant 

as well as preventing 

cancer, diabetes, asthma, 

hypertension and 

cardiovascular diseases 

 

Quercetin 3-O-rhamnoside 

448.38 174-179 0.90 0.024 Yellow 

powder 

256, 346 Antioxidant, anti-

inflammation, anticancer as 

well as inhibiting lipid 

peroxidation 

 

Quercetin 3-O-glucoside 

464.38 188-189 0.83 0.095 Yellow 

powder 

257, 362 Antioxidant, anti-

inflammatory, 

antihypertensive, as well as 

cytoprotection; inhibiting 

melanogenesis and Ca2+ 

induced lipid peroxidation 

Quercetin 3-O-galactoside 

464.38 227-230 0.43 NA Yellow 

powder 

256, 358 Antioxidant, antimicrobial, 

anti-inflammation, as well 

as preventing hypertension 

and cardiovascular diseases 



22 
 

 

Rutin 

610.52 190-192 -

2.02 

0.034 Faint 

yellow 

powder 

256,351 Antioxidant, anticancer, 

anti-inflammation, 

cardioprotection as well as 

anticonvulsive 

Quercetin 3'-methyl ether 

316.26 305-307 2.79 0.037 Yellow 

crystal 

255, 356 Antioxidant, anti-tumor as 

well as preventing 

endothelial dysfunction, 

hypertension and 

cardiovascular diseases 

NA: not available 
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Quercetin and its derivatives usually exist in the form of yellow colored powder or 

crystals. Quercetin O-glycosides are the derivatives with at least one O-glycosidic 

bond. Many plants and vegetables contain quercetin O-glycosides, and the most 

common glycosylation site is located at the C3 carbon. The associated 

monosaccharides may include glucose, galactose, and xylose. Quercetin 3-O-

glucoside has been found in beans,12 salvia and buckwheat. Quercetin derivatives in 

the form of disaccharides are also widely occurred in plants and vegetables. Quercetin 

has been shown to be a strong antioxidant in vitro and is one of the most powerful 

scavengers of reactive oxygen species, such as O2˙
-, NO˙ and ONOO-. Oxidative 

damage induced by O2˙
-, NO˙ and ONOO- can create deleterious effects on cells and 

tissues in human body and may cause many diseases, such as cardiovascular diseases, 

diabetes and cancers. Fortunately, peroxidation can be reduced by antioxidants, such 

as quercetin, which can interfere peroxidation by reacting with the radicals formed. Its 

antioxidative activity is ascribed to: (a) a catechol group in the B ring; (b) a 2,3-double 

bond in conjugation with a 4-oxo function in the C ring, and (c) -OH group at positions 

3 and 5 in heterocyclic ring. Moreover, quercetin could significantly enhance the 

endogenous antioxidant capacity of scavenging ABTS (2,2'-azino-bis(3-

ethylbenzothiazoline-6-sulfonic acid) radicals by 6.2 folds compared to that of Trolox, 

which can be ascribed to its contribution to the total antioxidant capacity of plasma. 

Some papers have dealt with complex formation of H5Que with metals13,14 and, 

generally, the chelation property of flavonoids towards metal ions have been attributed 

to the presence of the 3- or 5-hydroxypyran-4-one, rather than the 3',4'-dihydroxy 

group on B-ring (Fig. 3).15,16 However, depending on pH and metal-to-ligand ratio, the 

potential different chelating sites of H5Que have been observed to change their metal-

chelating ability.17,18 

 

Luteolin 

Luteolin is a flavone present in many medical plants and in vegetables. However, 

concentrations are generally low compared to some of the flavonols like quercetin or 

kaempferol. Considerable concentrations are found in some spices like thyme, parsley, 

sage, in wild carrots, artichokes and in peanut hulls. Celery, spinach, some varieties of 

peppers and lettuce are our major nutritional luteolin sources.19 While luteolin is only 
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a minor flavonoid component in food, high amounts can be isolated from peanut hulls 

and Reseda luteola L. that has been used as a dyeing plant due to its high luteolin 

content since ancient times.20 While quercetin has been studied most intensively 

among the flavonoids during the last decades, recent research has provided a plethora 

of anti-oxidant, immunological, anti-carcinogenic, anti-bacterial, cardiovascular and 

other pharmacological mechanisms which suggest luteolin to be a valuable compound 

for many medical and food applications.9,12 Some epidemiological investigations 

indeed indicate that luteolin intake may protect from cardiovascular diseases or some 

cancer species, but prospective clinical studies are widely lacking.  

In a previous work, the redox potential of several radicals has been determined in 

aqueous solutions by a pulse radiolysis technique.21 Main electron-donating system is 

the B-ring, if it is substituted with hydroxy groups. The A-ring is not a good electron 

donator and will scavenge alkyl peroxide radicals only when the B-ring is not 

substituted (Fig. 4).  

 

 

Fig. 4. Antioxidant mechanism of flavonoids. 

 

Metal ions bound to biological structures may act as catalytic centers for multiple 

radical formation. Flavonoids with different -OH groups in the B ring, like quercetin 

and luteolin, can chelate with the metal ion and are very effective against the oxidative 

damage. Luteolin possesses two possible chelating sites: the 5-hydroxy-4-oxo and 

3',4'-dihydroxyl (catechol) groups. As reported previously, the 5-hydroxy-4-oxo group 

is the preferred one.22,23 
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Fig. 5. Chemical structure of luteolin. 

 

Coumarin 

Coumarin derivatives are well known compounds found to be present in different food 

sources such as fruits, herbs, and vegetables.24 They are of great interest owing to their 

important role in the fields of biology, medicine, industry, botany and chemistry.25-29 

Due to their versatility, the coumarin derivatives have been used in the pharmaceutical 

industry as antibiotics, antiviral, antimicrobial and anticoagulants agents and as pH 

indicators in biological systems and medical sciences.30,31 Coumarin derivatives have 

also been used as sensitizers in phototherapy, as well as in the chemical industry as 

optical brightener and laser dyes.32 The investigation of the binding properties of 

coumarin derivatives to different metal ions could help to understanding the factors 

controlling their biological activity. Natural as well as synthetic coumarins have 

recently drawn much attention due to their broad pharmacological activities.33-35 The 

recognition of key structural features within coumarin family is crucial for the design 

and development of new analogues with improved activity and for the characterization 

of their mechanism of action and potential side effects. The different substituents in 

the coumarin nucleus strongly influence the biological activity of the resulting 

derivatives. Although some coumarins have been already characterized to evoke a 

particular biological activity, the challenge would be the design and synthesis of new 

derivatives with high specific activity for other pharmacological targets, to define their 

mechanism of action and achieve new therapeutic drugs. The ability of coumarins to 

bind metal ions represents an additional means of modulating their pharmacological 
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responses. Nowadays, a lot of studies report complexes of coumarin derivatives with 

metals, which possess biological activity. It has been found that the binding of a metal 

to the coumarin moiety retains or even enhances its biological activity.36-38 The 

investigation of the binding properties of coumarin derivatives to different metal ions 

is essential for understanding the factors controlling their biological activity. 

Considerable efforts have now been given to the synthesis of coumarins with 

lanthanides. The coumarin-3-carboxylic acid (HCCA) contains abundance of 

coordination centers, and several ligand coordination modes are suggested in the metal 

complexes of HCCA, hence the determination of the metal coordination sphere is not 

a trivial task. 

 

 

Fig. 6. Chemical structure of the ligand HCCA (coumarin-3-carboxylic acid). 

 

The CCA- anion is a polydentate system, it contains three potential donor atoms for 

coordination to metal ions one carbonylic oxygen (C=O), and two carboxylic oxygens 

(COO) and hence different monodentate and bidentate binding modes are possible. 

 

 

Fig. 7. Possible coordination sites of complexes between the coumaric acid species and a metal cation 

are shown.  

 

L-Ascorbic acid 

L-Ascorbic acid (H2As), or 2,3-dehydro-L-gulonic acid γ-lactone 1 (scheme 1), also 

known as vitamin C, belongs to the most important substances involved in the 

metabolism of living organisms. This compound is widely occurring in both animal 
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and plant cells, where it performs various functions, in particular, participates in redox 

reactions, serves as a trap for toxic free radicals, and forms complexes with metals and 

proteins.39 H2As plays the role of cofactor of enzymatic hydroxylation by which 

proline residues in the collagen of the connective tissue are converted into 4-

hydroxyproline residues, thus being involved in the process of formation of the main 

component of connective tissues of these higher animals. In addition, H2As 

participates in the metabolism of phenylalanine and tyrosine, as well as in some other 

processes.40 Various animals and plants can synthesize the necessary amounts of 

vitamin C proceeding from D-glucose. However, guinea pigs, primates, and humans 

do not possess this ability because of the absence of a necessary enzyme (i.e., 

gulonolactone oxidaze) and, hence, must get H2As by food.40 The absence of sources 

of this vitamin leads to the development of scorbutus, a heavy form of avitaminosis. 

Microorganisms neither need H2As nor synthesize it.40 The antiscorbutic action of 

H2As is specific: even stereomer 2 (see scheme 2) with respect to 5-C atom and 

stereomers 3 and 4 with respect to 4-C atom (D- and L-isoascorbic acids, respectively) 

exhibit either no such activity at all or produce a very low effect.41 H2As belongs to 

the class of weak acids: initially, it exhibits ionization of the hydroxy group at 3-C 

atom (pKa1 = -3.86). In weakly alkaline media, H2As behaves as a monobasic acid and 

forms an ambidentate ascorbate anion 5 (Scheme 1). Under more basic conditions, 

H2As is subject to ionization of the hydroxy group at 2-C atom (pKa2 = -8.03) with the 

formation of dianion 6.42 In the presence of very hard bases (e.g., on boiling with 

KOH), H2As forms a trianion 7 at the expense of proton detachment at position 4 

(scheme 1). This is confirmed by the epimerization of H2As and D- H2As at high pH 

(scheme 2)43 and by the formation of L-(4-3H)H2As upon tritium substitution for 

hydrogen at high pH in tritium-rich water (T2O).42 
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Scheme 1 

 

 

 

 

Scheme 2 

 

 

The pKa values of L-ascorbic acid were experimentally determined at 37 °C in aqueous 

solution. The pKa1 was determined potentiometrically and this allowed to obtain a very 

accurate value of the constant; pKa2 was determined spectrophotometrically by 

processing the experimental data with a calculation program, Hyperquad.  

H2As is stable when dry, but solutions readily oxidize, especially in presence of trace 

amounts of copper, iron and alkali. The first oxidation product of H2As is the radical 
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monodehydroascorbate (MDHA), also known as semidehydroascorbate, or ascorbate 

free radical (Fig 8), (for a discussion of reaction mechanisms, see Refs 45, 46). 

MDHA, with a decay constant of 2.8x105M-1 s-1 at pH 7,47 is remarkably stable. In vivo 

MDHA is reduced back to H2As by the activity of the NAD(P)-dependent enzyme, 

monodehydroascorbate reductase, or by electron transfer reactions. If allowed to 

persist though, two molecules of MDHA will also spontaneously disproportionate to 

H2As and DHA. DHA itself is unstable and undergoes irreversible hydrolytic ring 

cleavage to 2,3-diketogulonic acid in aqueous solution.49 The half-life for this 

breakdown was found to be 6 min at 37 °C,50 although the rates of H2As oxidation and 

DHA hydrolysis will be influenced by factors such as concentration, temperature, light 

and pH. 

 

 

 

Fig. 8. Oxidation of L-ascorbate. 
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Physical properties of H2As 

 

Table 2. Physical properties of L-ascorbate (adapted from Ref 51) 

 

 

In both plant and animal systems H2As interacts enzymatically and non-enzymatically 

with damaging oxygen radicals and their derivatives, so-called reactive oxygen species 

(ROS). These detoxification reactions can be an integral part of the housekeeping 

duties required of an aerobic existence in eukaryotic cells and the high intracellular 

concentrations of H2As are an indication of the importance of these functions in 

eukaryotic organisms. In plants, the ability of H2As to interact with physiologically 

generated ROS implicates H2As in the modulation of processes such as lignification, 

cell division and the hypersensitive response. The biological importance of the 

antioxidant behavior of H2As is that unlike other low-molecular-weight antioxidants 

(α-tocopherol, uric acid, carotenoids, flavonoids, etc.), H2As can terminate radical 

chain reactions by disproportionation to non-toxic, non-radical products, i.e., DHA and 

2,3-diketogulonic acid (Fig 8). Further, since H2As is only mildly electronegative, it 

can donate electrons to a wide range of substrates. Indeed, one of the most important 

features of the non-enzymatic antioxidant activity of H2As, is its involvement in the 

regeneration of the lipophilic, membrane-associated α-tocopherol (vitamin E, α-
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chromanoxy), radical. L-Ascorbic acid complexation with metal ions is of importance 

in explaining its biocoordination chemistry and the potential applications of formed 

complexes in many biological systems.52,53 In spite of the presence of the dienol group 

in the molecule of the L-ascorbic acid, which allows possible complexation of the 

compound with metal ions, relatively little is known about the interactions of this 

water-soluble vitamin with metals.54-56 Collecting more information on the elusive 

coordinating ability of vitamin C should be beneficial also for the exploitation of such 

ligand in chelating therapy.57−64 

 

 

Fig. 9. Chemical Structure of L-Ascorbic Acid (H2As) 
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4. Elements in humans 

The selection of the elements from the periodic table to be utilized by living organisms 

was, and still is, critically dependent upon the composition of the Earth’s surface. 

“Life” on this planet began about 3.5 billion years ago from primitive cells.1 

Ostensibly, these cells evolved in oceans utilizing biochemicals synthesized on the 

surface of silicate particles on beaches. This evolution was based on the elements 

readily available in the ancient seas and seabeds. Understandably, the composition of 

the modern human body resembles the composition of these primitive synthetic arenas 

with the lighter elements of the periodic table being present but being challenged by 

an overlay of "modern" industrial elements mainly from lower in the table. As a result, 

the 'chemistry of life' is predominately the chemistry of the metals and non-metals of 

atomic number less than 35.2,3 The heaviest essential metals to exist in primitive cells 

were selected from the first row of the transition series and existed in their lowest 

oxidation state because of the highly reducing atmosphere of water vapor, hydrogen 

sulfide, ammonia, and methane. Two billion years ago, the earliest cell contained the 

order of a hundred different protein molecules whereas today, a modern cell contains 

hundreds of thousands. Early cells required metal ions for structure, osmosis and as 

catalysts. For example, magnesium was present at high concentrations in early oceans 

and is likely to have been an effective catalyst in these early biological systems.2 The 

amounts of essential elements in the body are normally controlled by physiological 

mechanisms, but for the non-essential, non-beneficial, elements there are generally no 

such controls and so the amounts in the body tend to reflect the natural abundance of 

the elements in food and water. For many such elements we may consider that there is 

a base load in the human body reflecting the natural intake of the elements in the diet.1 

Industrial, mining, or other human activities, have released metals into the 

environment. In order to fulfil all the necessary functions of life in an efficient way, 

humans need to sustain a healthy existence. Central to this is one's dependence upon 

the intake and uptake of several essential elements and on the absence, or below 

threshold, concentrations of several potentially toxic elements. Traditionally, for an 

element to be classed as "essential", it should pass certain criteria, i.e., it must be 

present in all healthy tissues, and it must cause reproducible symptoms of ill health if 

excluded from the intake.1,4 Approximately 32 elements in the periodic table are 
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believed to be essential or beneficial to life4 (Figure 1). The remainder of the elements 

are adventitious, having been introduced by local dietary or environmental sources. 

Some of these elements are derived from pollutants present in water or food. Elements 

necessary for good health, food being by far the largest source, read H, C, N, O, S, Na, 

Mg, P, Cl, K and Ca as major elements and V, Cr, Mn, Fe, Co, Ni, Cu, Zn, Se, Mo, B, 

F, Si and I as minor species. Newer trace elements possibly having a health role include 

Sr, Ba, W, Cd, Sn, As and Br.4 There is no perfect diet for the average human. The 

maintenance of good health depends on the supply of all 32 essential or beneficial 

elements in adequate, but not excessive, quantities and in a chemical form that is 

utilizable in the body.4 The correct amount of trace metal to be taken up from the diet 

varies widely and is controlled by a large number of factors such as age, rate of tissue 

growth, general fitness, and activity parameters, for the individual concerned, and 

upon other foods co-consumed. In later life, the reduction in physical activity, in 

circulation and in appetite may lead to less trace elements being taken in adhering to 

carbohydrates and protein sources and so it is often advisable to increase the quantities 

of mineral-bearing foods as a person gets older.5 The efficiency of intestinal uptake of 

several trace elements declines further in the elderly. For example, from diets 

containing ~10 mg of zinc per day, an elderly person may absorb as little as 1.5 

mg/day1,5 (Table 1).  

 

Fig. 1. The Periodic Table of the Elements indicating the bulk, essential and possibly essential 

elements.4,3b 
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Table 1. The masses of the essential and possibly essential elements occurring in 73 kg male and 60 

kg female reference persons.3b 

Element Male Female 

 grams moles grams moles 

Hydrogen 7300 7300 6000 6000 

Carbon 16500 1375 13700 1140 

Nitrogen 1880 134 1545 110 

Oxygen 44900 2810 38900 2310 

Phosphorus 730 23.5 600 19.3 

Sulphur 146 4.6 120 3.8 

Chlorine 104 2.9 85 2.4 

Sodium 104 4.5 86 3.7 

Potassium 144 3.7 103 2.6 

Calcium 1180 29 860 22 

Lithium 0.0007 0.0001 0.0006 0.00009 

Boron 0.01 0.0009 0.009 0.00008 

Fluorine 0.8 0.04 0.7 0.036 

Magnesium 36 1.5 30 1.3 

Silicon 1.5 0.05 1.3 0.046 

Vanadium 0.02 0.0004 0.017 0.00034 

Chromium 0.005 0.0001 0.0043 0.00008 

Manganese 0.021 0.00038 0.017 0.00031 

Iron 4.4 0.079 3.6 0.064 

Cobalt 0.0007 0.00001 0.0006 0.00001 

Nickel 0.01 0.0002 0.01 0.0002 

Copper 0.12 0.0018 0.094 0.0015 

Zinc 2.4 0.037 2.0 0.030 

Arsenic 0.015 0.0002 0.012 0.00016 

Selenium 0.02 0.0025 0.017 0.00022 

Bromine 0.2 0.0026 0.17 0.0021 

Molybdenum 0.005 0.00005 0.004 0.00004 

Tin 0.03 0.00026 0.026 0.00022 
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Iodine 0.013 0.0001 0.011 0.00008 

Barium 0.017 0.00012 0.015 0.00011 

 

 

Shortages of essential trace elements can cause deficiency diseases, for example severe 

zinc deficiency in humans results in growth retardation, a delay in sexual development 

and skeletal malnutrition, acute dermatitis, and defects in the immune system. Mild 

zinc deficiency can result in impaired growth and poor resistance to infection. Many 

of these deficiency diseases have been well documented, for example, in areas where 

selenium is deficient, cardiomyopathy in children and women of childbearing age is 

endemic and a deficiency of chromium produces a glucose tolerance pattern like 

diabetes mellitus.5 Toxic metals may reach our food from several sources, some of the 

most important being contaminated soil (often from sewage sludge and agricultural 

chemicals), unclean cooking water, storage containers and cooking utensils. Another 

problem is the distinction between metals required for health and toxic ones. This 

distinction is frequently one of amount rather than element. The mechanisms by which 

metals induce toxic effects are not well understood. The more toxic heavy metal ions 

(HMs), cadmium, lead and mercury are potent enzyme inhibitors because the ions are 

readily polarizable and bind to enzyme donor groups. Lipophilicity of the metal 

species usually dictates the extent of the toxicity and the body's ability to excrete the 

offending element.6 Even excesses of essential elements can cause problems. Ingestion 

of large amounts of iron compounds (for example, supplements used to treat iron 

deficiency) can cause acute poisoning and chronic gastrointestinal disturbances and 

might even cause severe kidney and liver damage. Such chronic iron poisoning is often 

presented as siderosis or hemochromatosis. These conditions lead to the deposition of 

excess iron, in the form of ferritin and hemosiderin, in the liver, spleen and bone 

marrow, and they also lead to liver and kidney damage.  

Anyway, some metal ions are necessary for the continuation of the vital functions of 

living organisms. For thousands of years, people have widely used metals for daily 

needs without considering their drawbacks and consequences. As a result, in addition 

to destroying the entire ecosystem, metal ions pollute the water resources and have 

seriously affected plant and animal life. Today, metal pollution is mostly caused by 
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mining, industrial sewage, urban wastes, acid rain, fossil fuel residues, fertilizers, and 

pesticides.7 HMs are elements with a density above 5 g/mL.8,9 They have been used in 

many different areas for thousands of years. The most common ones are Cr, Pb, Cd, 

Hg, Cu and Zn. In addition, as can be included in this group due to its similar physical 

and chemical properties to heavy metals.10–12 Fe, Co and Mn are less common heavy 

metals. HMs can be examined under two groups as essential and non-essential HMs 

according to their toxicity, as said before. Essential HMs, including Zn, Cu, Fe and 

Co, are less effective or relatively harmless at low quantity. However, non-essential 

HMs, including Cd, Hg, As, and Cr are highly toxic even at low quantities.13,14 On the 

other hand, HMs, including Zn, Cu and Fe, are obligatory for the biological activities 

of different proteins and enzymes as cofactors in distinct biological and physiological 

processes. For instance, Cu, Fe, Zn and Co demonstrate a vital role in the use of oxygen 

in the electron (e−) transport chain, cell growth and differentiation, many enzymatic 

reactions, synthesis of biomolecules and the continuity of the immune system. The 

excess of HMs in the cytoplasm can disrupt the intracellular redox balance and cause 

changes in the cytoplasm’s pH, alter protein conformation and inhibit enzyme’s 

function. This situation can easily lead to cell dysfunction, necrosis, or apoptosis. In 

addition, HMs can interact with proteins thiol, carboxyl, and imidazole groups.15,16 

Iron is the best example of the metals that are taken or exposed to excessively in our 

daily life. An average person includes 4–5 g of elemental iron. Two-third of this 

amount exists in the hemoglobin as oxygen transporter protein and another one-third 

is stored in the iron-keeping proteins including hemosiderin or ferritin.17 Fe exists in 

cytochromes, hemoglobin, myoglobin, and is essential for many enzymes, including 

peroxidases, catalase, succinate dehydrogenase, aconitase, aldehyde oxidase and 

oxygenase.9,18 However, although the human body can tolerate relatively high iron 

levels, excess iron is quite toxic. Metal poisoning has become quite common in young 

children as a result of excessive iron intake due to iron-enriched food supplements. In 

addition, acute poisoning is less widespread in adults, but chronic Fe overload is 

usually encountered in β-thalassemia patients due to the mandatory and regular intake 

of whole blood transfusions.17,19 The fatally accumulated iron level primarily affects 

the heart and liver. The regular evacuation of metal ions can be increased by the 

application of a convenient sequestering agent. Desferrioxamine B is one of the current 
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drugs of choice for Fe3+ removal. However, Desferrioxamine B can reduce the 

available iron level to about ten times of the normal level.17,19,20 In humans, iron 

overloads can be decreased by the management of agents that can compete with the 

transferrin protein, which binds and transfers metal ions. Drugs that have a higher Fe3+ 

affinity than transferrin for effective chelation may damage natural iron stores under 

physiological conditions. Enterobactin as natural siderophore had high affinity toward 

Fe3+ ions.21 Recent studies have proven that siderophores, which are small molecules 

produced by some microorganisms, make iron soluble and thus usable by plants. 

Siderophores from microbial origin are good iron chelating agents primarily due to 

powerful iron chelating components, such as hydroxamate, catecholate and α-

hydroxocarboxylates. On the other hand, phytosiderophores such as mugineic acid and 

its derivatives are polydentate ligands with carboxylate and amine groups as metal 

chelators. Gramibactin has been reported to effectively form Fe3+ as an impressive 

example for a new group of diazeniumdiolate siderophores established on its ability to 

isolate iron. In the aforementioned study, it was reported that gramibactin forms quite 

stable complexes with Fe3+ ions in a broad pH range (Table 2).22 Although there are 

many reasons for Fe pollution, it occurs especially with the corrosion of water pipes. 

The groundwater and soil are contaminated through industrial and agricultural human 

wastes including Fe. In addition, today, intense air pollution from the steel industry 

includes particulate iron and iron oxide together. Vomiting, nausea, diarrhea, 

abdominal pain, lethargy, and dehydration are the most common symptoms of iron 

toxicity.23,24 Aluminum (Al) is the second plentiful metal in the earth’s crust and 

constitutes about 8% of the total mineral quantity. It has an important place today 

because it is widely used in different industries. The acceptable daily intake limit of 

Al in humans is about 3 to 10 mg. Therefore, excessive, and irregular intake of Al 

causes dangerous effects for living creatures.25 Al3+ toxicity is a major factor in living 

organisms. Due to its chemical properties, Al3+ leads to an imbalance of free radical 

metabolism, resulting in the oxidative injury of polysaccharides, proteins, nucleic 

acids, and membrane lipids, and disrupts the normal cell activities. Al toxicity is still 

not completely unraveled at the molecular level, but some potential mechanisms have 

been detailed. For example, it is known that Al exhibits an important pro-oxidant effect 

in living systems.26 Al toxicity induces an excessive increase in ROS levels. 
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Especially, it promotes different neurodegenerative diseases including dementia and 

encephalopathy in humans. This toxicity also causes serious damage to biomolecules. 

The presence of Al in living systems creates different toxic effects. Another effect is 

the change in the natural structure and roles of proteins and enzymes in the glycolysis, 

cells, tissues, central nervous system (CNS), and other organs.27 Al as a strong Lewis 

acid prefers oxygen donor ligands, including phosphates, nucleotides, carboxylates, 

and nucleic acids. It promotes hyperphosphorylation of normal proteins. In a recently 

proposed paradigm, it has been suggested that Al can interact directly with the 

backbone of proteins. It was suggested that Al coordinates directly to the carbonyl 

oxygen and protonated peptide nitrogen, occurring in stable structures with a 5-

membered ring that forms strong covalent bonds, and can interact directly with the 

backbone of proteins.28 It was reported that the patients affected by Al intoxication 

were treated successfully with the ethylenediaminetetraacetic acid (EDTA) as 

chelating agent over a short period (Table 2).29 Copper (Cu) is compulsory for some 

metabolic enzymes, including cytochrome c oxidase, superoxide dismutase (SOD), 

tyrosinase, ceruloplasmin and dopamine-β-hydroxylase.25 ROS can occur when liver 

cells are exposed to copper overload, and this is generally considered a critical event 

leading to cell death. Wilson’s disease (WD) is a defect which blocks the body from 

getting rid of excessive Cu. In people with WD, copper accumulates in the brain, liver, 

and the other organs, especially the eyes. Whereas a small quantity of dietary Cu is 

sufficient to stay healthy, too much Cu quantity is toxic. In this case, excessive Cu2+ 

is effectively bounded either by ligands containing both hard and soft donors. The 

leading drug used for this purpose in the treatment of WD is penicillamine. This drug 

is a molecule including both types of donor atoms and selectively binds Cu2+ ions.21 

The ternary H-point standard addition method is simultaneously used to determine 

Cu2+ ions using murexide as chromogenic reagent. Murexide, a reddish-purple 

compound, has attracted much attention due to its application in chemical analysis and 

spectrophotometric fields (Table 2).30 In addition, murexide as a metal ion indicator is 

used as a chromogenic reagent for the traditional spectrophotometric determination of 

some metals, especially copper. Furthermore, different complexation reactions were 

performed between murexide and Co2+, Cu2+, Ni2+, Cd2+, Zn2+, and Pb2+ ions and 

recorded by a spectrophotometric technique (Table 2).31 In the murexide method, a 
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simple and sensitive spectrophotometric method, spectrophotometric detection of Cu2+ 

with murexide, which is the ammonium salt of purpuric acid, had been developed. This 

method depends on the formation of a stable yellow greenish colored complex (at pH 

5.0), which had a maximum absorption at 476 nm. Murexide is used in analytical 

chemistry for complexometric titrations, most often as a complexometric indicator for 

Ca2+ ions, but also for Co2+, Cu2+, Ni2+, Cd2+, Zn2+ and Pb2+ and rare earth metals.32 

 

Table 2. Some metals and their chelating agents. 

Metals Binding agent References 

Pb2+ Murexide [31] 

Cd2+ Murexide [31] 

Hg2+ Dimercaprol 

Murexide 

[33] 

[34] 

Cu2+ Penicillamine 

EDTA 

[35] 

[21] 

Ni2+ Murexide [31] 

Zn2+ N,N,N’,N’-tetrakis(2-pyridylmethyl)-ethylenediamine 

Desferrioxamine 

Enterobactin 

[36] 

[37] 

[21] 

Fe3+ Deferoxamine 

Gramibactin 

[38] 

[22] 

Al3+ EDTA [32] 

Co2+ Murexide [32] 

Mn2+ Desferrioxamine [32] 

Ca2+ Desferrioxamine [29] 

 

Zinc is the fourth most widespread metal in use after Fe, Al and Cu. It is stored and 

transferred in metallothionein and essential for the function of over three hundred 

enzymes and thousand transcription factors. Approximately 2–4 g Zn is distributed 

throughout the human body. An increase in the amount of Zn in the living environment 

can cause serious negative effects on living organisms. Zn homeostasis in the human 

body is controlled by the small intestines. Zn is stored in specific synaptic vesicles by 
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glutamatergic neurons in the brain and modulates neuronal excitement.39 Since Zn has 

a flexible coordination geometry, they allow the conformation of the proteins they are 

in to change rapidly. Thus, biological reactions take place faster. The best example of 

Zn-containing enzymes is the carbonic anhydrase enzyme family, which can reversibly 

convert carbon dioxide (CO2) and water to bicarbonate (HCO3
−).40–42 In addition, Zn 

is a cofactor of many metalloenzymes, including anhydrases, oxidases, 

dehydrogenases, and peroxidases. It plays a crucial role in the arrangement of nitrogen 

metabolism, cell proliferation, auxin synthesis and photosynthesis in plants.39 This 

reagent readily permeates cell membranes and forms a stable 6-coordinate complex 

with Zn.36 Furthermore, Zn is essential for folding of protein, configurational and 

conformational changes of proteins as well as DNA replication, growth hormones and 

fertility.43 The most common intracellular Zn chelator is N,N,N’,N’-tetrakis(2-

pyridylmethyl)-ethylenediamine (Table 2). Cobalt, which is necessary for all animal 

metabolisms, is also an important element for the synthesis of cobalamin and vitamin 

B12. Especially, bacteria in the ruminants’ stomach convert Co salts into vitamin B12.
44 

Heavy metal pollution in water and soil has increased rapidly in recent years due to 

different reasons.9 Similar to some earlier metals, a fully elucidated mechanism of Co 

toxicity has not been defined in general. In some studies, Co’s high affinity for 

sulfhydryl (-SH) groups in biomolecules has been linked to oxidation and degradation 

of Krebs cycle intermediates, as well as damage to the transporting system resulting in 

enhanced intracellular Ca2+ ions.45 Although As, Hg and Cd are not very active 

elements, they stimulate OS by inhibiting SOD, affecting antioxidants and binding to 

sulfhydryl group (-SH) of proteins. As they exist in trivalent form and, thus, induce 

OS by oxidation-reduction reactions. Because of their multivalent states, they also 

affect acid-base and methylation reactions. Hg toxicity has been shown to cause OS, 

enzyme inactivation, inflammation and autoimmunity. However, the specific 

molecular mechanisms of Hg toxicity have not yet been fully elucidated. On the other 

hand, Pb indirectly causes the OS by generating free radicals and ROS and decreases 

the antioxidant capacity of the cells. Prenatal exposure to As, Hg and Cd can result in 

brain dysfunction and neuronal diseases.46 Although food is the main source of 

mercury poisoning, fish and dental amalgams are also considered as the most 

important sources of Hg exposure. People who consume a lot of fish meat from 
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polluted waters may be at increased risk of Hg exposure. Fetuses have a looser blood-

brain barrier than adults. Therefore, mercury in the mother’s bloodstream can reach 

the brain of the fetus. Therefore, pregnant women should avoid consuming fish caught 

from polluted waters.47–49 Hg toxicity can cause many ailments, including 

hypertension, heart and kidney dysfunction.50,51 Although Calcium is not a heavy 

metal, it is tightly bound by calbindins, which are a putative class of Ca2+-binding 

proteins. Calbindins belong to the Ca2+ messenger system, which reply to the transitory 

in intracellular Ca2+ concentration (Table 2). A structural property of calbindins is their 

functional domain, which consists of two interacting binding sites. So, they have 

cooperative binding.52 A similar situation to calbindins-Ca2+ co-binding is also 

observed between laurate and human serum albumin (HSA) that is commonly used as 

standard protein in biochemical assays.53–56 It is known that HSA binds to a wide range 

of ligands, especially fatty acids. In addition, in another study, multiple binding 

equilibria were searched for HSA and laurate binding using by a dialysisexchange 

method.52 

 

4.1 Metal Complexes 

Other than the main group metal ions Na+ and K+, hydrated metal ions are rarely found 

in humans at physiological pH values because of hydrolysis; rather they are complexed 

to donor groups such as RS-, NH2, etc. The complex and its preferred ligand donor 

groups follow the order best described by the HSAB (hard and soft acids and bases) 

approach, chelation is widespread and polydentate ligands are extensively used.57-59 

Each complex has its own unique toxicology, and effectiveness; even slight differences 

in empirical formula, oxidation state, or chirality can change a beneficial species into 

a toxic agent.1,4,60-63 For metal-ligand exchange reactions, which are rapid, there is 

thermodynamic control quantifiable using K values based upon equilibria and 

stoichiometry. For slower or catalyzed reactions kinetic constants, using k values, are 

useful in unravelling the competing species.4,64 

 

4.2 Lability 

A complex, which is formed with thermodynamically strong bonds, may exchange 

ligands quite readily when offered an equivalent replacement ligand. This is known as 
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bond lability. The opposite also occurs where a thermodynamically weak metal-ligand 

complex is reluctant to give up one of its ligands for a more strongly bonded 

replacement ligand.65 The concept of lability depends upon the ability of the metal ion 

to be able to form the transition state intermediate involving the exchanging ligand and 

the target complex. Paradoxically, complexes having very large formation constants 

can readily exchange ligands in aqueous solution because they may be able to form an 

intermediate. In nature bonds are often made non-labile, i.e., inert, by blocking the 

formation of a transition state intermediate species. Metal ions in biological systems 

are usually distributed between four different states in vivo. There are the (i) inert forms 

of the metal complex, which may either be laid down into a solid matrix, for example 

calcium in bones and teeth, or may be complexed into a non-reactive protein. There 

are three states of labile species: (ii) metal-proteins having reversibly bound metal ions 

known as high molecular mass species. These are in equilibrium with (iii) low 

molecular mass complexes. Thirdly, (iv) there must be some aquated metal ions, 

although this is highly unlikely with a pH = 7.4 because of hydrolysis.66 The last three 

complexes have the metal ions in equilibrium so that excess metal can be circulated 

on labile proteins or even draw metal ions from it by ligand drugs or alternatively by 

depletion of lower molecular mass complexes. A rise in metal ion concentration 

present in the biological fluid will bring about an increase in all three types (ii)-(iv) of 

labile species - labile protein, low molecular mass and aquated metal ion 

concentrations - without necessarily increasing the amount of metal complexing to the 

inert protein. Building a metal into, or extracting a metal from, an inert protein usually 

involves a sophisticated biological process such as occurs in the liver or spleen.1 

 

4.3 Metal ions in medicine, physiological role 

The mechanisms by which organisms control metal ions and their role in cellular 

regulation has become an area of great scientific interest. Such metal ions include 

calcium, and the transition metals copper, zinc, manganese, and iron. These metals 

have been shown to be involved in cell-cell signaling, signal transduction, as well as, 

influencing transcription and translation via metal responsive regulators. There is an 

emerging view that cells are not buffer containers in which metals freely diffuse 

between thermodynamically controlled binding sites. Rather, a series of membrane 
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metal transporters, metal chaperones, and assembly complexes have recently been 

identified that regulate the uptake and delivery of metal ions to specific sites.67 Metal 

ion dependent functions appears to be emerging as a new area of cell biology and is a 

potential site for therapeutic interventions. Normal metal metabolism maintains free 

metal ion concentrations at a very low level and delivers metals very selectively to 

their sites of action, while maintaining tight control over their reactivity. The 

macromolecular players and vesicular compartments involved in metal ion 

homeostasis and metal trafficking are only just being discovered. The brain is an 

example of a specialized organ that concentrates metal ions such as Fe, Zn, and Cu in 

concentrations in the order of 0.1–0.5 mM.68 In healthy tissue, efficient homeostatic 

mechanisms and buffers are in place, compartmentalizing and regulating metal ion 

release.69 Thus, despite reasonably high total concentrations, the concentration of free 

metal is very low. In the case of Zn2+, for example, the balance between the cellular 

redox state, the concentration of other biological chelating agents, and the energy 

status of the cell, has been shown to determine Zn2+ distribution in the cell.70 

Physiological function relies, to a large extent, on the universal intracellular messenger 

calcium and cells have evolved a versatile calcium signaling toolkit.71 The calcium 

concentration in cells is controlled by reversible binding to specific classes of proteins 

that act as Ca2+ sensors to decode its information before passing it on to targets. The 

decoding operation is based on specific conformational changes in the sensor proteins. 

Other proteins intrinsic to membranes simply control Ca2+ concentration without 

processing its message, by transporting it across membrane boundaries. They are in 

the plasma membrane and in the membranes of the endoplasmic reticulum (ER), the 

mitochondria, and most likely calcium containing organelles and the nuclear envelope, 

which play distinctive roles in the cellular homeostasis of Ca2+.72 This versatile system 

is exploited to control processes as diverse as fertilization, proliferation, development, 

learning and memory, contraction, and secretion. These normal processes must, 

however, be accomplished within the context of calcium being highly toxic since 

excess calcium can result in cell death through both necrosis and apoptosis. In neuronal 

systems, the ER localized to dendrites, axons, and their terminals, provides for local 

control of Ca2+ signals that effect changes in the structure and function of neuronal 

circuits.73 Following activation of most excitatory synapses, calcium is released from 
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intracellular stores of central neurons. There is increasing evidence for the presence of 

local calcium signals caused by calcium-induced calcium release, coupling store 

signaling to activity-dependent synaptic plasticity. Calcium plays an important role in 

the regulation of neuronal gene expression; moreover, calcium influx has been shown 

to induce transcription of genes, which is regulated by the route of calcium entry into 

the cell.74 Altered calcium homeostasis is also implicated in the normal aging process. 

In addition, zinc-mediated neuron signaling has been identified as a process analogous 

to other neurotransmitter mechanisms. Zinc is stored in presynaptic vesicles, released 

in brief pulses into the synaptic cleft, and acts on recognition sites in the postsynaptic 

membrane. Zinc-containing nerves are anatomically widely distributed in the brain, 

with the highest concentrations in the hippocampus. Metals ions are important 

cofactors for many transporters, transcription factors, and enzymes. For example, the 

metal-dependent matrix metalloproteinases (MMPs) are dependent on calcium and 

zinc, calpain cysteine proteases are calcium dependent, and the Cu/Zn-superoxide 

dismutases are copper and zinc dependent. MMPs are a family of calcium requiring 

and zinc containing proteinases that include gelatinases, collagenases, thermolysin, 

stromalysin, and membrane-bound proteases; they are involved in extracellular matrix 

degradation. MMPs are normally present in the brain in latent forms that require 

activation, which occurs at the cell surface by membrane-type metalloproteinases 

(MT-MMPs) and other proteases.75 Their targets include other proteinases, proteinase 

inhibitors, clotting factors, chemotactic molecules, latent growth factors, growth 

factor-binding proteins, cell surface receptors, cell-cell adhesion molecules, and 

virtually all structural extracellular matrix proteins. More than 20 structurally 

homologous MMPs are known that differ in substrate specificity. Two calcium ions 

and a structural zinc site contribute to the stability of the enzyme structure, and an 

active site zinc is essential for catalytic activity.76 Calpains are a family of non-

lysosomal neutral cysteine proteases that form a growing family of structurally related 

intracellular multidomain cysteine proteinases containing a papain-related catalytic 

domain, whose activity depends on calcium. The calpains are believed to play 

important roles in cytoskeletal remodeling processes, cell differentiation, apoptosis, 

and signal transduction, but are also implicated in muscular dystrophy, cardiac and 

cerebral ischemia, platelet aggregation, restenosis, neurodegenerative diseases, 
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rheumatoid arthritis, and cataract formation. Current evidence points to a cooperative 

interaction of several sites, which, upon calcium binding, trigger the reformation of a 

papain similar catalytic domain. Copper, zinc superoxide dismutase (CuZnSOD), is an 

important antioxidant enzyme that requires two essential metals for catalytic function. 

It converts super oxide free radicals to the less active peroxide, which then can be 

further converted by other antioxidant enzymes into water. The balance of the Cu/Zn 

ratio is important in maintaining proper functioning of SOD and any imbalance can be 

damaging. 
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5 Methodology and data processing 

5.1 Potentiometry 

Potentiometry is the set of analytical methods that are based on the measurement of 

the potential difference of a galvanic cell in conditions of absence of current (static 

electrochemical method). The typical instrumentation used in potentiometry includes: 

a reference electrode, whose potential must be constant over time and independent of 

the composition of the solution containing the analyte in which it is immersed; a 

working electrode (or indicator electrode), whose response depends on the 

concentration of the analyte, so you can obtain information on its composition, 

especially on the constants of dissociation and formation of complexes; the potential 

of the working electrode depends on the concentration of a single ion. It is separated 

from the sample solution by a membrane, selectively permeable to the analyte under 

study. Finally, a device for measuring the potential which can be represented by a 

potentiometer or a modern electronic voltmeter. The electroneutrality of the cell is 

guaranteed by a salt bridge that carries the cations towards the cathodic part of the cell 

and the anions towards the anionic part of the cell.1 Potentiometry is suitable in the 

case in which the measurement of the electromotive force of a cell is carried out in 

conditions of thermodynamic reversibility, or in equilibrium conditions with a 

substantial absence of current and in known solutions.  

The above-mentioned potentiometric apparatus is shown in Fig. 1. 

 

 

Fig. 1. Potentiometric cell. 



56 
 

Among the various reference electrodes, the best known are: the saturated calomel 

electrode (Hg / Hg2Cl2 in KCl) and the silver-silver chloride electrode (Ag / AgCl in 

KCl). Since it is of our interest to know the equilibria in solution for which the H+ ion 

is responsible, in the following work, a glass membrane electrode is used as the 

indicator electrode, sensitive to the activity of H+ ions. This is a particular membrane 

electrode which is the type of probe most used in chemical laboratories for measuring 

the pH of aqueous solutions through the pH-meter. The most common glass electrodes 

combine both the measuring electrode and a second internal electrode in a single body, 

which acts as a reference. A glass electrode of this kind is called combined. It owes its 

name to the fact that the part sensitive to pH is a thin glass membrane, sensitive to H+ 

ions.  

 

Fig. 2. Glass electrode 

 

The electric potential that is created on the inner and outer sides of the membrane is a 

function of the pH of the solution in which the probe is immersed. The cell potential 

is calculated using the Nernst equation:  

 Ecell = Ereference – Eindicator + Ej        (1) 

Ecell represents the electromotive force (f.e.m.) determined experimentally, Ereference is 

the standard potential of the reference electrode, which is constant, Ej is the liquid 

junction potential of the cell that is established at the interface between two electrolytic 

solutions of different composition, specifically between the measurement solution and 

the ions of the ionic medium. Its value can be neglected under certain conditions of 
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ionic strength and hydrogen ionic concentration. Eindicator is expressed according to the 

following equation: 

 Eindicator = 
𝑅𝑇

𝑛𝐹
 ln {X}n    (2) 

Where R is the universal gas constant (8.314472 J / K mol), T the absolute temperature, 

F the faraday constant (96485.3415 C / mol), {X}n is the concentration of the analyte 

on which the value of the reference electrode potential depends and {H+} is the 

hydrogen ion activity. When the ionic strength is constant, the activities can be 

replaced by concentrations. When the ionic strength tends to zero, therefore at infinite 

dilution, the value of the activity coefficient is equal to one. If the concentrations of 

the species present in solution are at least 10 % lower than the concentration of the 

ionic medium, the activity coefficients are constant, even when the concentrations of 

the reagents vary. The relationship that links the potential of the indicator electrode to 

the value of the hydrogen ion concentration is as follows:  

Eindicator = L - 
𝑅𝑇

𝑛𝐹∙0.4343
 pH     (3) 

Where 0.4343 is the conversion factor from the Neperian logarithms to the decimal 

logarithms, while L represents a constant value that considers various parameters 

relating to the reference electrode which will then be incorporated into the Reference. 

The work cell used is schematized as follows:  

Ag | AgCl (sat), NaCl (0,16M) || [H+] = x | (glass electrode) 

or more simply 

(RE | TS | GE). 

 

5.2 Constant ionic medium method 

Given a generic reaction: 

          αA + βB + …⇄ …+ σC + δD    (4) 

the equilibrium constant can be written as: 

K =  
{𝐷}^𝛿{𝐶}^𝜎

{𝐴}^𝛼{𝐵}^𝛽
      (5) 

in which the activities of the reaction products are reported in the numerator and those 

of the reactants in the denominator, all raised to their stoichiometric coefficients. 

Equation (5) expressed with the activities is strictly valid, at a constant temperature, 

regardless of the ideality or otherwise of the system. In very diluted solutions, where 
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the activity coefficients tend to one, the activities are identified with the concentrations 

and the laws of equilibrium are applied with the concentrations with good 

approximation. However, it should be noted that in electrolyte solutions, where the 

electrostatic interaction forces between charged particles are significant, even in dilute 

solutions there may be a significant deviation from ideality, such as not to allow the 

use of concentrations in the equilibrium laws. In the computation of equilibria, as in 

the evaluation of equilibrium constants from experimental data, it is advantageous to 

use concentrations instead of activity. For the definition of the activity coefficient (yi 

= ai / ci, indicating the activity with ai and the mole fraction or concentration with ci) 

the equilibrium equation (5), it can also be written in the form: 

K = 
[𝐷]𝛿[𝐶]𝜎

[𝐴]𝛼[𝐵]𝛽

𝑦𝑑𝛿 𝑦𝑐𝜎

𝑦𝑎𝛼 𝑦𝑏𝛽      (6) 

The equilibrium constant is therefore divided into two terms, one containing the 

quotient of the concentrations, the other term containing the activity coefficients. 

Determination of K requires the evaluation of the activity coefficients or their removal. 

This is done in two ways: 

1) the quotient of the concentrations is determined at different ionic strength and 

K is obtained by extrapolation to infinite dilution, where the activity 

coefficients tend to one; 

2) activity coefficients are evaluated using theoretical relationships. 

Both procedures give satisfactory results when the following conditions are met: in 

solution there is a single equilibrium, or several equilibria with very different 

constants. 

Furthermore, it is essential that appreciable quantities of reaction products are formed, 

even in dilute solutions of reagents, where the quotient of the concentrations can be 

accurately evaluated, and the theoretical formulas of the activity coefficients are valid. 

Entirely different situations occur when several equilibria coexist in solution, or the 

species formed are so weak that high concentrations of reactants are required to 

achieve an appreciable concentration of reaction products. In recent times, it has been 

preferred to address these situations with the use of the constant ionic medium method. 

The solutions to be studied contain a high and constant concentration (generally 0.5, 1 

or 3 M) of an inert electrolyte, such as NaClO4, NaCl or KNO3, whose ions do not 

participate in the equilibria investigated. In a constant ionic medium, the activity 
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coefficients of the reacting species remain constant if the concentration of these is 

small compared to that of the inert electrolyte.  

The activity coefficients, if constant, can be incorporated into the equilibrium constant 

(6) and, consequently, the quotient of the concentrations becomes a constant. The law 

of mass action expressed by concentrations is, therefore, rigorously valid. 

The constant expressed with the concentrations, also called stoichiometric, is a true 

constant if equilibria are discussed in solutions where the inert electrolyte always has 

the same high concentration, that is, in the same solvent. Stoichiometric constants are 

valid only in the ionic medium in which they are determined, therefore they have a 

limited field of applicability. If the standard state is chosen so that the activities of the 

reacting species tend to concentrations, when the composition of the solution tends to 

that of the ionic medium, the activity coefficients tend to one and therefore (6) can be 

written: 

 

K = 
[𝐷]𝛿[𝐶]𝜎

[𝐴]𝛼[𝐵]𝛽      (7) 

(considering p and T constant and ionic medium constant). 

Even if the equilibrium constants, determined in a constant ionic medium, are valid 

only in those conditions, their application is immediate.  

Many fields of applied science, such as biochemistry and analytical chemistry, 

equilibria are often dealt with in solutions containing large amounts of electrolytes, 

such as ocean water or blood serum, where ionic forces are evaluated 0.7 M and 0.16 

M in NaCl, respectively. The equilibrium constants determined at these ionic forces 

can be directly applied to the computation of equilibria affecting these systems of 

natural importance. 

The great advantage that the constant ionic medium method offers is the description 

of complicated equilibria in terms of equilibrium constants and concentrations of the 

reacting species. The results directly give the concentration of free ions in solution and 

therefore usable in the law of mass action.2 The constant ionic medium method is 

inappropriate in the study of unstable complex species since it would be necessary to 

use concentrated solutions of the reagents. 
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Activity of the species in solution 

In extremely dilute solutions (the so-called infinite dilution) the particles of the solutes 

do not interact with each other, that is, they move freely throughout the volume of the 

solution and therefore they participate in the reactions in a measure directly 

proportional to their concentration. Instead in relatively concentrated solutions (more 

than 10–3 M) the "active" concentration of the solutes it is less than the nominal 

concentration, because the particles are "committed" to interacting with each other. 

Consequently, for each i-th solute is defined the activity (ai) through the simplified 

report: 

ai = ϒi × Ci 

The activity coefficient (ϒi) is a pure number, less than or equal to 1, the value of which 

is the closer to 1 the more diluted the solution is. The activity coefficient, therefore, is 

that number which, multiplied by the concentration of a species in solution (Ci), 

provides its activity. In the case of electrolytic solutions, the forces exerted between 

the particles of the solutes are also of an electrostatic nature and the behavior of each 

ion depends significantly on the number (or rather on the concentration) and on the 

charge of all the other ions present in solution. In 1923 Peter Debye and Erich Hückel 

developed a theory to explain the behavior of electrolyte solutions. First, it is quite 

probable that in solution each ion is surrounded by ions of opposite charge, which 

envelop it in a sort of "ionic atmosphere", thus making it less active than would be 

expected if it interacted only with the solvent. The activity coefficient of each ion 

depends on the nature of the solvent, the temperature, the charge, and the concentration 

of all the other ions; more precisely, it depends on the ionic strength of the solution. 

The ionic strength (I) expresses the overall effect of all the ions present in solution: 

I = ½ Σi CiZi
2 = ½ (C1Z1

2 + C2Z2
2 + C3Z3

2 + …) 

Where Ci is the concentration of each i-th ionic species (expressed in terms of molality, 

m, or in mol / 1000 g of solvent) and Zi is the charge of each ion.  

 

Stability Constants and their Determination 

Complex formation takes place when water molecules around the metal ion are 

replaced by other ligands. Formation constants, also known as stability constants, are 

equilibrium constants used to describe the formation of a metal complex from a metal 
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ion and a ligand. Because some ligands are not soluble in water, mixed solvent systems 

are sometimes used when measuring the equilibrium constants. However, most 

complex formation reactions are studied in aqueous medium. To distinguish stepwise 

formation and overall formation constants, the symbol β is used for the latter. Values 

of K and β are related, and the β value can be expressed in terms of stepwise stability 

constants, as shown below: 

M + L ⇄ ML      K1 = 
[𝑀𝐿]

[𝑀][𝐿]
      (8) 

ML + L ⇄ ML2     K2 = 
𝑀𝐿2

[𝑀𝐿][𝐿]
      (9) 

ML2 + L ⇄ ML3     K3 = 
𝑀𝐿3

[𝑀𝐿2][𝐿]
    (10) 

ML3 + L ⇄ ML4     K4 = 
𝑀𝐿4

[𝑀𝐿3][𝐿]
    (11) 

M + 4 L ⇄ ML4     β4 = 
𝑀𝐿4

[𝑀][𝐿4]
    (12) 

βn = K1 · K2 · K3 ·   Kn        (13) 

β4 = K1 · K2 · K3 · K4         (14) 

logβ4 = logK1 + logK2 + logK3 + logK4      (15) 

 

The equilibria (and associated formation constants) for protonation of the ligand (eqs 

16-18), formation of MLX complexes (eqs 19-21), formation of protonated complexes 

(eq. 22), formation of hydroxyl complexes (eq. 23), dissociation of water (eq. 24), and 

hydrolysis of metal ion (eq. 25), may be included in the model for complexation of 

Mn+ (a metal) and HxL
n-(a ligand): 

H+ + Ln- ⇄ HL(n-1)-    K1
HL = 

[𝐻𝐿(𝑛−1)−]

[𝐻+] [𝐿𝑛−]
   (16) 

H+ + HL(n-1)- ⇄ H2L
(n-2)-   K2

H
2

L = 
[𝐻2𝐿(𝑛−2)−]

[𝐻+] [𝐻𝐿(𝑛−1)−]
   (17) 

x H+ + Ln- ⇄ HxL
(n-x)-    βx

H
x
L = 

[𝐻𝑥𝐿(𝑛−𝑥)−]

[𝐻+]𝑥 [𝐿𝑛−]
   (18) 

Mm+ + Ln- ⇄ ML(n-m)-    K1 = 
[𝑀𝐿(𝑛−𝑚)−]

[𝑀𝑚+ ][𝐿𝑛−]
   (19) 

ML(n-m)- + Ln- ⇄ ML2
(2n-m)-   K2 = 

[𝑀𝐿2
(2𝑛−𝑚)−]

[𝑀𝐿(𝑛−𝑚)−] [𝐿𝑛−]
   (20) 
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Mm+ + x Ln- ⇄ MLx
(xn-m)-   βx = 

[𝑀𝐿𝑥
(𝑥𝑛−𝑚)−]

[𝑀𝑚+] [𝐿𝑛−]𝑥
   (21) 

ML(m-n)- + H+ ⇄ MHL(n-m+1)   KMHL = 
[𝑀𝐻𝐿(𝑛−𝑚+1)]

[𝐻+] [𝑀𝐿(𝑚−𝑛)−]
  (22) 

ML(n-m)- + OH- ⇄ M(OH)L(n-m+1)-  KMOHL = 
[𝑀(𝑂𝐻)𝐿(𝑛−𝑚+1)−]

[𝑂𝐻−] [𝑀𝐿(𝑛−𝑚)−]
  (23) 

H2O ⇄ H+ + OH-     KW = [H+] [OH-]   (24) 

M(H2O)m+ ⇄ M(OH)(m-1)+ + H+  KM
MOH = 

[𝑀(𝑂𝐻)(𝑚−1)+][𝐻+]

[𝑀𝐻2𝑂𝑚+]
  (25) 

 

Potentiometric titration is one of the methods by which stability constants can be 

determined. In this type of titration, the negative log of hydrogen ion concentration is 

measured after additions of known volumes of acid or base titrant. These 

measurements are done on solutions containing ligand in the presence and absence of 

metal ions. The concentration of all species at each volume titrant is computed. The -

log[H+] (pH) calculated is compared with the experimental value. The stability 

constants are refined to minimize the difference between calculated and measured pH. 

 

5.3 Data processing 

The processing of the experimental results was conducted using a numerical 

calculation program, the SUPERQUAD.3 As titrant aliquots are added to the reaction 

environment, the recorded potential values, the standard potential of the electrode, the 

initial volume of the titrant solution, the concentrations of the measurement and titrant 

solutions must be entered in the program. To determine the formation constants of the 

complex, it is necessary to enter the acid constants of the ligand and the formation 

constants of the hydrolysis products of metals as invariant parameters. The program 

relates the experimental data to those calculated according to the established speciation 

model. The program can provide the discrepancy between the experimental data and 

those calculated in order to verify the validity of the hypothesized speciation model. 

The calculation of formation constants obtained by potentiometric titrations is a field 

of interest for many chemists.  

For a long time, it was the MINIQUAD4 program that was used, but with the onset of 

the complexity of the systems to be examined, it became necessary to perform 

improvements on the software in order to improve the ability to solve more complex 
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problems. MIQUV is born. This program has had limited use due to some formulas it 

uses for the calculation of derivatives. Another problem concerns the treatment of 

formation constants that take negative values during the processing procedure, so the 

model was rejected. The experience has given rise to the awareness that the refusal of 

the model at this point in processing is premature, so the MINIQUAD was used again, 

and later, to develop a new program that could fully assert itself, namely the 

SUPERQUAD. It can remedy the imperfections of the MINIQUAD. The problem of 

model selection arises in systems for which the equilibrium that is formed and the 

related species that take part in this equilibrium are difficult to interpret. Therefore, the 

HYPERQUAD5 is developed, which is able to determine the equilibrium constants 

with the data obtained from the spectrophotometric methods in addition to the 

potentiometric data. It can perform a complete treatment of equilibrium solutions data.  

In the present work, the experimental data were processed using the SUPERQUAD as 

a calculation program. The HYPERQUAD was used as a calculation program for the 

determination of the acid constants of some binding molecules such as quercetin, 

luteolin and L-ascorbic acid; the HYPERQUAD it was useful for processing the 

spectrophotometric data at 37 °C in aqueous solution of the three binding molecules. 

This made it possible to determine the acid constants at basic pH which are difficult to 

determine through a potentiometric approach. 

 

5.4 Superquad 

The SUPERQUAD procedure is based on a series of assumptions: 

1) For each chemical species in solution there is a formation constant expressed 

as the ratio between the concentrations of the products and the reactants. The 

constant can be expressed as a concentration ratio if the activities are constant. 

In fact, works in the presence of an inert ionic medium with a high 

concentration; 

2) The electrodes used for potentiometric measurements must follow the law of 

Nernst (equation 26): 

E = E° + 59.16 log [H+] + Ej     (26) 

3) Systematic errors must be minimized; 
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4) The independent variable (volume of titrant) is not subject to errors while the 

errors for the dependent variable (measured potential) assume a normal 

distribution. This allows you to use the least squares procedure; 

5) There is a model of the equilibrium system, which adequately represents the 

experimental observations. The model is specified by a set of coefficients, one 

for each species formed. All least squares are processed in terms of the assumed 

model. Examining a sequence of models should produce a better model that is 

not significantly different from the real model. Choosing the best model is 

known as species selection.  

The errors near the end point are greater than the errors in the middle points, so it is 

necessary to consider the points in a weighted way. The weight for each point of the 

titration is the inverse of the variance at that point (equation 27): 

Wi = 
1

𝜎2      (27) 

 

while the error is defined as: 

σ2 = σE
2 + ( 

𝜕𝐸

𝜕𝑉
 )2 ∙ σv

2     (28) 

where σ2, σE
2 and σv

2 are respectively: the variance calculated for the measurement, 

the variance of the potential read by the electrode and the variance of the volume of 

titrant read, while the derivative of the potential respect to the volume, represents the 

slope of the titration curve. The slope of the titration curve is greater at the end points 

and therefore their weight is less. The method of least squares allows to calculate a 

series of parameters that minimize the sum of the squared deviations between an 

observed quantity and a calculated one. Therefore, the process consists in determining 

the values of the constants that minimize the sum U of the squared weighted residuals 

(equation 29): 

U = ∑i wi (Eexp – Ecalc )
2     (29) 

For each i-th measure, Eexp is an experimental value, Ecalc is a value calculated for each 

set of constants β obtained by assuming a given model and wi are the weights assigned 

to each measure. For all the systems investigated in this work, has been assumed that 

wi = 1. For the determination of the constants of formation of the complexes, the acid 

constants of the ligand are also defined. A preliminary model is provided below with 
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a given formation constant value from which Ecalc is calculated. For each point, i.e., 

added volume and read potential, an Ecalc value is calculated according to the defined 

model and the function U is calculated. The program uses the Newton-Raphson 

method to find the minimum of the function; once this is done, the agreement between 

the experimental data and the corresponding calculated values is calculated. This 

agreement is expressed with the variance according to equation (30): 

σ2 = 
𝑈𝑚𝑖𝑛

( 𝑛−𝑚 )
      (30) 

n represents the number of experimental data; m is the number of constants β. The 

standard deviations of the constants of formation of the complexes are obtained from 

the diagonal elements of the variance-covariance matrix, calculated according to 

equation (31): 

Mv = σ2 X-1      (31) 

where X represents the square matrix of order m of the normal equations.6 

The program also evaluates χ2, a parameter which for a random distribution of errors 

must be less than 12.6 to have a 95 % confidence level. If the standard deviation does 

not fall within the acceptable limit (0.2 mV), it means that the model described initially 

is not realistic, therefore it is necessary to hypothesize a new model with which to 

repeat the calculations. The program repeats the procedure a certain number of times, 

until it reaches a minimum, in which case it returns results for the training constants, 

the processing is, therefore, conducted in a cyclical manner.  

5.5 Characterization methods 

The characterization of the complexes was performed with UV-Visible 

spectrophotometry and with IR spectroscopy. UV-Vis is a molecular absorption 

spectroscopic technique commonly used in analytical chemistry. Spectroscopic 

techniques are based on the energy exchange that occurs between an incident 

electromagnetic radiation and the matter. UV-Visible spectroscopy deals the 

absorption phenomena of luminous radiations belonging to the visible (380-780 nm) 

and near ultraviolet (200-380 nm) spectral range. An electromagnetic radiation can be 

described as a particle, better known as photon, and like a wave consisting of an 

oscillating electric and magnetic field perpendicular to each other and to the direction 

of the radiation propagation. When an ultraviolet or visible photon is absorbed by a 

molecule, an increase of the absorbing species internal energy occurs, involving 
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vibrational, rotational, and electronic transitions from the ground state to those at 

higher energy, causing changes in the distribution of the molecule electron cloud. It 

can only happen if the incident photon energy and the ΔE between the fundamental 

state and the exited one are the same. The allowed transitions for this kind of 

spectroscopic technique are: 

• σ → σ* 

• π → π* 

• π→ σ* 

• n → π* 

• n → σ * 

These ones are given by transition metals or molecules with double or triple bonds that 

are called chromophores. Measuring the absorbed radiation intensity, it is possible to 

draw the analyte information and carry out qualitative or quantitative analysis. The 

results of this measurement can be expressed graphically by means of a spectrum, 

which is a diagram of the intensity of the radiation absorbed as a function of 

wavelength. In a typical UV-Visible spectrum, the wavelength is reported on the 

abscissa and the absorbance (or, rarely, the transmittance) on the ordinate. If a material 

is not completely transparent, absorption occurs and therefore transitions between 

electronic energy levels. In this second case, the recorded spectrum will be 

characterized by a series of peaks of variable height for each transition, in relation to 

the intensity of the absorption itself. By exploiting this spectroscopic technique, it is 

possible to perform both quantitative and, albeit with greater difficulty, qualitative 

analyzes; moreover, it is possible to carry out kinetic studies (biochemical 

determinations of enzymes or more generic applications of chemical kinetics) and 

titrations. Among the most important applications are: 

1) The study of solutions containing metals of the d block: these are often colored 

due to the electronic transitions that can occur between d orbitals of the metal 

concerned. In certain geometric coordinations, in fact, the initially degenerate 

d orbitals undergo an energetic separation comparable with a photon in the UV-

Visible field. Knowledge of the energy gap between the orbitals may indicate 

the presence of certain ligands; 



67 
 

2) The study of organic compounds containing a high level of conjugation in π 

bonds: the energy required for electronic transitions between the different 

molecular orbitals falls within the visible spectrum. In general, the longer the 

conjugation system, the higher the absorbance and the lower the energy 

required and consequently the higher the photon wavelength.  

For qualitative analysis purposes, this one is compared with other spectra proposed by 

literature or collected in special databases. The quantitative determination is carried 

out, instead, based on the Lambert-Beer’s law, which correlates the intensity of the 

absorbed radiation to the analyte concentration and the thickness of the traversed 

medium. When a molecule is struck by an incident radiation, the attenuation of the 

incident ray, due to the absorption by an analyte solution, can be explained as 

Transmittance (T): 

T = I1/I0      (32) 

where I0 is the intensity of the incident radiation and I1 is the intensity of the 

transmitted radiation by the solution. The absorbed radiation is more commonly 

measured as Absorbance (A) and it is related to the Transmittance (T) through the 

following relation: 

A = log 1/T = log I0/I1     (33) 

By knowing A, it is possible to obtain the concentration of the absorbent species, 

thanks to Lambert-Beer’s law which correlates these two ones. 

A = ε b c      (34) 

where:  

ε = molar extinction coefficient (L mol-1 cm-1), dependent on the wavelength of the 

absorbed radiation, on the solvent and chemical species that lead to the absorption;  

b = thickness of the cell or optical path of the solution (cm), generally equal to 1 

cm;  

c = concentration of the absorbent species (mol L-1). 

The Lambert-Beer’s law is, however, a limit law, as it applies to dilute solutions, 

i.e., for concentrations ≤ 0.01 mol L-1.  

To verify the effective formation of the complexes, all solutions and solids gained 

at the end of each titration were analyzed by UV–Vis spectrophotometry. The 

blank for all solutions was carried out with a 0.16 M solution of the ionic medium 
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used in the experimental tests; the blank for solids of titration was carried out with 

ethanol. 

 

Infrared spectroscopy or IR spectroscopy is an absorption spectroscopic technique 

normally used in the field of analytical chemistry, material chemistry and physical 

chemistry for the study of chemical bonds. When an infrared photon is absorbed 

by a molecule, it passes from its fundamental vibrational state to an excited 

vibrational state. In a typical infrared spectrum on the abscissa, we find a scale of 

frequencies expressed in wave number, or quantity of waves per centimeter, and 

in the ordinate the percentage of transmittance. If a material is transparent to 

infrared radiation, its spectrum will appear as a line parallel to the abscissa axis. If 

a material is not completely transparent there will be absorptions and, therefore, 

transitions between vibrational energy levels. In this second case the recorded 

spectrum will be characterized by a series of peaks of variable height for each 

transition.  

Another characterization technique used is Nuclear Magnetic Resonance (NMR). 

NMR spectroscopy is an analytical chemistry technique used in quality control and 

research for determining the content and purity of a sample as well as its molecular 

structure. For example, NMR can quantitatively analyze mixtures containing 

known compounds. For unknown compounds, NMR can either be used to match 

against spectral libraries or to infer the basic structure directly. Once the basic 

structure is known, NMR can be used to determine molecular conformation in 

solution as well as studying physical properties at the molecular level such as 

conformational exchange, phase changes, solubility, and diffusion. To achieve the 

desired results, a variety of NMR techniques are available. The principle behind 

NMR is that many nuclei have spin and all nuclei are electrically charged. If an 

external magnetic field is applied, an energy transfer is possible between the base 

energy to a higher energy level (generally a single energy gap). The energy transfer 

takes place at a wavelength that corresponds to radio frequencies and when the 

spin returns to its base level, energy is emitted at the same frequency. The signal 

that matches this transfer is measured in many ways and processed to yield an 

NMR spectrum for the nucleus concerned.  
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The recently developed affinity NMR technique, which detects complexation of a 

small molecule with a “receptor”, promises to be a valuable tool to perform rapid 

screening of compounds for biological activity.7,8 The basis of this technique is 

that the translational diffusion coefficient of a small ligand changes substantially 

upon binding to the target macromolecule receptor. Affinity NMR uses diffusion 

editing to “filter out” signals from nonbinding components, and thus, the bound 

ligands will be selected from the mixture. The criterion for affinity NMR is that 

there are considerable differences in observed translational diffusion coefficients 

between binding and nonbinding ligands in order for them to be distinguished. 

However, this condition is not always satisfied. The free and bound ligands are in 

fast exchange on the diffusion time scale; thus, the observed diffusion coefficients 

are the weighted average of the free and bound species. Ligands in the free form 

should diffuse at a much faster rate than those in the bound state, so that even a 

small amount of the ligand in the free state causes the apparent diffusion rate of 

binding ligand to increase considerably. This factor can greatly narrow the gap of 

diffusion coefficients between binding and nonbinding ligands, leaving little room 

to differentiate “active” compounds from the mixture. Under such circumstances, 

it is difficult to draw the line between binding and nonbinding ligands by diffusion 

experiments alone. In the various systems investigated, this technique was useful 

to identify the possible coordination sites in the complexes formed in aqueous 

solution. 

UPLC refers to high Ultra Performance Liquid Chromatography. It improves in 

three areas: chromatographic resolution, speed and sensitivity analysis. UPLC 

comes from High Performance Liquid Chromatography (HPLC), is an advance 

technique of liquid chromatography where it takes advantage of innovation in 

various technologies such as instrumentation and particle size to achieve dramatic 

increases in resolution, speed and sensitivity of the liquid chromatography. It 

operates at higher pressure than that used in HPLC and uses fine particles (less 

than 2.5μm) and mobile phases at high linear velocities. UPLC technology is now 

applied throughout the world produce quality data with reproducible and robust 

methods as compared to the conventional HPLC. Therefore, by using smaller 

particles, speed and peak capacity (number of peaks resolved per unit time in 
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gradient separations) can be extended to new limits, termed UPLC. The technology 

takes full advantage of chromatographic principles to run separations using 

columns packed with smaller particles and/or higher flow rates for increased speed, 

this gives superior resolution and sensitivity. UPLC can be hyphenated with other 

techniques such as Mass spectrometer (MS), Ion chromatograph (IC), Nuclear 

magnetic resonance spectrometer (NMR) and Infrared spectrometer (IR) etc. This 

technique provides unique end-to-end solutions for all industries and has found 

application in various fields such as pharmaceutical, food, environmental, forensic, 

toxicology and pesticide.  

The speciation profiles represent the starting point necessary to understanding the 

structure of metal-ligand complexes, which can be obtained from an experimental 

as well as from a theoretical point of view. In fact, in some works, the coordination 

sites of ligands to the different metal ions were determined with the aid of 1H NMR 

and 13C NMR spectroscopy as well as by a computational approach. 

Furthermore, the use of a graphical method of normalized curves was very 

advantageous in the processing of experimental data. In particular, the average 

number of protons per ligand and the average number of protons per metal have 

been plotted as a function of pH. The graphic treatment allowed us to provide an 

explanation of the three stoichiometric coefficients obtained from the numerical 

processing of the experimental data. 

 

6. Experimental details 

The preparation of the reagents must be carried out with the utmost care to obtain 

solutions of known composition and in a state of high purity. All the solutions were 

prepared with double distilled water; in the preparation of the solutions, it is 

essential to minimize both the effects due to protolytic impurities, which can 

significantly interfere with acid-base reactions, and those related to oxidizing and 

reducing agents, whose effect can be deleterious if electrode reactions are studied. 

Below are the materials and measuring instruments, Gran's method, used for 

determining the standard potential of the reference electrode, and the details for 

the preparation of some solutions.  
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Sodium perchlorate was prepared according to Biedermann9 starting from HClO4 

to 70 % and Na2CO3 solid (Carlo Erba RPE). The solution obtained was neutralized 

to pH 8 and left to digest for more than fifteen days, to favor the precipitation in 

the form of mixed oxides of any metallic impurities contained therein. The solution 

was then filtered, acidified to pH 3 and boiled to remove CO2. The stock solution 

was analyzed by drying a known quantity at a temperature of 120 °C and weighing 

the residue as anhydrous NaClO4. Acidity was determined by potentiometric 

titration with a glass electrode by adding known volumes of standardized HClO4 

solutions. The initial acidity value was extrapolated with Gran's method10.  

The stock solutions of perchloric acid were prepared by dilution with double 

distilled water from HClO4 (Merck p.a.) and standardized by volumetric procedure 

using KHCO3 as primary standard and with the use of the red methyl indicator to 

identify the final point of the titration. Analyzes coincided within ±0.1 %.  

The stock solutions of sodium hydroxide were prepared by dilution with bidistilled 

water from a 50 % solution, previously filtered with a G3 gooch under nitrogen, 

and volumetrically standardized with HClO4, with an accuracy of 0.1 %.  

Stock solutions of HCl, NaOH and AlCl3(H2O)6 were prepared on a volumetric 

basis in NaCl (dried at 220 °C for 2 h) media of total ionic strengths of 0.10, 0.60, 

1.60, 3.00 and 5.00 mol·dm−3 (i.e., 0.10, 0.61, 1.66, 3.20 and 5.61 mol·kg−1 NaCl, 

respectively) with doubly distilled deionized water. The solutions could therefore 

be mixed in different quantities without substantially compromizing the total ionic 

strength. A stock solution of ∼0.500 mol·dm−3 HCl was standardized with 

tris(hydroxymethyl)- aminomethane (Trizma) with methyl red and used to prepare 

20 mmol·dm−3 HCl titrants at each ionic strength. Stock solutions of ∼20 

mmol·dm−3 NaOH were made from a 50 % NaOH stock solution that was filtered 

under N2(g) and diluted in N2(g)-degassed solutions of NaCl. These solutions were 

stored in sealed polyethylene titrant bottles and protected from atmospheric H2O 

and CO2 by an air inlet packed with drierite and ascarite. Volumetric Gran titrations 

of standardized solutions of HCl in the corresponding NaCl media were carried out 

to determine the NaOH concentration. Repeated NaOH determinations over the 

course of this study provided assurance that little or no contamination took place 

from atmospheric CO2.  
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The copper(II) perchlorate stock solutions were prepared by dissolving CuO in a 

slight excess of standardized HClO4. The oxide, very pure, was obtained by 

heating, at 500 °C, Cu(NO3)2·4H2O prepared from electrolytic copper 99.99 % and 

HNO3. The thermal decomposition of the nitrate was carried out by melting the 

salt under vigorous stirring and subsequent roasting in an electric stove for 10 

hours. The decomposition product thus obtained appeared as an impalpable 

powder, more reactive and soluble in HClO4 than the granular oxide available on 

the market. The latter has traces of metallic copper which, reacting with hot HClO4, 

could induce chlorides in the solution. The Cu(II) concentration in the stock 

solutions was determined by electrogravimetry and iodometry.11 The results 

agreed to 0.1 %. The hydrogen ion concentration was derived by [ClO4
-] = [H+] + 

2[Cu(II)].  

The uranyl perchlorate stock solution was prepared from UO2(NO3)2(H2O)6 (Carlo 

Erba). This compound was purified by successive extractions, then burned at a 

temperature of 900 °C to obtain U3O8. The oxide was dissolved in bidistilled 

HNO3; nitric acid was removed with perchloric acid vapors in a closed glass 

system under an inert atmosphere by bubbling of N2. The crystals of 

UO2(ClO4)2(H2O)6, cold separated, were dissolved in double distilled water and 

analyzed for possible presence of Fe(III), Cl-, NO3
-, SO4

2- and heavy metals. No 

significant amount of these impurities was found in the stock solution. The 

concentration of U(VI) was determined gravimetrically as uranium (VI)-oxinate 

according to Classen and Visser.12 The results agreed within 0.1 %. The hydrogen 

ion concentration was determined by a potentiometric titration using Gran's 

method10 to process the data.  

The stock solution of neodymium(III) perchlorate was prepared by adding a slight 

excess of Nd2O3 (Fluka 99.9 %) to a hot 4 mol / kg solution of HClO4. The solution 

was left to rest for a week to favor the precipitation, as hydroxides, of the heavy 

metals. The solution was filtered and acidified to pH 3. The concentration of 

Nd(III) in the stock solution was determined by chelometric titration with EDTA, 

using orange-xylenol as an indicator of the end point. The results agreed within 0.1 

%. The hydrogen ion concentration was determined with a glass electrode by acid-

base coulometric titration, and the end point was calculated with the Gran’s 
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method10. The concentration of the perchlorate ion was obtained from the sum [H+] 

+ 3[Nd(III)]. 

The stock solution of aluminum(III) perchlorate is prepared by oxidation, at room 

temperature, of an aluminum wire, whose weight is known exactly, using 

Hg2(ClO4)2 in slight excess, according to the following reaction: 

2Al(S) + 3Hg2(ClO4)2 → 2Al(ClO4)3 + 6Hg(l) 

to obtain solutions of Hg2(ClO4)2, pure mercury oxide, HgO, is dissolved in a 

standardized quantity of HClO4, adding a slight excess (about 1 %). The solution 

is subsequently equilibrated with metallic mercury to transform Hg2+ in Hg2
2+. 

Mercury (II) oxide is prepared by thermal decomposition of Hg(NO3)2 at 500 °C 

in a muffle, which is synthesized by dissolution of bidistilled mercury in 

concentrated nitric acid. The starting solution of Hg2(ClO4)2 contains a known 

quantity of ClO4
- ions and is about 0.01 M in HClO4. At this acidity (pH = 2) and 

at room temperature, the oxidation of aluminum by the ClO4
- ions is negligible and 

the chloride ions do not form appreciably. The collateral reaction is probably 

delayed by the mercury film that forms on the aluminum wire immediately after it 

is brought into contact with the solution. An important experimental detail is the 

introduction of aluminum in portions, to avoid an increase in temperature caused 

by the strong heating due to the oxidation reaction. After the complete dissolution 

of the aluminum, the excess of Hg2
2+ ions are removed by electrolysis with the aid 

of a cathode, consisting of a platinum mesh electrode, and a spiral platinum anode. 

There are no Hg2
2+, Cl- ions in the clear solution. The aluminum(III) concentration 

of the stock solution was controlled by gravimetric dosing by precipitation with 

ortho-hydroxyquinoline, as recommended by Berg,13 and an agreement was found 

within 0.1 % with the value calculated on the basis of the quantity of metallic 

aluminum initially introduced. 

Stock solution of nickel(II) perchlorate was prepared from the pure metal 

(Aldrich). A known quantity of metal was dissolved in an excess of HI (Merck) at 

57 % to which a known quantity of standardized HClO4 was subsequently added 

such as to guarantee an excess of 10 %. Most of the HI was transformed into 

molecular iodine by adding HIO3 (Baker) and the released iodine was removed by 

boiling. The last traces of iodine have been eliminated by oxidation, causing 
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oxygen to bubble into the solution. At the end of the purification processes a 

qualitative assay was performed to verify the absence of chlorides in the stock 

solution. 

With the procedures described below it was possible to accurately calculate the 

concentrations of nickel(II) and perchlorate ions. 

The Ni(II) concentration was checked electrogravimetrically: approximately 15 

cm3 of concentrated ammonia was added to an aliquot of stock solution to be 

analyzed, diluting with bidistilled water up to a volume of 100 cm3. The solution 

was electrolyzed, using a platinum mesh electrode as cathode, with a current 

intensity of 0.5 A for 12 hours. At the end of the electrodeposition, the nickel 

deposit was washed with double distilled water, dried with ethyl alcohol, and 

conditioned in an oven at 102 °C until the weight was constant. From the deposit 

weight it was possible to calculate the Ni(II) concentration. The perchlorate content 

of the stock solution was determined gravimetrically: a solution of KHCO3 was 

added drop by drop to a known quantity of nickel stock solution until complete 

precipitation of Ni(OH)2. To keep the pH of the filtrate around 5, a known quantity 

of perchloric acid was added. The solution was allowed to evaporate slowly and 

the precipitate, KClO4, was dried in an oven at 120 °C until the weight was 

constant. The result obtained was corrected for the quantity of HClO4 used. The 

agreement between the experimental result and the calculated (= molHClO4 + 

molNi(II) ) was about 0.2 %. 

The NaCl stock solution was prepared by weighing a known quantity of the salt 

subsequently dissolved in bidistilled water. The solution did not require 

standardization because NaCl is a primary substance. 

Iron(III) perchlorate was prepared and standardized as reported by Ciavatta et al.14 

A stock aqueous solution of aluminum chloride (∼1.0 molL−1) was prepared by 

dissolving a known amount of crystalline AlCl3·6H2O 99 % (Aldrich, Gillingham, 

UK) in distilled deionized water. Working solutions of AlCl3 were prepared by 

dilution of the stock solution with deionized distilled water. The stock solution 

containing ∼0.4 molL−1 AlCl3 and acidified with ∼0.4 molL−1 HCl, was prepared 

by dissolution of AlCl3·6H2O indistilled deionized water containing a pre-

dispensed amount of 1.0 molL−1 HCl (Fisher Scientific, Loughborough, UK) in a 
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volumetric flask of the required volume. The hydrogen ion concentration in metal 

stock solution was determined by potentiometry, using a glass electrode according 

to Gran's method.10 

Fe(III) chloride stock solutions were prepared and standardized according to Khoe 

et al..15 The hydrogen ion concentration in metal stock solution was determined by 

potentiometry, using a glass electrode according to Gran's method.10 

Hexaaquochromium(III) perchlorate was prepared by reducing reagent grade 

chromium trioxide with a slight excess of reagent grade formic acid in the presence 

of excess perchloric acid. The chromium(III) perchlorate was recrystallized twice 

from dilute perchloric acid and then was dissolved in perchloric acid solution. The 

acidity of the solution was determined by a method suggested by the work of 

Blaedel and Panos16 on the determination of the acidity of aluminum(III) solutions; 

this method has been summarized elsewhere.17 The chromium concentration was 

determined spectrophotometrically after oxidation to chromium- (VI) by peroxide 

in alkaline solution.  

There is an important reference where is possible to see the preparation of the 

solutions metal-perchlorate.18 

 

 

6.1 Materials and measuring instruments 

For the potentiometric titrations, two different instrumental apparatuses were used: 

a combined glass electrode with internal Ag / AgCl reference (saturated), and an 

alkaline glass indicator electrode with an external Ag / AgCl (saturated) reference 

electrode. The first is the 411/CGG/12 model, while the second is the 6.01333.100 

Metrohm model and has allowed us to have data with an accuracy of 10-4 V thanks 

to the external device for measuring the potential which is an analyzer of ion Orion 

model EA 940, while the first system has an accuracy of 10-3 V and the external 

device is a DIGITAL pH-METER MODEL 334-B from AMEL. Cells similar to 

that described by Forsling were used.19 The Ag / AgCl reference electrodes were 

prepared according to Brown.20 To prepare the solutions, the reagents and stock 

solutions were weighed on a Mettler Toledo AL204 analytical balance, the 

accuracy of which is 0.0001 g. Double-distilled water was used as the solvent. The 
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solids used, such as the salts for the preparation of the stock solutions, are of high 

purity. All measurements were carried out in a bath heated by a Julabo at a 

temperature of 37 °C, and this was constantly monitored with a special 

thermometer.  

 

 

6.2 Gran's method and determination of standard potentials 

Gran's idea, which dates back to the early 1950s, was to derive, based on Nernst's 

law, a function of the electrochemical potentials measured during titration that 

varied linearly with respect to the volume of added titrant.21 The method is based 

on the linearization of the sigmoidal titration curve in the interval around the 

equivalent volume Ve. The use of linear diagrams offers several advantages:  

• It is possible to record only a few points and not the entire titration curve; 

• The equivalent point is obtained by extrapolation from a straight line; this 

linearization allows the identification of the equivalent point even when the 

titration curves do not allow it. 

Starting from the Nernst equation, this is rewritten in exponential form, in order to 

isolate the concentration of the unknown species: 

 E = 
𝑅𝑇

𝑛𝐹 0.4343
 log Cx → Cx = 10(

𝑛𝐹 0.4343

𝑅𝑇
𝐸)

   (35) 

If Cx corresponds to the concentration of titrant, indicated with Ct, it can be written 

that: 

Ct = 
𝑁𝑡𝑉𝑡−𝑁𝑡𝑉𝑒

𝑉𝑡𝑜𝑡
      (36) 

where Nt and Vt are the normality and the volume of titrant added respectively, Ve is 

the equivalent volume and Vtot is the total volume. Substituting equation (36) into (35) 

we get: 

 

Ct = 10(
𝑛𝐹 0.4343

𝑅𝑇
𝐸)

 → 10(
𝑛𝐹 0.4343

𝑅𝑇
𝐸)

Vtot = NtVt - NtVe  (37) 

 

An equation of the type y = αx + b is obtained, where, in the case under consideration, 

y = 10(
𝑛𝐹 0.4343

𝑅𝑇
𝐸)

Vtot, 
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the angular slope α = Nt, the independent variable is x = Vt, intercepts b = NtVe. For 

values of y = 0, we have that Vt = Ve. Remember that, working at a temperature of 37 

° C, the factor 
𝑛𝐹 0.4343

𝑅𝑇
= 0.06154 𝑉. For the determination of the standard potential 

of the measuring electrode, a 0.16 M solution in NaCl was prepared and titrated with 

a known solution of HCl, recording the potential values.  In this way the Gran function 

is shown in the graph and with the QB45 program the data to determine the standard 

potential have been processed. In the case of the combined electrode, the value is: 

E° = 426.1 ± 0.5 mV, 

while in the case of the working electrode with external reference it is: 

E° = 357.1 ± 0.5 mV. 
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7. Conclusive remarks 

The entire research work concerned the study of the formation of complexes between 

antioxidant molecules and metal ions. In a thermodynamic approach of the chemical 

equilibrium in aqueous solution, there are several steps that must be followed with a 

very precise order. Having to work in aqueous solution and since these are binding 

molecules that are almost always organic acids, clearly the first thing to do is to 

evaluate how soluble these molecules are. Subsequently, the acid-base properties of 

the binding molecules are evaluated as what is studied is a competition between the 

metal and the proton on the binder; the metal must be competitive with the proton 

regardless of the dissociation of the acid. Once the solubility and acid-base properties 

of the ligand have been evaluated, we proceed with the study of the metal-ligand 

complexation equilibria. The calculation of the equilibrium constants requires the 

control of the ionic strength because the law of mass action is valid with the activities, 

and considering that the knowledge of the activity coefficients is not always simple, it 

is preferred to keep them constant, working in ionic medium conditions constant; the 

activity coefficients once constant, even if not known, can be incorporated in the 

constant K, determining a stoichiometric constant conditioned by the experimental 

conditions. Therefore, a constant is obtained which depends on the experimental 

conditions and in the specific case referred to quite natural conditions. The work is, in 

fact, carried out under physiological conditions at a temperature of 37 °C and 

controlling the ionic strength at a value of 0.16 M in NaCl or NaClO4. The choice to 

work in physiological conditions is due to the fact that we already have an idea of what 

really happens in natural systems. The analysis of the chemical equilibrium allows to 

determine both the composition of the species that are formed between a generic metal 

and a binder, and the relative formation constants. This knowledge is necessary for an 

accurate and serious speciation that qualitatively and quantitatively describes a system 

in terms of complex formats. The potentiometric method is used in the whole work; 

this method represents one of the most accurate methods for the determination of 

equilibrium constants and like all instrumental methods it has advantages and 

limitations; the limitation is that it does not allow to determine the metal-ligand 

coordination sites. What we can evaluate, are the stoichiometric coefficients of the 

species that are present in solution, but we do not have the possibility of knowing with 
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certainty which complex corresponds to the three stoichiometric coefficients. A 

structure of the complexes formed in aqueous solution is hypothesized, based on the 

speciation profile obtained and considering the chemistry of the metal and of the 

binder. Among the advantages, we remember that it is an economic method, the 

experimental apparatus is simple, the measurements are reproducible and the speed 

depends on the tendency of the system being studied to go to equilibrium. The 

processing of the experimental data takes place with a calculation program, the 

SUPERQUAD, where the primary data of the titrations are entered, such as: the 

concentrations of the reagents, the volumes of titrant, the potentials recorded. 

SUPERQUAD is a program based on the least squares method; looks for the minimum 

of a function that is constructed by considering a particular model. Thus, it is possible 

to identify the best model that explains the experimental data.  

The entire work carried out for the various metal-bonding systems investigated, 

allowed us to evaluate which species are formed in physiological conditions of 

temperature and ionic medium, and this undoubtedly represents a good starting point 

for carrying out subsequent experimental tests. Starting from the data obtained for the 

various systems investigated through this experimental approach, computational 

calculations can then be carried out to identify the most stable structure of the 

complexes, carry out tests on the antioxidant properties of the complexes, select the 

ligand that best sequestrates a metal ion under the physiological conditions. Important 

is also the use of instruments to characterize the complexes in solution for examples: 

RP-UHPLC-PDA-ESI-IT-MS (Reversed phase liquid chromatography) to identify 

and quantify the amount of the products, UV-vis spectrophotometric measurements, 

ESI-IT-MS (electrospray ionization ion trap mass spectrometry) to verify the species 

present in the systems and NMR (Nuclear Magnetic Resonance) to evaluate the 

possible coordination site on the structure of the ligand. 
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Abbreviations 

Neurodegenerative diseases (ND) 

Alzheimer’s disease (AD) 

Parkinson’s disease (PD) 

Prion protein disease (PrD) 

Amyotrophic lateral sclerosis (ALS) 

Reactive oxygen species (ROS) 

Blood brain barrier (BBB) 

Ethylenediaminetetraacetic acid (EDTA) 

Food and Drug Administration (FDA) 

Linear combination of atomic orbitals (LCAO) 

Quercetin (H5Que) 

Coumarin-3-carboxylic acid (HCCA) 

L-ascorbic acid (H2As) 

Monodehydroascorbate (MDHA) 

Heavy metal ions (HMs) 

Central nervous system (CNS) 

Superoxide dismutase (SOD) 

Wilson’s disease (WD) 

Human serum albumin (HSA) 

Hard and soft acids and bases (HSAB) 

Endoplasmic reticulum (ER) 

Matrix metalloproteinases (MMPs) 

Membrane-type metalloproteinases (MT-MMPs) 

Transmittance (T) 

Absorbance (A) 

Infrared spectroscopy (IR) 

Nuclear Magnetic Resonance (NMR) 

Ultra performance liquid chromatography (UPLC) 

High performance liquid chromatography (HPLC) 

Mass spectrometer (MS) 

Ion chromatograph (IC) 
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Reversed phase liquid chromatography (RP-UHPLC-PDA-ESI-IT-MS) 

Electrospray ionization ion trap mass spectrometry (ESI-IT-MS) 
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Sequestering Ability of a Synthetic Chelating Agent towards
Copper(II) and Iron(III): A Detailed Theoretical and Experimental
Analysis
Alessandra G. Ritacca, Luana Malacaria, Vincenzo Algieri, Antonio De Nino, Nino Russo,
Emilia Furia,* Loredana Maiuolo,* and Emilia Sicilia*[a]

Abstract: In the continuous effort to identify selective
chelators towards bioavailable and toxic metal ions, the
potential selectivity of a novel N,O chelating ligand, recently
synthesized and claimed to be able to bind to Cu(II) ions
forming stable complexes while leaving unaltered the level of
essential metal ions, was scrutinized using a combined
theoretical and experimental approach. A multistep synthetic
procedure was used to synthesize the ligand, whose chelat-
ing properties along with the stability of the complexes
formed binding Cu(II) and, for comparison, Fe(III) ions were

evaluated using potentiometric measurements and UV-Vis
spectroscopy. DFT analysis allowed to disclose the structural
characteristics of the formed complexes. In the plethora of all
the possible structures, a selection of the most reliable ones
was achieved by means of a stringent comparison between
experimental and simulated UV-Vis spectra. The outcomes of
the present investigation demonstrate that the Cu(II) seques-
tering ability of the ligand is smaller than that towards Fe(III).
The strategy used here should allow to check the propensity
of ligands in selectively binding metal ions.

1. Introduction

Chelation therapy is a promising methodology for the treat-
ment of pathological diseases arising from oxidative stress
caused by excess or dysregulation of transition metals.
Alzheimer’s disease (AD), in particular, is a chronic neuro-
degenerative disorder that occurs mostly in people over the
age of 65.[1] AD is the main source of dementia and one of the
most difficult healthcare challenges of the last century.[2] The
etiology of AD is still poorly understood and multifaceted.
Indeed, it is currently conceived that a combination of factors,
i. e., genetics, environment, and lifestyle, may be responsible for
the progression of AD, but the specific mechanism of its onset
is still unclear and no cure exists for this disease. The most
accredited hypothesis of amyloid cascade, which suggests that
the aggregation of amyloid proteins is a stimulus for AD
pathogenesis has dominated research in the field and drug
development for the last 25 years.[3] However, as none of the
drugs purposely developed has demonstrated significant effi-
cacy, suggestions that additional factors, such as oxidative
stress and disorders of metal ion metabolism, might be
mutually operating in neurodegeneration have been
reexamined.[4]

Metal ions are essential for life as they play a crucial role in
many biochemical paths. Nevertheless, environmental exposure,

genetic dysfunction, inadequate dietary consumption and drug
interaction can induce an alteration of their physiological
concentration leading to deleterious effects and neurotoxicity.
Specifically, redox-active metal ions as Cu(II) and Fe(III) exert
their toxic action through the formation of reactive oxygen
species (ROS), which may result in tissue or organ damage.[5] In
this framework, chelation therapy plays a central role in the
clinical treatment of metal intoxications.[6] The poisoning action
of toxic metal ions represents one of important health and
social problem in the industrialized countries. The research on
chelating agents to be used in clinical practice is mainly based
on biology drivers and no attention is payed to the chemical
knowledge of the mechanism involved in the complex
formation. Drugs based on a chelating agent able to sequester-
ing a specific metal are not necessarily the best, but only the
most common drugs.[7–10] Specificity and stability of the metal-
chelator complexes are extremely important in the choice of
the most adequate chelating agent. Indeed, complexes stability
is the first requirement to transform toxic metal ions in chelated
species to be excreted. Chelators can be classified according to
the number of coordinating groups on the molecule able to
bind toxic metal ions. The chelating agents actually in use
belong to few chemical categories (i. e., poliaminocarboxylic
acids; ligands containing mercapto groups; ligands with oxygen
coordinating groups and dithiocarbamates). In our continuous
effort to identify selective chelators towards bioavailable and
toxic metal ions,[11–14] in the present work the attention was
focused on the recently proposed N,O synthetic chelator 1
reported in Scheme 1.[15]

The authors showed that the novel proposed chelator 1
exhibits specific Cu(II) selectivity at physiological pH alleviating
metal overload induced oxidative stress and assessed the
stability of the formed copper complexes over time. As we
considered to be of interest to verify such results using a
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different combination of theory and experiments, herein we
present a thorough study based on experimental methods
(potentiometric and UV-Vis spectroscopy) combined with
quantum-mechanical DFT calculations. The objective to deter-
mine stoichiometric composition and related stability constants
in aqueous medium, i. e., at 37 °C and in 0.16 M NaCl to
reproduce biological conditions, of the complexes formed with
Cu(II) and, for comparison, Fe(III) ions was pursued. Thermody-
namic and structural information on these systems in a wider
pH range and in aqueous solution was obtained aiming at
applying in the future such approach to novel proposed
ligands.

2. Results and Discussion

2.1. Ligand synthesis

In the effort to explore the chelating behavior of the mixed N-
and O-donor atom containing ligand 1, a multistep synthetic
procedure was developed as shown in Scheme 2. The synthesis

started from the commercial material N-phenyldiethanolamine
2 that was symmetrically activated to oxygen moieties with
tosyl groups. The reaction between 2 and p-toluenesulphonyl
chloride 3 was performed in dry pyridine.[16]

In the next step, the bis-tosylate substrate 4, purified by
recrystallization and isolated in 80% yield, was allowed to react
with potassium phthalimide 5 to produce the derivate 6, as a
consequence of the replacement of tosylates by phthalimide
groups through SN2 reaction. The compound 6 was used as
crude to furnish the deprotected diamine compound 7 in
excellent yield (96%) through modified procedures of
literature.[17] Subsequently, compound 7 was reacted with
salicylaldehyde 8, isolating the resulting bis-imine derivative 9,
which furnished ligand 1 via reduction reaction in excellent
yield (92%).[15]

2.2. Chelating properties of the ligand and stability of formed
complexes

The complex formation equilibria of Cu(II) and Fe(III) with 1,
which for the sake of simplification will be named H2L from
now on, were studied at 37 °C and in 0.16 M NaCl by measuring
with a glass electrode the competition of the ligand for metal
cations and H+. After addition of reagents, the pH of the test
solutions was stepwise increased by adding NaOH standard
solutions. By using the experimental approach described
previously[13], at first, we have determined the acidic constants
of the ligand considering, together with the two phenolic
moieties, also the protonation of the two secondary amino
groups, that should occur in acidic environment (Eqs. 1–4):

H4L2þ Ð H3Lþ þ Hþ pKa1 ¼ 7:92� 0:01 (1)

H3Lþ Ð H2Lþ Hþ pKa2 ¼ 8:42� 0:06 (2)

H2LÐ HL� þ Hþ pKa3 ¼ 8:58� 0:06 (3)

HL� Ð L2� þ Hþ pKa4 ¼ 8:9� 0:1 (4)

The uncertainties represent 3σ. The distribution of ligand at
different pH is reported in Figure 1.

As can be seen, at physiological pH the ligand H2L coexists
with the bi- and the mono-protonated species H4L

2 + and H3L
+,

respectively. Metals (CM) and ligand (CL) concentrations were
ranged from (0.25–5.0) × 10� 3 M and the ligand-to-metal ratio
was varied between 1 and 6. The hydrogen ion concentration
was ranged from 0.01 M (pH 2.0) for Fe(III) and from 3.15
10� 3 M (pH 2.5) for Cu(II), to pH 7.5. The general equilibrium can
be written as follows:

pMnþ þ qðOHÞ� þ rH2LÐ MpðOHÞqðH2LÞr
ðnp� qÞ bpqr (5)

Eq. 5 takes into account the possible formation of simple
(q=0), mixed (q¼6 0), mononuclear (p=1) and polynuclear (p>
1) species. Equilibrium constants of the predominant hydrolysis
products under our experimental conditions of Cu(II) and Fe(III)

Scheme 1. Structure of the synthetic chelating agent 1.

Scheme 2. Multistep procedure for the synthesis of the 1 ligand.
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cations (i. e., Cu(OH)+ and Cu2(OH)2
2 +, and Fe(OH)2 + and Fe

(OH)2
+ species, respectively) were taken from the literature.[18]

The acidic constants of ligand (Eqs. 1–4) and the hydrolysis
constants of metal cations were kept fixed in the evaluation of
βpqr. The stability constants of a chosen ternary species (p,q,r)
were allowed to vary systematically to seek the best data fitting.
Results obtained from numerical treatment of potentiometric
data are reported in Table 1.[19]

Speciation profiles show that a complexation occurs at 1 : 1,
1 : 2 and 1 : 3 ligand-to-cation ratio for Cu(II) and at 1 : 1 and 1 : 2
for Fe(III). Results reported by Rakshit et al. proposed a single
species at ligand to metal ratio 1 : 2 for Cu(II) with a log β�12,
and a single species at ligand to metal ration 1 : 1 for Fe(III) with
a log β=3.39.[15] As can be seen in Table 1, our results underline
a different behavior for the two examined cations: the
synthesized chelator, H2L, is able to form several species
distributed in the overall investigated pH range. The distribu-
tion diagrams (Figure 2a–b), in which the metal cation percent-
age in the complexes versus pH is reported, highlight these
differences.

Figure 2a shows that the formation of the complexes
between Cu(II) and H2L is relevant from pH 3.5 and at a

physiological pH the predominant species are the two simple
complexes Cu(H2L)2

2 + and Cu(H2L)3
2 +. Completely different is

the behavior of Fe(III). As can be seen in Figure 2b the
complexation takes place starting from a pH value of 2 and the
only complex at physiological pH is Fe(OH)2(H2L)2

+. By a
comparison of the stability constant values for the two systems
(Table 1), the sequestering ability of H2L towards Cu(II) is smaller
than that towards Fe(III) according to the strong acidity of the
latter. The speciation models were verified by UV-Vis spectro-
scopy and by DFT theoretical investigations to define the
possible structures of the complexes formed in aqueous
solutions. A comparison of free ligand and coordinated species
UV-Vis spectra is reported in Figure 3.

According to literature data[15], the spectrum of free H2L
shows three absorptions in the UV region, two intense bands at
272 and 241 nm and a shoulder at 308 nm. After addition of the
metal cations, Cu(II) and Fe(III), the formation of two different
phases, i. e., solution and solid, was detected. After proper
dilution, UV-Vis spectra of these solutions were registered.
Concerning Cu(II), solid dissolved in ethanol shows a red-shift
respect to free ligand at 281 and 248 nm, while the solution
shows a slight shift of the 272 nm band at 276 nm. As regards
Fe(III), solid dissolved in ethanol and solution opportunely

Figure 1. Distribution of H2L in aqueous solution in a wide pH range.

Table 1. Formation constants of H2L ligand complexes in NaCl 0.16 M and
at 37 °C with Cu(II) and Fe(III) according to Eq. 5 compared with the
corresponding calculated values.

Figure 2. Distribution diagrams in the presence of H2L of: a) Cu(II)
(CM = 0.5 mM and CL = 2.5 mM) and b) Fe(III) (CM =0.5 mM and CL = 2.5 mM).
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diluted exhibits a bathochromic shift of both absorptions to 277
and 248 nm, and to 274 and 248 nm, respectively. the spectra
of the coordination compounds in the visible region are
reported in the insets of Figure 3. As it can be seen, after the
addition of the metal cations absorptions appear in the visible
region. In particular, for Cu(II)-H2L system two different bands
are detected at 621 and at 418 nm, while for Fe(III)� H2L system
just one at 480 nm. Spectroscopic results confirm the formation
of complexes between metal cations and H2L.

2.3. Computational analysis

2.3.1. Geometrical structure and stability of formed complexes

Starting from the information coming from experiments,
structures and coordination modes of the formed complexes by
binding of the 1 ligand, were investigated using DFT quantum
mechanical calculations. In the reference paper[15] among all the
structures of lowest energy calculated using molecular mechan-
ics, that with a 1 : 2 metal to ligand ratio having a pseudo-
square-planar geometry, where two N- and phenolate O-donor
atoms each are coordinated to the central metal ion was
selected as the most probable. Such structure, indeed, resulted
to be in agreement with all the experimental findings.

Several possible alternative structures were taken into
consideration. Concerning the ways of coordination of the
ligand 1, even if the available coordination sites are five, very
likely due to geometric and steric constraints, all the optimiza-
tions carried out to go beyond tri-coordination failed. The
possibility that the ligand is fully or partially deprotonated was
examined. In addition, also the coordination of the ligand in a
form that, for the sake of simplicity, we call zwitterionic was
explored as during the optimization a spontaneous proton
migration from the OH group to the NH occurred. All the
starting geometries were assumed to be octahedral for the iron
cation, whereas for copper several initial arrangements were
considered. Water molecules were allowed to saturate the
remaining coordination sites. Pseudo tetrahedral, square planar,
square pyramidal or trigonal bipyramidal arrangements were
obtained by spontaneous release of the ligands and reorganiza-
tion of the initially assumed octahedral geometry. All the
geometric arrangements reported here, have to be considered
“distorted” with respect to the corresponding regular ones. For
all the optimized structures the corresponding UV-Vis spectra
were calculated for comparison with the experimental counter-
parts aiming at selecting the geometrical arrangements that
better reproduce the experimentally detected transitions.

For all the complexation equilibria free energies were
calculated for the substitution and release of water molecules
in the reference hexaaquo complexes. The most stable structure
chosen as a reference for Cu(II) is square planar around the
metal cation with four water molecules in the first shell and two
water molecules in the second coordination shell.[20,21] The
reference structure for Fe(III) is octahedral.

For both Cu(II) and Fe(III) only complexes with stoichiomet-
ric ratios reproducing the indications coming from potentio-
metric measurements were examined and, for each proposed
stoichiometric ratio, all the compatible arrangements were
explored.

As shown by the distribution diagrams in Figure 2 panel b),
for the Fe(III) ion only two complexes, Fe(OH)2(H2L)+ and Fe
(OH)2(H2L)2

+, can be formed starting from pH=2, being the
latter the only complex existing at physiological pH. The Cu(II)
ion appears to be able to form complexes with various metal-
to-ligand ratios even if at physiological pH only one of them, Cu
(H2L)2

2 +, has a preponderant concentration,
The fully optimized geometrical structures of Cu(II) and Fe

(III) complexes, in different stoichiometric ratios, selected on
basis of the best fitting of the experimental UV-Vis spectra are
reported in Figures 4 and 5, respectively, together with the
corresponding calculated formation Gibbs free energies. In the
same figures also key geometrical parameters for each of these
complexes are provided.

For each of the suggested stoichiometric ratios, except the
1 : 2 ratio for Cu(II), only one plausible geometry, amongst all
the possible alternatives, was intercepted reproducing the
experimentally detected UV-Vis transitions.

For the copper complexes, the located structure with
stoichiometric 1 : 1 metal-to-ligand ratio has a square-planar
geometry with the ligand that is coordinated to the metal in a
bidentate fashion together with two water molecules. Coordi-

Figure 3. UV-Vis spectra of the free ligand and of the a) Cu(II) and b) Fe(III)
complexes. In a) red line is free chelator, blue line is solid Cu(II)-H2L and
brown line is solution Cu(II)-H2L In b) blue line is free chelator, red line is
solid Fe(III)� H2L and violet is solution Fe(III)� H2L. Insets refer to the Vis
region of the spectra (380–800 nm), in which the d–d bands are present.
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nation occurs through phenolate oxygen and secondary nitro-
gen of the ligand in a zwitterionic form. Formation energy of
the complex is calculated to be � 14.2 kcal mol� 1 and log β=10,
in good agreement with the experimental value.

Two possible structures for the metal-to-ligand 1 : 2 ratio
were intercepted. In the less stable complex, two N,O chelating
zwitterionic ligands coordinate the copper center. The complex-
ation energy is � 3.5 kcal mol� 1 and log β=2.4. The second
more stable complex differs with respect to the first one as in
one of the coordinated ligands the proton from the OH group
is transferred to the nitrogen of the tertiary amine. The
complexation energy is � 17.7 kcal mol� 1 and logβ=12.4. The
better agreement in the latter case with the experimental value
allows the selection of the most probable structure.

The complex for the copper:ligand 1 : 1 ratio, with charge
+1 due to the coordination of a hydroxide ligand, adopts a
square planar arrangement. The zwitterionic ligand is coordi-
nated to the metal through the oxygen atom of the phenolate,
whereas the three remaining positions are occupied by two
water molecules and the hydroxide ligand. As it appears from

the reported structure in Figure 4, the secondary nitrogen from
the phenolate side establishes an additional interaction with
the metal center at a Cu� N distance of 2.34 Å. Therefore, the
geometry can be classified as square pyramidal. The complex is
stabilized by 26.9 kcal mol� 1 for a corresponding logβ=18.9, in
good agreement with experiments.

In the located structure, possessing a square pyramidal
geometry, of the Cu(II) complex with a metal to ligand 1 : 3 ratio,
two zwitterionic ligands coordinate the metal in a N,O bidentate
fashion in the same equatorial plane. The third zwitterionic
ligand coordinates only through the oxygen of the phenolate in
axial position. The calculated energy of formation of the
complex is � 27.9 kcal mol� 1 for a logβ value of 19.7. This value,
even if lower than that experimentally measured, is in line with
the expected trend. The last proposed arrangement for the 2 : 2
ratio between the metal and the ligand is a binuclear complex
with two OH� groups acting as bridging ligands. Each
zwitterionic ligand chelates a metal center from opposite sides
adopting a tetrahedral geometry. Complexation stabilizes the
formed system by 110.3 kcal mol� 1 with logβ= 77.7 on the basis
of calculations. Such value is overestimated with respect to
experiment, but, once again, in line with the proposed trend.

The fully optimized structures of the only two Fe(III)
complexes selected on the basis of the same criterion used for
Cu(II) complexes are depicted in Figure 5 together with the
calculated values of the complexation energies.

The Fe(III) complex with a metal to ligand 1 : 1 ratio and
charge +1 due to the coordination of two hydroxide ligands
assumes a very distorted octahedral arrangement. The ligand,
once again in its zwitterionic form, is coordinated to the metal
center in a N,O chelating fashion. It is noteworthy, in this case,
that the protonated secondary nitrogen partially transfers a
proton to one of the OH� groups. Therefore, the octahedron
remaining positions are occupied by three water molecules and
one hydroxido group.

Figure 4. Fully optimized geometrical structures of Cu(II)-H2L complexes with different stoichiometric ratios together with calculated reaction energies
(kcal mol� 1) and log β values.

Figure 5. Fully optimized geometrical structures of Fe(III)� H2L complexes in
two stoichiometric ratios together with calculated reaction energies
(kcal mol� 1) and log β values.
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The complex results to be stabilized by 102.8 kcal mol� 1 for
a logβ=72.5. In this case the complexation energy is over-
estimated, but compatible with the values for the Cu(II) formed
complexes.

The second iron complex, that is the only one existing at
physiological pH, has a 1 : 2 metal-to-ligand ratio and charge + 1
as, once again, two hydroxide ligands are bound to the metal.
The two zwitterionic ligands are both N,O chelating in axial and
equatorial positions, whereas both OH� ligands occupy the
equatorial positions of a distorted octahedral geometry. The
complexation energy is � 120.1 kcal mol� 1 and logβ= 84.6. The
calculated values of the complexation energies for both the
iron complexes are overestimated with respect to the exper-
imental counterparts. However, the trend is correct and the
large values of the free energy confirm the ability of the ligand
to form very stable complexes with the iron cation supporting
the suggestion that the investigated ligand Fe(III) coordination
is favored with respect to that of Cu(II).

2.3.2. Calculated UV-Vis spectra

Analysis of the absorption properties of optimized complexes
started with the calculation of the absorption spectra of the
free ligand 1 in its different forms, that is neutral, neutral
zwitterionic, mono-deprotonated and doubly deprotonated.
Transition wavelengths, oscillatory strengths and orbital con-
tributions for each form of the free ligand are reported in
Table S1 of the Supporting Information (SI). In the UV–Vis
spectrum of the ligand, two absorption peaks were observed at
272 and 241 nm and a shoulder at 308 nm. Calculated wave-
lengths for all the different forms of the ligand reproduce very
well the experimental values. However, a shoulder at 315 nm
appearing only in the absorption spectrum of the neutral
zwitterionic form should allow to identify such form as that
present is solution and experimentally detected. Reported
structure of the Molecular Orbitals (MOs) involved in transitions
(Figure S1) show that peaks are assigned to π!π* transitions of
the aromatic rings. Complexation of the H2L ligand with Cu(II)
and Fe(III) causes some shifts in these transitions and, in
addition, two new peaks appear for the Cu(II)-H2L system at 621
and at 418 nm, and only one for the Fe(III)� H2L system at
480 nm. Calculated wavelengths are rather far, as it often occurs
with TDDFT spectra, from both shifted wavelengths and new
detected ones upon coordination. Nevertheless, both the
presence of peaks outside the regions of the spectrum
individuated by the experimental detection and, on the other
hand, the absence of peaks in the proper regions, allowed to
exclude many of the possible alternative structures intercepted
by computations. Comparison between experimental and
computed absorption wavelengths is reported in Table 2 and 3
for Cu(II) and Fe(III) complexes, respectively. Absorption wave-
lengths of the complexes that on the basis of the experimental
findings should be present at physiological pH have been
marked in red.

Transition wavelengths, oscillatory strengths and orbital
contributions are summarized in Table S2 of the SI. Plots of the

molecular orbitals, involved in electronic transitions of the
complexes, Cu(H2L)2

2 + and Fe(OH)2(H2L)2
+ that for copper and

iron, respectively represent the most abundant species at
physiological conditions, are shown in Figure S2.

As can be deduced from the spectra and the structure of
the involved MOs, the nature of the involved transitions
confirms what was previously reported.[15,22] The electronic
transitions at 407 and 428 nm for Cu and Fe complexes,
respectively, can be attributed to ligand to metal charge
transfer (LMCT), that is from the phenolate to the metal center.
The electronic transition with significantly lower intensity that
in the Cu complex appears at 600 nm is a d–d transition.

Coordination of the ligand by the phenolate is confirmed in
line with what previously suggested. However, the present
investigation demonstrates that the ligand does not coordinate
in deprotonated form because the phenolate moiety is formed
by transfer of the proton from the OH group to the NH one.

3. Conclusion

In the present paper a combined theoretical and experimental
approach was used to scrutinize the ability of a newly
synthesized N,O chelating ligand 1 to selectively form stable
complexes with copper and, therefore, leave unaltered the
concentration of essential metal ions. Developing a multistep
synthesis procedure, the ligand was prepared and examined for
its complexation capability of both Cu(II) and Fe(III) by
potentiometric measurements and UV-Vis spectroscopy. DFT
quantum mechanical calculations were performed to identify
the most reliable geometrical structures of the detected
complexes at different metal-to-ligand ratios suggested by
experiments. The comparison between experimental and simu-
lated UV-Vis spectra allowed to discard many possible alter-
natives. Although the available coordination sites are five, very
likely due to geometric and steric constraints, all the optimiza-
tions carried out to go beyond tri-coordination failed. The
preferred form for the ligand to bind to the metal is what we
named zwitterionic, obtained by migration of a proton from
one of the phenol OH to one of the secondary nitrogen.

Table 2. Experimental and TDDFT calculated absorption wavelengths
(cm� 1) for Cu(II) complexes. Calculated wavelengths for the complex
present at physiological pH are marked in red.

Table 3. Experimental and TDDFT calculated absorption wavelengths
(cm� 1) for Fe(III) complexes. Calculated wavelengths for the complex
present at physiological pH are marked in red.

Full Paper

3271Chem Asian J. 2020, 15, 3266 – 3274 www.chemasianj.org © 2020 Wiley-VCH GmbH

Wiley VCH Mittwoch, 07.10.2020

2020 / 177906 [S. 3271/3274] 1

https://doi.org/10.1002/asia.202000717


1

2

3

4

5

6

7

8

9

10

11

12

13

14

15

16

17

18

19

20

21

22

23

24

25

26

27

28

29

30

31

32

33

34

35

36

37

38

39

40

41

42

43

44

45

46

47

48

49

50

51

52

53

54

55

56

57

Experiments supported by calculations show that the affinity of
the ligand for Fe(III) is higher than for Cu(II). The combined
experimental and theoretical strategy used here will be applied
in the future for testing the propensity of new ligands to
selectively bind to toxic metal cations.

Experimental Section

Synthesis of ligand 1

All reagents were purchased from Sigma-Aldrich or Alpha Aesar
and used without purification. Solvents are purified and dried
through classical procedures. Reactions were monitored by TLC
using silica plates 60-F264 commercially available from Merck. 1H
and 13C APT NMR spectra were recorded at 300 and 75 MHz,
respectively, in CDCl3, CD3OD and DMSO-d6 using tetramethylsilane
(TMS) as the internal standard (Bruker (Billerica,MA,USA)
ACP300 MHz). Chemical shifts are given in parts per million and
coupling constants in Hertz. Spectra 1H and 13C APT NMR of
compounds 1, 4, 6, 7 and 9 are reported in Supporting Information
(SI).

Synthesis of N-Ph-O,O’-Ts-diethanolamine (4).

To a solution of N-phenyldiethanolamine 2 (5.0 g, 27.5 mmol) in
25 ml of dry pyridine, para-toluensulfonyl chloride 3 (6.4 ml,
66.6 mmol) was slowly added at 0 °C. The mixture was allowed to
react at room temperature for 3 h. At the end of reaction, the pale
yellow solution was put into a beaker containing ice water and
stirred fast. The precipitated solid was filtered under vacuum and
recrystallized from ethanol/toluene, isolating 10.77 g of 4 as a
colourless crystalline solid in 80% yield.
1H NMR (CDCl3): δ (ppm) 2.42 (s, 6H, CH3), 3.54 (t, J=6.03 Hz, 4H,
CH2), 4.08 (t, J=6.03 Hz, 4H, CH2), 6.41 (d, J=8.19 Hz, 2H, Ar), 6.70
(t, J= 7.27 Hz, 1H, Ar), 7.12 (t, J=7.93 Hz, 2H, Ar), 7.27 (d, J=

7.93 Hz, 4H, Ar), 7.70 (d, J=8.19 Hz, 4H, Ar). 13C APT NMR (CDCl3): δ
(ppm) 21.66, 50.18, 66.62, 112.04, 117.60, 127.85, 129.49, 129.91,
132.62, 145.01, 145.76.

Synthesis of N-Ph-N,N-bis-ethylene-phthalymide (6).

Phthalimide potassium 5 (7.5 g, 40.4 mmol) was added to a solution
of compound 4 (5.0 g, 10.2 mmol) solved in 150 ml of acetonitrile
and the mixture was heated at reflux for 5 h. When the reaction
was over, the solvent was removed under reduced pressure and
water (80 ml) was added. The aqueous mixture was extracted with
dichloromethane (3 × 25 ml) and the organic phase was dried with
anhydrous sodium sulphate, filtered and evaporated under vacuum,
obtaining 5.84 g of yellow solid 6 that were used in the subsequent
reaction without any purification.
1H NMR (DMSO-d6): δ (ppm) 3.51–3.60 (m, 4H, CH2), 3.67–3.79 (m,
4H, CH2), 6.51 (t, J= 7.07 Hz, 1H, Ar), 6.82 (d, J=8.10 Hz, 2H, Ar),
7.08 (t, J= 8.10 Hz, 2H, Ar), 7.76–7.89 (m, 8H, Ar). 13C APT NMR
(DMSO-d6): δ (ppm) 39.88, 52.84, 116.88, 121.39, 128.11, 134.22,
136.69, 139.48, 152.14, 173.00.

Synthesis N-Ph-N,N-bis-ethylamine (7)

The compound 6 (2.0 g, 4.55 mmol) was solved in 40 ml of THF and
aqueous hydrazine (11.35 ml, 363 mmol) was gently added. The
mixture was stirred for 2 h at room temperature. Then, the solvent

was removed by rotary evaporation and the residue was washed
with hexane, isolating 2.86 g of an orange oil (7, 96% yield).
1H NMR (CDCl3): δ (ppm) 2.19 (sb, 4H, NH2), 2.91 (t, J=6.60 Hz, 4H,
CH2), 3.41 (t, J=6.60 Hz, 4H, CH2), 6.61–6.77 (m, 3H, Ar), 7.15–7.25
(m, 2H, Ar). 13C APT NMR (CDCl3): δ (ppm) 39.50, 54,46, 112.53,
116,54, 129,21, 148,13.

Synthesis of N-Ph-N,N-bis-ethylene-(o–
hydroxyphenyl-methane-yl)- imine (9)

To a solution of 7 (1.0 g, 5.58 mmol) in degased sodium acetate
buffer, (0.1 M, pH 4.5), salicylaldehyde (1.89 ml, 25.5 mmol) in dry
MeOH (40 ml) was added dropwise under nitrogen and the reaction
was heated at 100 °C for 20 h. During the reaction, a brown gummy
precipitate was observed. Then, the mixture was extracted in
dichloromethane, dried with anhydrous sodium sulphate, filtered
and evaporated under vacuum. The crude was purified by flash
chromatography (exane/ethyl acetate, 6 : 4 v:v). A solid yellow was
isolated in 90% yield (9, 1.96 g).
1H NMR (CDCl3): δ (ppm) 3.65–3.73 (m, 4H, CH2), 3.73–3.81 (m, 4H,
CH2), 6.70–6.79 (m, 3H, Ar), 6.80–6.89 (m, 2H, Ar), 6.92–6.99 (m, 2H,
Ar), 7.11–7.18 (m, 2H, Ar), 7.22–7.34 (m, 4H, Ar), 8.20 (s, 2H, N=CH),
13.32 (sb, 2H, OH). 13C APT NMR (CDCl3, 75 MHz): δ (ppm) 52.76,
57.16, 114.40, 116.83, 117.02, 118.66, 118.74, 129.58, 131.37, 132.36,
146.92, 161.07, 166.48.

Synthesis of N-Ph-N,N-bis-ethylene-(o–
hydroxyphenyl-methylene)-amine (1)

To a degased solution of 9 (0.50 g, 1.30 mmol) in dry methanol,
sodium borohydride (0.39 g, 1.04 mmol) was added at 0° C under
nitrogen and the mixture was stirred for 1 h. The mixture was
treated with diluted hydrochloric acid and extracted with ethyl
acetate. The organic phase was dried with anhydrous sodium
sulphate, filtered and evaporated under vacuum. The crude was
purified by recrystallization with ethyl acetate/methanol, isolating a
pale orange solid in 92% yield (1, 0.47 g).
1H NMR (CD3OD): δ (ppm) 2.92 (sb, 4H, CH2), 3.56 (m, 4H, CH2), 3.87
(m, 4H, CH2), 6.68–6.88 (m, 7H, Ar), 7.02–7.25 (m, 6H, Ar). 13C APT
NMR (CD3OD): δ (ppm) 38.40, 46.71, 50.79, 114.66, 118.61, 119.09,
120.28, 124.52, 129.96, 130.32, 140.71, 149.08, 157.95.

Potentiometric and spectrophotometric details

The sodium hydroxide titrant solutions, the hydrochloric acid, the
sodium chloride and the metal cations chloride stock solutions
were prepared and standardized as previously described.[14] All
solutions were prepared with bidistilled water. The titrations were
carried out with the same apparatus described previously.[11] The
glass electrodes were manufactured by Metrohm; they acquired a
constant potential within 30 minutes after the addition of the
reagents. To avoid carbonate interference, a slow stream of
nitrogen gas was passed through three bottles (a–c) containing: (a)
1 M NaOH, (b) 1 M H2SO4 and (c) 0.16 M NaCl, and then into the test
solutions, stirred during titrations, through the gas inlet tube. The
cell assembly was placed in a thermostat kept at (37.0�0.1) °C. The
spectrophotometric measurements were carried out with a Varian
Cary 50 Scan UV Visible Spectrophotometer. Absorbance values
between (240 and 800) nm were measured each 1 nm. The
temperature of the cell holder was kept at (37.0�0.3) °C by a Grant
circulating water bath. Matched quartz cells of thickness 1 cm were
employed. The absorbance, Aλ, was recorded to 0.001 units.
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Computational details

The geometries of the copper(II) and iron(III) complexes were
optimized at the DFT level of theory using the hybrid Becke three
parameter exchange functional[23] and the Lee-Yang-Parr correlation
functional24] B3LYP. In order to properly take into account non-
bonding interactions, that play a very important role in the present
case, Grimme dispersion correction[25] have been included using
atom pair-wise additive scheme, DFT-D3 method. Recontracted
LANL2DZ effective core potential[26 and corresponding valence
basis set was used to describe Cu and Fe atoms, whereas the. 6-
31G* basis set was adopted to describe all the other atoms.
Calculations were carried out by means of the Gaussian09 software
package.[27] All the structures were fully relaxed without imposing
any constrain and were confirmed to be minima by harmonic
vibrational frequencies. For all the complexation equilibria free
energies were calculated for the substitution and release of water
molecules in the reference hexaaquo complexes, that is square
planar around the metal cation with four water molecules in the
first shell and two water molecules in the second coordination shell
for Cu(II)[20,21] and octahedral for Fe(III).

The overall process in solution corresponds to:

½MðH2OÞ6�z þ fnLgc ! ½ML�cþz þ ð6� n� tÞH2O (6)

where L=L2� , HL� , H2L and OH� ; c is the total formal charge of the
n ligands; z the charge of the hexaaquo complex; and t=0,1, 2, 3
takes into account the possibility that the ligands are mono, bi or
tridentate. Therefore, the formation energies of these complexes
were calculated as:

DG ¼ DGð½ML�cþzÞþ

ð6� n� tÞDGðH2OÞ� DGð½MðH2OÞ6�z� DGðnLÞc
(7)

the stability constant (log β) value is related to free energy change
for the complexation reaction by the following equation:

logb ¼ � DG=2:303RT (8)

To simulate the aqueous environment, the implicit SMD solvation
model, with a dielectric constant of 78.35, was employed.
Enthalpies and Gibbs free energies were obtained using standard
statistical procedures at 298 K and 1 atm from total energies,
including zero-point, thermal and solvent corrections. As the free
energy corrections in the Gaussian’s default standard state
corresponds to an ideal gas at a standard pressure of 1 atm, the
computed free energies have been converted[28] to yield Gibbs
energies with a solution phase standard state of 1 mol L� 1 for all the
species except water solvent. For water molecules a standard state
of 55.5 M was used. Cu(II) and Fe(III) hexaaquo complexes were
used for establishing the most stable spin state of the investigated
complexes, which resulted to be doublet and sextet, respectively.
Spin multiplicity was also tested and confirmed for some of the
metal:ligand complexes. Several computational protocols were
tested for the calculation of the UV-Vis absorption spectra in water
using the time-dependent extension of DFT, TDDFT. Calculations
using more extended basis sets together with a series of xc
functionals and solvent models were tested. The best performing
adopted protocol was CAM� B3LYP xc functional[29] in conjunction
with the recontracted LANL2DZ pseudo potential for metals and 6–
31G* basis set for the rest of the atoms and SMD to simulate
implicit solvent.
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Abstract: This review focuses on the ability of some natural antioxidant molecules (i.e., hydrox-
ycinnamic acids, coumarin-3-carboxylic acid, quercetin, luteolin and curcumin) to form Al(III)- and
Fe(III)-complexes with the aim of evaluating the coordination properties from a combined experi-
mental and theoretical point of view. Despite the contributions of previous studies on the chemical
properties and biological activity of these metal complexes involving such natural antioxidants,
further detailed relationships between the structure and properties are still required. In this context,
the investigation on the coordination properties of Al(III) and Fe(III) toward these natural antioxidant
molecules might deserve high interest to design water soluble molecule-based metal carriers that can
improve the metal’s intake and/or its removal in living organisms.

Keywords: natural antioxidants; Al(III) complexes; Fe(III) complexes; chelating ability; spectroscopic
characterization; DFT

1. Introduction
1.1. Role of Al(III) and Fe(III) Ions

Diseases related to the accumulation of metals, which play several critical roles in the
human body, are attracting increasing attention in the scientific community [1]. Under
normal conditions, some metals are considered micronutrients, being cofactors of numerous
enzymes involved in many biological processes. However, they become toxic if present in
relatively high amounts above a certain threshold, especially the first-row transition metal
ions (e.g., Fe, Cu, and Zn), which seems to be related to severe degenerative diseases such
as Alzheimer’s disease [2].

Human exposure to metals has increased over time due to their increased use, par-
ticularly with industrialization [3,4]. Toxicity due to metal exposure can also arise from
their accidental ingestion through food and beverages (drinking water) [5]. Indeed, metals
can be present naturally in many foods, but their uptake can be increased due to food
contamination arising from some methods used in the production stages. Prevention
and treatment of diseases caused by metals often occurs with the use of coordination
compounds [6]. Many organic molecules, in fact, behave as ligands and can form stable
complexes with metal ions, used as therapeutic agents for the treatment of metal accumula-
tion. In particular, some transition metal complexes have shown high therapeutic potential
in the treatment of different disorders, being used as antitumor, anti-inflammatory, and
antidiabetic agents as well as in the treatment of diseases of the nervous system [1,3,6].

In this context, the research into suitable chelating agents against toxic metal ions
overload in human tissues and the understanding of their behavior become crucial for
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the improvement of chelation therapy [1]. This is a promising strategy for reducing the
redox stress lethal for neurons aimed at removing toxic metal ions from the human body or
reducing their toxicity by transforming them into less toxic compounds or by dislocating
them from the site where they exert a harmful action [6].

This review focuses on the coordination properties of aluminum(III) and iron(III)
metal ions, potentially implicated in degenerative processes, since they can be targeted by
metal chelators to regenerate the normal trafficking of metal [3].

The source of aluminum in humans is essentially oral intake from food, drinking
water, and Al-containing drugs [1,7]. Since the 1970s, this metal has been recognized as the
cause of different diseases and as a neurotoxic agent associated with encephalopathies due
to its accumulation in brain tissues [8]. Currently, however, aluminum’s role in Alzheimer
neuropathology is still not clear, although several experimental and clinical evidences have
pointed out its implication as a primary etiological factor of Alzheimer’s disease [8–10].

Aluminum, with a crystal radius of 0.675 Å (coordination number VI) [11], is a typical
hard metal ion. In biological systems, the majority of binding sites for it are negatively
charged oxygen donors as carboxylates, phenolates, catecholates, and phosphates. The
hydrolytic chemistry of aluminum affects its solubility and its bioavailability in biological
environments. At pH ≤ 5, the main species is the [Al(H2O)6]3+ ion; the mononuclear
species Al(OH)2+ and Al(OH)2

+ are formed by the deprotonation of coordinated water
molecules with increasing pH values. Polynuclear species Al2(OH)2

4+ and Al3(OH)4
5+ are

also formed, but their concentration is strictly related to that of the total aluminum. At
neutral pH, a precipitate of Al(OH)3 is formed, while at higher pH, the species Al(OH)4

−

becomes soluble. The speciation equilibria of the soluble and insoluble forms of the hydroxo
complexes and of the complexes with other competing ligands must be considered to better
understand and describe the solution chemistry of aluminum in biological systems.

Due to the similar ionic radius of Al(III) and Fe(III) (0.675 Å for Al(III), 0.690 and
0.785 Å for low and high spin Fe(III), respectively) [11], Al(III) can compete with Fe(III) for
binding to the biological transporter systems as transferrin. Indeed, high-spin Fe(III) is
classified as a hard Lewis acid and, in analogy with Al(III), forms very stable bonds with
hard ligands. Iron overload is the most common metal toxicity disease worldwide. Under
normal conditions, body iron levels are governed by homeostatic controls of iron uptake,
distribution, and storage. Several factors may affect iron absorption: the amount of iron
present in the diet, its chemical species, the ligands coordinating iron in the intestine and
the presence of other potential iron chelators. Pathological conditions may result from
gastrointestinal iron absorption and/or multiple red blood cell transfusions [6].

In this review, experimental and computational results on the ability of some natural
antioxidant molecules (NAMs) (i.e., hydroxycinnamic acids, coumarin-3-carboxylic acid,
quercetin, luteolin, and curcumin, Scheme 1) to form Al(III)- and Fe(III)-complexes are
reported and discussed. Since the coordination chemistry background is necessary to drive
the selection of drug candidates suitable to discriminate between different metal ions, the
coordination properties of Al(III) and Fe(III) in aqueous solution toward the selected NAMs
shown in Scheme 1 were investigated. Understanding the interactions of these metals with
this class of ligands is helpful to design water soluble molecule-based metal carriers aimed
to improve the metal’s intake and/or its removal in living organisms.

1.2. Choice of the Ligands

On the basis of the structure–activity relationship, several NAMs are well known to
be effective metal chelators due to the presence of carbonyl groups as well as of phenolic
hydroxyls, and carboxylic groups that, regardless of their pKa values, can be deprotonated
upon metal interaction. Thus, their ability to bind transition metal ions make these classes
of molecules particularly interesting to counteract the metal-related damage. Among
the numerous NAMs able to exert such activity, we focused on those derivatives whose
chelating ability was investigated in aqueous solution, an environment that better mimics
the physiological one.
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Scheme 1. NAMs considered here for coordination of Al(III) and Fe(III) ions: p-coumaric (p-CA), caffeic (CA), ferulic (FA),
and coumarin-3-carboxylic (HCCA) acids, quercetin (Que), luteolin (Lut), and curcumin (Cur). All the potential binding
sites are highlighted with red circles and dashed arcs.

1.2.1. Hydroxycinnamic Acid Derivatives

Hydroxycinnamic acids (Scheme 1) and their derivatives are derived from cinnamic
acid, an unsaturated carboxylic acid. They display interesting health benefits such as an-
tioxidant, anti-collagenase, anti-inflammatory, antimicrobial, and anti-tyrosinase activities
as well as ultraviolet (UV) protective effects [12]. The pharmacological potential exhibited
by these phenolic acids and derivatives has been attributed to the presence of multiple
hydroxyl groups in their chemical structure, which make them active as free radical scav-
engers. The presence of a double bond in the side chain leads to the possible existence of
two isomeric forms: cis (Z) and trans (E). The diversity and their resultant nutraceutical
properties are derived from the nature of the bonds and that of the molecules involved [13].
They are found both covalently linked to the plant cell wall polysaccharides and in their
free soluble forms in the cytoplasm and are synthesized from either L-phenylalanine or
L-tyrosine as part of the lignin precursor pathway.

In the present work, we focused on the sequestering ability of p-coumaric, caffeic, and
ferulic acids (p-CA, CA, and FA, respectively, Scheme 1).

In p-CA, position 4 of the phenyl ring of the skeleton of cinnamic acid bears a hydroxyl
group. It is the major precursor in the synthesis of other phenolic acids such as caffeic,
chlorogenic, rosmarinic, and ferulic acids. It is widely present in fruits, vegetables, cereals,
and mushrooms. Studies on p-CA and its conjugated forms have even revealed, besides
the properties listed above, antiplatelet aggregation activity.

CA is a cinnamic acid where the phenyl ring is substituted by hydroxyl groups at
positions 3 and 4. It is one of the most common phenolic acids found in fruits, vegetables,
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mushrooms, and herbs. It is biosynthesized by the hydroxylation of p-coumaric acid and
has several medicinal properties, among which antidiabetic activity.

FA, known also as 4-hydroxy-3-methoxycinnamic acid, is widely distributed in bever-
ages (coffee, beer), fruits (cabbage, potatoes, carrots), vegetables (broccoli, spinach, tomato),
cereals (wheat, corn, maize), flowers, and nuts. It is a caffeic acid derivative formed by the
action of the enzyme caffeate O-methyltransferase.

1.2.2. Coumarin Derivatives

Coumarins, a family of 1,2-benzopyrones widely diffused in plants, and their deriva-
tives have stimulated interesting research in biology and medicine due to their antioxidant,
antibiotic, anticoagulant, anticancer, and anti-inflammatory properties. Coumarins can
exist in a variety of forms due to the various substitutions possible in their basic structure,
which modulate their biological activity. Therefore, their physicochemical properties and
therapeutic applications may depend upon the substitution pattern. In addition, coumarin
derivatives can yield a wide variety of metal complexes, and their complexation with
d-block metal cations has been recognized as a promising route toward the development
of new therapeutic agents and can be used, in principle, in specific chelation therapies [14].
Belonging to this category, the coumarin-3-carboxylic acid (HCCA) here considered, has an
oxygen atom in the third position of the basic coumarin skeleton (see Scheme 1), creating a
single charged ligand that can chelate, through two O donors, metal ions. HCCA behaves
as a scavenger of the hydroxyl radical generated chemically or by gamma radiation, as a
selective inhibitor of monoamine oxidase or as an antibacterial agent.

1.2.3. Flavonoids

Flavonoids are secondary plant metabolites of the polyphenol family and form one
of the most numerous and widespread families of natural substances accumulated in
significant amounts in fruits and vegetables [15,16]. The increasing interest in flavonoids
is due to their wide biological and pharmacological effects such as anti-cancer, anti-ulcer,
anti-allergic, antioxidant, antiviral, and anti-inflammatory properties [17,18]. The anti-
radical activity of flavonoids depends on their structure, the position of OH groups, and
interaction with biological membranes.

Flavonoids are classified into six main subgroups according to their structure: flavan-
3-ols, anthocyanins, flavonols, flavones, flavanones, and isoflavones. Many health benefits
are connected with the high consumption of flavonoid-rich foods including reduced risk
for heart diseases, cancer, neurodegenerative psychic diseases, and many other chronic
diseases. It is assumed that oxidative stress plays an important role in the genesis of
these diseases, and therefore flavones may possess therapeutic effects through antioxidant
mechanisms. In addition to their antioxidant properties, flavonoids exhibit other multiple
biological effects (i.e., antibacterial, antiviral, anti-inflammatory, anticarcinogenic, anti-
ischemic, hypolipidemic, antimutagenic, and many others [19]. The present article reviews
the coordination properties of two specific flavonoids, namely quercetin and luteolin.

Quercetin (Que) is the most commonly studied flavonol, since it can chelate the metals
as a bidentate O,O-coordinating ligand. Furthermore, it is the most important and naturally
occurring cancer-preventing agent [20]. The cancer preventive and therapeutic effects
of quercetin have been demonstrated through in vitro as well as in vivo experimental
findings [21,22]. As depicted in Scheme 1, Que consists of three phenolic rings (A, B,
and C rings); it has three available sites for metal chelation including ortho-dihydroxyl
(catechol) group of the B ring (site A), 5-hydroxy-4-keto group (site B), and 3-hydroxy-4-
keto group (site C), since both hydroxyl and keto groups of Que have the ability to form
metal complexes [23–35]. Interestingly, it was observed that some biological properties of
quercetin such as antioxidant, antibacterial, and antitumor activities, change with metal
chelation.

Luteolin (Lut) is a common flavone with several biological effects [36,37] that is often
found in leaves, rinds, barks, and flowering plants. It possesses two metal ion chelating
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sites: the 3′,4′-dihydroxy group in ring B and the 5-hydroxy and 4-carbonyl group in ring
C (see Scheme 1).

Because of poor water solubility and the bioavailability of flavonoids, their use in the
food industry or pharmacy is limited. However, the formation of metal complexes may
increase solubility, hydrophilicity, and bioavailability of flavonoids and therefore enlarge
the area of new applications.

1.2.4. Curcumin

Curcumin (1,7-bis-(4-hydroxy-3-methoxyphenyl)-1,6-heptadiene-3,5-dione, Cur) is a
component of the Indian spice turmeric, manufactured from the rhizome of the perennial
herb Curcuma longa that is widely cultivated in tropical countries in South and South East
Asia, especially in China and India [38]. Curcumin is a typical example of polyphenol-
rich natural remedies, and has been used for centuries in Indian traditional medicine
(Ayurveda) and traditional Chinese medicine. The medicinal activity of curcumin has
been known since ancient times. It has also been used as a photodynamic agent for the
destruction of bacteria and tumor cells. Multiple therapeutic activities have been attributed
to curcumin mostly because of its anti-inflammatory and antioxidant effects. As such,
curcumin was predominantly used to treat inflammatory conditions including bronchitis,
colds, parasitic worms, leprosy, arthritis, and inflammations of bladder, liver, kidney,
and skin, and to improve symptoms such as fever and diarrhea. In addition, curcumin
is thought to have beneficial effects in diseases of the neurological system including
Alzheimer’s disease [39]. As can be evinced from Scheme 1, Cur has three chemical
moieties in its structure: two aromatic ring systems containing methoxy and phenolic
groups connected by a seven carbon linker consisting of an α,β-unsaturated β-diketone
moiety. A keto-enol tautomeric equilibrium (as shown also in Scheme 1) characterizes the
diketo moiety, which can therefore exist in different types of tautomers, depending on the
environment. In the crystal state, it exists in a cis-enol configuration, where it is stabilized
by resonance assisted hydrogen bonding and the structure consists of three substituted
planar groups interconnected through two double bonds. In most of the non-polar and
moderately polar solvents, the enol form is generally more stabilized than the keto form by
5 to 8 kcal mol−1, depending on the nature of the solvent. Due to extended conjugation,
the π electron cloud is distributed along the whole molecule. In solution, it exists as
cis-trans isomers; the trans-form, in which the two phenolic-methoxy groups are on the
opposite sides of the curcumin backbone, is slightly more stabilized than the cis-form,
where the phenolic methoxy groups are on the same side up the backbone [40]. The bis-
keto form predominates in acidic and neutral aqueous solutions. At pH 3–7, curcumin
is an extraordinarily potent H-atom donor. In the keto form, the heptadienone linkage
between the two methoxyphenol rings contains a highly activated carbon atom, whose
C–H bonds are very weak due to delocalization of the unpaired electron on the adjacent
oxygen. In contrast, above pH 8, the enolate form of the heptadienone chain predominates,
and curcumin behaves mainly as an electron donor, a more typical mechanism for phenolic
antioxidant scavenging activity [41,42].

The ability of curcumin in free radical reactions may be due to the presence of two
phenolic groups, the enol form of the diketone moiety, and the extended conjugated
structure. Barik et al. showed that the antioxidant activity of curcumin in the β-keto-enol
form is higher than those in the β-diketone form [43]. There are three factors that influence
its antioxidant activity: (i) the redox state of the biological environment, (ii) the presence of
metal ions, and (iii) of substituents on the side chain [44]. The strong chelating ability of
diketones has been widely investigated toward some metal ions, depending on the molar
ratio between metal ions and curcumin, the solvent, the metal salt, and the pH media. Over
the past few decades, several studies have been published dealing with metal curcumin
complexes and their applications [40,45].
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2. Measurement of the Stability of Metal–Ligand Complexes in Aqueous Solution

The stability of metal–ligand complexes can be primarily described with three different
amounts: cumulative, stepwise, and conditional stability constants. Cumulative, also called
overall stability constants, are commonly indicated as β, which characterizes each complex
formed in solution. If M is the metal ion, H the proton, and L the ligand, and MmHhLl is
the complex formed according to the general equilibrium in Equation (1),

m M + h H + l L

Molecules 2021, 26, 2603 6 of 27 
 

 

behaves mainly as an electron donor, a more typical mechanism for phenolic antioxidant 
scavenging activity [41,42]. 

The ability of curcumin in free radical reactions may be due to the presence of two 
phenolic groups, the enol form of the diketone moiety, and the extended conjugated struc-
ture. Barik et al. showed that the antioxidant activity of curcumin in the β-keto-enol form 
is higher than those in the β-diketone form [43]. There are three factors that influence its 
antioxidant activity: (i) the redox state of the biological environment, (ii) the presence of 
metal ions, and (iii) of substituents on the side chain [44]. The strong chelating ability of 
diketones has been widely investigated toward some metal ions, depending on the molar 
ratio between metal ions and curcumin, the solvent, the metal salt, and the pH media. 
Over the past few decades, several studies have been published dealing with metal cur-
cumin complexes and their applications [40,45]. 

2. Measurement of the Stability of Metal–Ligand Complexes in Aqueous Solution 
The stability of metal–ligand complexes can be primarily described with three differ-

ent amounts: cumulative, stepwise, and conditional stability constants. Cumulative, also 
called overall stability constants, are commonly indicated as β, which characterizes each 
complex formed in solution. If M is the metal ion, H the proton, and L the ligand, and 
MmHhLl is the complex formed according to the general equilibrium in Equation (1),  

m M + h H + l L  ⇆  

MmHhLl 

(1)

β is defined as:  

β = [MmHhLl]/[M]m[H]h[L]l (2)

where square brackets denote the concentrations at equilibrium. The use of concentration 
amounts as a replacement for the activities is usually allowed by maintaining a constant 
ionic strength during the experimental measurements. The overall constants are usually 
given as log β, and their knowledge is required for performing metal–ligand speciation 
calculations. In order to obtain accurate results, many experimental details have to be con-
sidered so the experimental determination of β values is complicated. β values are affected 
by the acid–base properties of the metal ion and ligand, by the total metal (CM) and ligand 
(CL) concentrations and by the pH. For this reason, the overall constants do not allow us 
to state the effective complex stability. Moreover, log β values cannot be used to compare 
the stability of complexes formed by different metal ions and ligands.  

Stepwise stability constants are generally indicated as K and are commonly em-
ployed when the complexes existing in solution contain one metal ion and one or more 
ligands (MLl, with l ≥ 1). Stepwise and overall constants are related to each other: for the 
complexes ML and ML2, log βML = log KML and log βML2 = log KML + log KML2, respectively. 

Conditional stability constants may be cumulative or stepwise and are commonly 
indicated with the apostrophe (i.e., β′ or K′). These constants can be used to compare the 
stability of complexes formed by different metal ions and ligands. However, the compar-
ison is possible only when the complexes have the same stoichiometry. 

The acidity constants of each ligand, the stability constants of the metal ion hydroly-
sis products, and the ionic product of water have to be considered to complete the speci-
ation picture and allow speciation calculations. 

For some metal–ligand complexes, more than one speciation profile has been re-
ported in the literature, and different log β values have also been proposed. However, 
speciation data obtained at ionic strength as close as possible to 0.15 M and at 37 °C, which 
would better resemble physiological conditions, are uncommon. The information arising 
from these studies can be useful to identify potential complexes that can be formed in 
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β is defined as:
β = [MmHhLl]/[M]m[H]h[L]l (2)

where square brackets denote the concentrations at equilibrium. The use of concentration
amounts as a replacement for the activities is usually allowed by maintaining a constant
ionic strength during the experimental measurements. The overall constants are usually
given as log β, and their knowledge is required for performing metal–ligand speciation
calculations. In order to obtain accurate results, many experimental details have to be
considered so the experimental determination of β values is complicated. β values are
affected by the acid–base properties of the metal ion and ligand, by the total metal (CM)
and ligand (CL) concentrations and by the pH. For this reason, the overall constants do not
allow us to state the effective complex stability. Moreover, log β values cannot be used to
compare the stability of complexes formed by different metal ions and ligands.

Stepwise stability constants are generally indicated as K and are commonly employed
when the complexes existing in solution contain one metal ion and one or more ligands
(MLl, with l≥ 1). Stepwise and overall constants are related to each other: for the complexes
ML and ML2, log βML = log KML and log βML2 = log KML + log KML2, respectively.

Conditional stability constants may be cumulative or stepwise and are commonly
indicated with the apostrophe (i.e., β′ or K′). These constants can be used to compare
the stability of complexes formed by different metal ions and ligands. However, the
comparison is possible only when the complexes have the same stoichiometry.

The acidity constants of each ligand, the stability constants of the metal ion hydrolysis
products, and the ionic product of water have to be considered to complete the speciation
picture and allow speciation calculations.

For some metal–ligand complexes, more than one speciation profile has been reported
in the literature, and different log β values have also been proposed. However, speciation
data obtained at ionic strength as close as possible to 0.15 M and at 37 ◦C, which would
better resemble physiological conditions, are uncommon. The information arising from
these studies can be useful to identify potential complexes that can be formed in vivo;
furthermore, the overall charge of the complexes is crucial in determining their partitioning
in a biological environment: generally, a charged complex is hydrophilic, preferring to be
solubilized in aqueous solutions (i.e., in the blood), and is unable to pass cellular barriers.
In contrast, a neutral species should behave in the opposite way. Therefore, the structure
of any complex, deductible from its stoichiometry, has a central role in determining its
properties and toxicity.

Taking into account the importance of the metal cations and the ligands as the object of
this review, results obtained from measurements carried out under physiological conditions
of ionic strength and temperature (i.e., close to 0.15 M and at 37 ◦C) as well as the most
studied temperature of 25 ◦C have been considered.

Table 1 reports the selected speciation information, determined by potentiometry
and UV–Vis spectroscopy regarding Al(III) and Fe(III) with some NAMs, according to the
general equilibrium reported in Equation (3):

pM3+ + q(OH)− + rL−

Molecules 2021, 26, 2603 7 of 27 
 

 

vivo; furthermore, the overall charge of the complexes is crucial in determining their par-
titioning in a biological environment: generally, a charged complex is hydrophilic, prefer-
ring to be solubilized in aqueous solutions (i.e., in the blood), and is unable to pass cellular 
barriers. In contrast, a neutral species should behave in the opposite way. Therefore, the 
structure of any complex, deductible from its stoichiometry, has a central role in deter-
mining its properties and toxicity. 

Taking into account the importance of the metal cations and the ligands as the object 
of this review, results obtained from measurements carried out under physiological con-
ditions of ionic strength and temperature (i.e., close to 0.15 M and at 37 °C) as well as the 
most studied temperature of 25 °C have been considered. 

Table 1 reports the selected speciation information, determined by potentiometry 
and UV–Vis spectroscopy regarding Al(III) and Fe(III) with some NAMs, according to the 
general equilibrium reported in Equation (3): 

pM3+ + q(OH)− + rL−  ⇄  

Mp(OH)q(L)r(3p−q−r)        βpqr 

(3)

Table 1. Formation of complexes of some natural antioxidants with Al(III) and Fe(III), according to 
Equation (3). Standard deviations are reported as 3σ. 

Al(III) 
Ligand (pqr) log β Temperature Reference 

CA 

(111) 13.40 ± 0.03 

37 °C [13] 
(121) 22.26 ± 0.06 
(131) 30.87 ± 0.09 
(142) 42.53 ± 0.09 

FA 
(121) 21.3 ± 0.3 

37 °C [13] (131) 30.31 ± 0.02 
(142) 42.24 ± 0.02 

p-CA (131) 30.21 ± 0.09 37 °C [13] 

HCCA (121) 25.9 ± 0.2 37 °C [14] 
(131) 36.5 ± 0.3 

Que 
(121) 29.25 ± 0.06 37 °C [34] 
(111) 16.1 ± 0.1 37 °C [26] 
(101) 23.0 ± 0.5 25 °C [27] 

Cur (111) 16.4 ± 0.1 37 °C [45] 
Fe(III) 

HCCA (122) 28.35 ± 0.06 37 °C [14] 

Que 

(121) 37.24 ± 0.06 
37 °C [26] (112) 43.9 ± 0.1 

(122) 53.1 ± 0.1 
(101) 5.5 

25 °C [46] 
(102) 9.56 

Lut (101) 8.4 25 °C [47] 
Cur (131) 41.4 ± 0.3 37 °C [45] 

This equation takes into account the possible formation of simple (q = 0), mixed (q ≠ 
0), mononuclear (p = 1), and polynuclear (p > 1) species. 

The speciation profiles represent the starting point necessary for understanding the 
structure of metal–ligand complexes, which can be obtained from an experimental as well 

Mp(OH)q(L)r(3p−q−r) βpqr (3)



Molecules 2021, 26, 2603 7 of 24

Table 1. Formation of complexes of some natural antioxidants with Al(III) and Fe(III), according to
Equation (3). Standard deviations are reported as 3σ.

Al(III)

Ligand (pqr) log β Temperature Reference

CA

(111) 13.40 ± 0.03

37 ◦C [13]
(121) 22.26 ± 0.06
(131) 30.87 ± 0.09
(142) 42.53 ± 0.09

FA
(121) 21.3 ± 0.3

37 ◦C [13](131) 30.31 ± 0.02
(142) 42.24 ± 0.02

p-CA (131) 30.21 ± 0.09 37 ◦C [13]

HCCA
(121) 25.9 ± 0.2

37 ◦C [14](131) 36.5 ± 0.3

Que
(121) 29.25 ± 0.06 37 ◦C [34]
(111) 16.1 ± 0.1 37 ◦C [26]
(101) 23.0 ± 0.5 25 ◦C [27]

Cur (111) 16.4 ± 0.1 37 ◦C [45]

Fe(III)

HCCA (122) 28.35 ± 0.06 37 ◦C [14]

Que

(121) 37.24 ± 0.06
37 ◦C [26](112) 43.9 ± 0.1

(122) 53.1 ± 0.1

(101) 5.5
25 ◦C [46](102) 9.56

Lut (101) 8.4 25 ◦C [47]

Cur (131) 41.4 ± 0.3 37 ◦C [45]

This equation takes into account the possible formation of simple (q = 0), mixed (q 6= 0),
mononuclear (p = 1), and polynuclear (p > 1) species.

The speciation profiles represent the starting point necessary for understanding the
structure of metal–ligand complexes, which can be obtained from an experimental as well
as theoretical approach using different characterization techniques and computational
methods that will be discussed in the following sections.

3. Binding Sites and Complexes Formation

The ability of chelating agents to block metal-related damage has been widely ex-
plored over the past ten years and even earlier by applying quantum mechanics-based
approaches [13,14,18,31,34,45–53]. In particular, DFT and its time dependent (TD) ex-
tension have been used to identify binding sites and complex stoichiometry, structurally
characterizing the ligand–metal complexes, and comparing the outcomes with the available
experimental data.

All the ligands considered in this review present more than one possible mono co-
ordinating or chelating site, as highlighted in Scheme 1 by red circles and dashed arcs.
Furthermore, to identify the most probable complexes in an aqueous environment, neutral
and anionic species were taken into consideration as plausible ligands depending on the
experiments or simulation conditions for complex formation [47,50,51]. From a modeling
point of view, despite the wide literature on the complex formation of different antioxi-
dants with several metal ions [18,52,53], only a few of these take into consideration the
aqueous physiological environment and thus consider the metal ion surrounded by solvent
molecules [13,14,31,34,45,47,51]. Some of these computational studies are supported by ex-
periments on the complexes’ stability [13,14,31,34,45], while others have taken into account
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only the general physiological conditions considering neutral or deprotonated antioxidant
species as a function of their pKas [47,50,51].

In the search for the most probable binding site, key outcomes can come from spectro-
scopic characterization that is often used to detect the most probable complexes. Figure 1
shows the comparison of the absorption shift in the UV–Vis region of the most sensible
band upon complex formation as revealed by experimental evidence and simulated by
TDDFT calculations, coming from those works that better fit the aim of the present review
(i.e., to describe the coordination properties of Al(III) and Fe(III) toward NAMs in aqueous
environment) [13,14,31,34,45].
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Figure 1. Bathochromic shift of the first absorption band upon complexation with Al(III) and Fe(III) metal ions of the
different NAMs. Data were taken from references collected in Table 2, with the exception of: Fe(III)-CA spectrum recorded
in aqueous solution at pH = 9 [54] and here calculated; Fe(III)-FA spectrum here calculated; Lut-Al(III) in MeOH-water (1/2
v/v) [55]; Lut-Fe(III) in EtOH [56].

Table 2. Free energy formation (∆Gf) of the complexes formed between the selected natural antioxidants and Al(III) or
Fe(III), calculated according to Equation (5).

Al(III)

Ligand (L) Complex ∆Gf Level of Theory Reference

CA [Al(H2O)3(OH)(LA)]+ −119.4 M052X/6-31+G(d) − SMD, water [13]

FA [Al(H2O)(OH)3(LA)]− −158.4 M052X/6-31+G(d) − SMD, water [13]

p-CA [Al(H2O)(OH)3(LA)]− −159.5 M052X/6-31+G(d) − SMD, water [13]

HCCA

[Al(H2O)2(OH)2(LB)] −145.3
M052X/6-31+G(d) − SMD, water [14][Al(H2O)2(OH)2(LA)] −139.5

[Al(H2O)(OH)3(LB)]− −157.7
[Al(OH)3(η1-LA)]− −159.0

Que

[Al(H2O)2(OH)2(LB)] −123.7 M052X/6-31+G(d) − SMD, ethanol [31][Al(H2O)2(OH)2(LC)] −119.0

[Al(H2O)3(OH)(LB)]+ −71.2
M052X/6-31+G(d) − SMD, water [34][Al(H2O)3(OH)(LC)]+ −68.6

[Al(H2O)4(LA)]+ −55.9

Lut
[Al(H2O)4(LA)]2+ −1.5

B3LYP/6-31G ** − CPCM, water [51] a[Al(H2O)4(LB)]2+ 2.5
[Al(H2O)2(LB)2]+ −6.8
[Al(H2O)2(LA)2]+ −1.1

Cur [Al(H2O)3(OH)(LA)]+ −135.1 M052X/6-31+G(d) − SMD, water [45][Al(H2O)3(OH)(LB)]+ −124.9

Fe(III)

CA [Fe(H2O)4(LA)]2+ 5.8 M052X/6-31+G(d) − SMD, water This work[Fe(H2O)4(LA)2]+ 16.0

FA [Fe(H2O)4(LA)]2+ –49.7 M05/6-311++G(d,p) − SMD, water [50][Fe(H2O)4(LA)2]+ –85.4

HCCA [Fe(OH)2(η1-L)2]− −27.1 M052X/6-31+G(d) − SMD, water [14]
[Fe(OH)2(η2-L)2]− −19.2

Que
[Fe(H2O)2(OH)2(LA)]− −99.4

M052X/6-31+G(d) − SMD, water [34][Fe(H2O)(OH)(LA)2]− −113.7
[Fe(OH)2(LA)2]− −125.8

Cur [Fe(H2O)(OH)3(LA)]− −57.1 M052X/6-31+G(d) − SMD, water [45]
[Fe(H2O)(OH)3(LB)]− −55.5

a Optimization in vacuum, single point in solvent; ∆Gf for the reaction nAl(H2O)6
3+ + mL AlnXyLk

m + (l − (3n − k))H2O + (3n − k)H3O+,
where l is the number of water molecules detached from Al(H2O)6

3+ upon ligand complexation by using the experimental value of
-∆Gvap(H2O) as ∆Gsolv(H2O) in the calculation of the Gibbs free energy for the formation of one mole of the considered complexes.
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With the final aim of comparing the ability of the different ligands to bind Al(III)
and Fe(III) metal ions in aqueous solution, metal binding affinity was here estimated
(when possible on the basis of data available in the literature) by calculating the reaction
free energies of the complexation reaction for the substitution of water molecules in the
hexaaquo complex and considering the overall process in solution (Equation (4)):

{nL}c + [M(H2O)6]z →[MLn]z+c + (6-n-t)H2O (4)

where c is the total formal charge of the n ligands; L = ligand (neutral or deprotonated) OH−;
z is the charge of the hexaaquo complex; and t = 0, 1 takes into account the possibility that
the ligands are mono or bidentate. Therefore, the formation energies of these complexes
were calculated as:

∆G f = ∆G([MLn]
z+c) + (6− nt)∆G(H2O)− (∑n

i (L))
c − ∆G([M(H2O)6]

z) (5)

Most of the literature works considered here refer to measurements in aqueous so-
lutions with pH values within the range 3.5–5, thus the accessible species and the corre-
sponding most probable structures are of different types, depending on both the metal and
ligand (Table 1) [13,14,31,34,45].

Data collected in Table 2 from the most recent studies on the selected NAMs, support
the ability of Al(III) and Fe(III) metal ions to bind oxygen sites, essentially arranging in
octahedral complexes (see Scheme 2). However, when metal ions and ligands exist in 1:2
stoichiometric ratios, [M(OH)2(L)2]−, or the ligand is monocoordinated, [M(OH)3L]−, the
tetrahedral structure is plausible [14].
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4. Complex Characterization by Spectroscopic and Spectrometric Techniques

The structural characterization of Al(III) and Fe(III) complexes with the NAMs re-
ported in Scheme 1, is of primary importance for understanding their potential applicability.
The NAM derivatives generally form complexes with a 1:1 and 1:2 metal to ligand ratio.
However, the different number of binding sites offered by each of them (Scheme 1), which
is very intriguing, makes a straightforward identification of the structure of the com-
plexes more difficult. To this aim, several spectroscopic and spectrometric techniques have
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been used for metal-NAM complex characterization, which allows for attribution and
discrimination among the different chelation sites.

Among the spectroscopic techniques, the most useful and widespread are ultraviolet-
visible (UV–Vis), Fourier transform infrared (FTIR), nuclear magnetic resonance (NMR),
and fluorescence spectroscopy. Mass spectrometry (MS) is also used in several instances
because it provides crucial insights into the stoichiometry of the complexes. The UV–Vis
characterization gives information on the d–d* transitions of the metal and on the possible
geometry of the coordination complex. FTIR provides information on the functional groups
of the ligand that may be involved in the complexation. The complexation is usually
accompanied by a loss of some OH protons or it may cause significant proton and carbon
resonance variation of the ligand close to the metal binding sites. In this context, 1H and 13C-
NMR are powerful tools for elucidating the interaction between metal cations and ligands.
The fluorescence emission spectra provide useful insights to identify the coordination
site from the enhancement or quenching of the fluorescence as well as from the shift
of the excitation and emission wavelength. Table 3 reports the results concerning the
metal-to-ligand stoichiometric ratio, the solvent used for the synthesis and characterization
of the complex, and the main spectroscopic and spectrometric methods used for their
characterization.

Table 3. Methods used to characterize the complexes between the selected natural antioxidants and
Al(III) or Fe(III) in the reported metal to ligand (M:L) stoichiometric ratios.

Al(III)

Ligand M:L Solvent Characterization Methods Reference

CA 1:1
1:2 water UV–Vis, 1H-NMR [13]

FA 1:1
1:2 water UV–Vis, 1H-NMR [13]

p-CA 1:1 water UV–Vis, 1H-NMR [13]

HCCA 1:1 water UV–Vis,
1H, 13C-NMR [14]

Que
1:2 methanol FTIR, 1H, 13C MAS NMR [57]

1:1 water UV–Vis, 1H, 13C-NMR [34]

Lut
1:1
2:1 methanol:water (9:1) UV–Vis, FT-IR, RAMAN [58]

1:2 ethanol UV–Vis, FTIR, fluorescence, ESI-MS [59]

Cur

1:1
2:1
3:1

methanol 1H, 13C, 27Al-NMR, MALDI-TOF [60]

1:1
1:2 water UV-Vis, ESI MS/MS, LD-MS, MS/MS [45]

Fe(III)

HCCA 1:2 water UV–Vis, 1H, 13C-NMR [14]

Que
1:2 methanol UV–Vis, FTIR, ESI MS, 1H-NMR [29]

1:2 water UV–Vis, 1H, 13C-NMR [34]

Lut
1:1 ethanol UV–Vis, FT-IR, ESI MS [56]

1:2
1:2 a water ESI MS, ESI-TOF MS [37]

Cur

1:2 water UV–Vis, ESI MS/MS, LD-MS, MS/MS [45]

1:2 methanol FTIR [61]

1:2 water:methanol (1:1) UV–Vis, FTIR, RAMAN, ESR,
1H-NMR, X-ray [62]

1:2 methanol UV–Vis, FTIR [63]

a. Fe(II)-Lut [37].

In the following section, the importance of the aforementioned characterization tech-
niques in discriminating the coordination site/sites will be highlighted, discussing the
interaction of Al(III) and Fe(III) cations with hydroxycinnamic acids, coumarinic acid,
quercetin, luteolin, and curcumin.
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5. Discussion

The combination of different approaches permitted to unravel the different affinity
of the two metal cations for a specific binding site of the selected NAMs. Indeed, while
speciation studies allowed to predict which metal and ligand species exist in solution
at a given pH, metal, and ligand total concentrations, spectroscopic, spectrometric, and
computational studies provide pivotal information for identifying the preferred binding site
of a metal for a specific ligand and thus the most probable complexes. All the experimental
methods addressed here to describe the interactions of Al(III) and Fe(III) with the selected
NAMs and information stemming from them are summarized in Table 4.

5.1. Hydroxycinnamic Acid Derivatives

Al(III) ions can form 1:1 and 1:2 stoichiometric ratio species with CA and FA, and
only a 1:1 stoichiometric ratio species with p-CA (Table 3). As can be seen in Table 1,
the sequestering ability of CA toward the aluminum cation is higher than that of FA
and p-CA as it forms complexes with four different stoichiometry. This result can be
explained considering the higher solubility of CA than the other two hydroxycinnamic
acids, which allows for working with a higher ligand to metal ratio, thus facilitating the
water substitution in the aluminum coordination sphere [13].

Metal coordination by the selected hydroxycinnamic acids can occur on the carboxylic
site (site A) or on the catechol-like site (site B) in the case of CA and FA (see Scheme 1),
as reported by different authors in the search for the most probable one in metal coor-
dination [13,49,52,53]. One of the first studies in an aqueous solution (pH = 5) reported
site B of CA as the preferred one for Al(III) coordination, on the basis of a comparison
between recorded and simulated UV–Vis absorption spectra of selected metal–ligand com-
plexes, identifying the three complexes of the type [M(H2O)4(L)], [M(H2O)3(OH)(L)]− and
[M(H2O)4(L)]+ (see Scheme 2) as the most plausible under such physicochemical condi-
tions [46]. However, more recently, Beneduci et al. observed the formation of Al(III)–CA
complexes by combining potentiometric measurements, UV–Vis and 1H-NMR spectra with
computational studies. The monoanionic species were considered as the only possible CA,
FA, and p-CA active species at pH within the range 3.5–5, thus taking into account the
coordination of Al(III) only on site B of CA completely protonated, which resulted in being
much more instable than the coordination on the carboxylate site, site A [13]. A similar
behavior was found for FA and p-CA, for which the most probable complex resulted for a
stoichiometric ratio (131), [Al(OH)3(H2O)(LA)]−. The formation of these complexes was
clearly indicated by the huge bathochromic shift observed (up to 60 nm) in all the UV–Vis
spectra with respect to those of the free ligands. According to the thermodynamic results,
ligand complexation is strongly influenced by pH. In particular, it occurs just at pH 3.5
for caffeic acid, while a pH higher than 4 is needed for the other two ligands. UV–Vis
spectroscopy alone cannot provide straightforward evidence on the complexation site
involved. In this case, very clear insights on the structures of the complexes were obtained
by 1H-NMR. These α, β unsaturated acids are very interesting because the doublet at
about 7.6 ppm related to the proton in β can be used as an automatic alert system for the
detection of changes in the electronic configuration on the carboxylic site. Thus, when
the Al(III) cation interacts with this functional group, a pH-dependent shielding effect is
induced, which determines a significant shift (up to 0.06 ppm) of the doublet to the lower
field (Figure 2). The reason for this sensitivity is due to the positive charge delocalization
on the β-carbon atom, following deprotonation caused by a pH increase or by the Al(III)
complexation on the carboxylic group.
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Table 4. Details of the identification and characterization methods.

Experimental
Methods Methodology Principle Analysis Results Reliability and Quality of the Results on the

Complex Formation

Potentiometry 4 Measurements in aqueous solution
The complexation equilibria are studied by measuring,
with a glass electrode, the competition of the ligand for

H+ and metal cations.

The experimental data, obtained at different metal
and ligand total concentrations, and processed by

numerical procedures, were rationalized
according to a general equilibrium, to obtain the

complexes existing in solution at a given pH.

Speciation studies allow to predict the most
probable stoichiometric coefficients of the
complexes and the corresponding stability

constants.

UV-Vis
4 Spectroscopic technique
4 No sample preparation
4 Measure in solution

Absorption of ultraviolet and visible photons by a
molecule causes a change from its fundamental

electronic state to an excited electronic state.

In a typical UV–visible spectrum the wavelength is
reported in the abscissa (190 < λ < 780 nm)

and the absorbance (or the transmittance) in the
ordinate. The recorded spectrum will be

characterized by a series of bands of variable
intensity.

Complexation leads to specific band shifts in the
spectrum of the ligand that, in several cases, can

be directly related to the involvement of a specific
complexation site of the ligand. In addition,

metal-to-ligand charge transfer transitions and d-d
transition bands may occur

1H, 13C, 27Al-NMR
4 Spectroscopic technique
4 Measure in solids and in solution

Absorption of a radio frequency radiation is measured
after immersing a molecule in a strong static magnetic

field, which causes nuclear spin transitions.

An NMR spectrum shows the frequency absorbed
and then emitted by the atoms of the nucleus

under examination, which depends on the
chemical environment around it (chemical shift).

Upon complexation huge shielding or deshielding
effects may be induced on the magnetic nuclei of
the ligand, generally placed close to the binding

site. However, significant chemical shift
displacement can occur far from the binding site
when resonance structures are involved in the

ligand. Quantitative information on the structural
properties of the complexes may also be obtained
from the spectra of magnetic metals such as 27Al.

FTIR
4 Spectroscopic technique
4 Measure in solution and in solid

Absorption of an infrared photon by a molecule, causes
its transition from its fundamental vibrational state to

an excited vibrational state.

In a typical IR spectrum, the percentage of
transmittance is plotted against the wave number

(4000 cm−1 < λ < 400 cm−1). Each peak in the
spectrum can be assigned to a specific functional

group.

Formation of a complex usually leads to the
appearance of specific peaks related to the

metal-heteroatom bond (e.g., Al-O). Moreover,
metal binding affects the bond vibrational energies
of the functional groups of the ligand involved in
the complexation, leading to related peak shifts.

Mass spectrometry
4 Spectrometric techniques
4 Measure in solution and in solid
4 Destructive technique

This technique allows separating a mixture of ions
according to their mass/charge ratio. Molecules are

ionized and fragmented into lighter ions according to
typical patterns depending on their chemical structure.

The diagram showing the abundance of each ion
as a function of the mass/charge ratio (m/z) is the

so-called mass spectrum, typical of each
compound as it is directly related to its chemical
structure and to the ionization conditions it has

been subjected.

Upon complexation, specific m/z fragments
containing the metal can be detected, indicative of

the specific binding site involved. The
stoichiometry of the complex (M:L ratio) can be

easily determined.



Molecules 2021, 26, 2603 13 of 24

Table 4. Cont.

Experimental
Methods Methodology Principle Analysis Results Reliability and Quality of the Results on the

Complex Formation

Fluorescence
4 Spectroscopic technique
4 Measure in solution
4 Non-destructive technique

An incident photon excites the fluorophore from the
ground state to a higher energy state (electronically

and vibrationally) with the same spin. In a few
nanoseconds, the excited electron returns to the ground

electronic state passing through one or more excited
states at intermediate energy. All decays except one are

usually non-radiative, while the last one emits light
with a longer wavelength than the incident radiation,

that is the fluorescence.

In a typical fluorescence spectrum, the
fluorescence intensity is plotted vs. the

wavelength of emission.

Complex formation between a metal and a
fluorophore may lead to a significant fluorescence

enhancement due to restricted intramolecular
rotations of the ligand, as well as a huge shift of

the emission maximum.

RAMAN

4 Spectroscopic technique
4 Measure in solution, solid and gas

phase
4 Non-destructive technique

This technique is based on the diffusion (scattering) of
a monochromatic electromagnetic radiation by the

analyzed sample. The diffused radiation contains the
components with different energy (Rayleigh, Stokes

and anti-Stokes) associated to molecular vibrations of
different functional groups.

In a Raman spectrum the intensity of the signals
proportional to the number of Stokes photons, are

plotted against the Raman shift (in cm−1),
corresponding to the energy difference associated

to transitions between fundamental vibrational
levels.

Upon complexation specific band shifts (i.e.,
inplane skeletal vibrations as well as stretching

vibrations) occurs in the RAMAN spectra
indicating which part of the ligand takes part in

the metal binding.

ESR
4 Spectroscopic technique
4 Measure in solution

It detects the induced transition by a microwave
radiation between the energy levels of electron spins
under a static magnetic field. It allows the study of
organic and inorganic free radicals, odd electrons
molecules, molecules in the triplet state, transition

metal complexes, etc.

The EPR spectrum is the first derivative of the
absorption spectrum obtained in the microwave

range

ESR measurements of the magnetic moment, is
indicative of low or high spin configuration

around the metal, thus providing information on
the coordination geometry

X-ray Diffraction
4 Spectroscopic technique
4 Measure on powder
4 Non-destructive technique

It allows the structural characterization of crystalline
materials. It is based on the constructive interference of

an x-ray monochromatic beam which is scattered at
specific angles from each set of lattice planes in a

sample.

The x-ray pattern is the fingerprint of the periodic
atomic arrangement in the material

X-ray diffraction provides insight on the
coordination geometry around the metal ion as

well as on the degree of crystallinity of the
complexes.
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Figure 2. 1H-NMR doublet of the b proton of caffeic acid at pH = 3.5 and the deshielding effect
caused by the formation of the complex with Al(III). Reproduced from [14] with permission from the
Centre National de la Recherche Scientifique (CNRS) and the Royal Society of Chemistry.

Regarding the Fe(III) complexation, no experimental structural characterization is
available for CA and p-CA while the carboxylate anion was found as the most abundant
species for FA in the complexes formed under a physiological environment in a com-
putational work by Truong et al. They explored several complexes and concluded that
the most stable ones involved the coordination of Fe(III) on site A of FA and are of the
type [M(H2O)4(L)]2+ and [M(H2O)2(L)2]+ for 1:1 and 1:2 metal to ligand stoichiometric
ratios, respectively [50]. On these complexes, we performed TDDFT calculations to get an
indication of the changes in the absorption spectrum of the ligand after the complexation.
Bathochromic shifts of 64 and 47 nm were found for the 1:1 and 1:2 complexes, respectively,
the former are included in Figure 1. Though additional studies should be undertaken to
unequivocally identify the preferred metal-to-ligand stoichiometric ratios, the most plausi-
ble complex is likely to involve the coordination of FA to Fe(III) through the carboxylate
site (site A).

Interestingly, the same authors found a very similar behavior for Fe(II) metal ions,
though the energies involved were of different magnitude. Data available in the literature
for the Fe(II)–CA complex [47] were thus used here as a guide to calculate the ∆Gf and to
simulate the absorption spectrum of a plausible Fe(III)–CA complex with the metal binding
through site A. Thus, both 1:1 and 1:2 complexes with CA in its monoanionic form were
considered. The simulated electronic spectra showed a red shift of 35 and 27 nm for the two
complexes, respectively, and the former perfectly fits the experimental observation [54], as
evident from Figure 1. Similar to the outcomes of Truong et al. [50] about FA, the obtained
∆Gf suggests a higher affinity of CA for ferrous ions rather than for the ferric one [47].

5.2. Coumarin Derivatives

For the aluminum–coumarin-3-carboxylic acid system, the complexes are in stoichio-
metric ratio 1:1 and also include hydroxyl group in the coordination sphere of the metal
cation (i.e., [Al(OH)2(L)] and [Al(OH)3(L)]−). The stability of these species is relatively
high, particularly when compared to the constant’s value for the Fe(III)–HCCA complex
(see Tables 1 and 2). The sequestering ability of HCCA toward the Al(III) cation was
higher than that toward Fe(III) [14]. HCCA can form only one type of Fe(III) complex
in aqueous solution (122), which contains two hydroxyl ligands together with the two
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anionic antioxidant molecules. In this case, two coordination modes were found as the
ligand binds the metal center in η1 or η2 fashion. The former result was the most stable
[Fe(OH)2(η1-L)2]−, in accordance with the experimental evidence (see log β in Table 1),
and thus the complex arranges in a tetrahedral structure (Figure 3).
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Despite a similar hard Lewis acid nature of the ions, the coordination of HCCA to
the Al(III) metal ion leads to more stable complexes as evidenced by the calculated metal
binding affinity (Table 2), in which the ligand chelates the metal surrounded by two or three
OH− ligands, [Al(H2O)2(OH)2(L)], and [Al(H2O)(OH)3(L)]−, respectively. Such structures
have the metal coordination on site B, involving both the carboxylate and lactone moieties
and forming a six-membered cycle. Even in the case of Al(III) complexes, the formation
of a tetrahedral structure is possible, [Al(OH)3(L)]−; the ligand coordinates the metal,
surrounded by three OH−, in η1 fashion. Based on the determined binding constants
and the computed binding energies, the (131) stoichiometry is the most probable one at
the working pH of 3.5. Furthermore, the coexistence of both tetrahedral and octahedral
complexes with such a stoichiometric ratio, [Al(H2O)(OH)3(LB)]− and [Al(OH)3(η1-L)]−,
is supported by NMR measurements and by the very similar values of the calculated
formation energies (Table 2). Indeed, both 1H- and 13C-NMR highlight that the overall
effect caused by the complexation is a down-field shift of all signals with respect to the
free ligand. It is important to note that the proton adjacent to the carboxylic acid (H in
C4), is the least shifted in the 1H-NMR spectrum of the complex, whereas the hypothetic
complexation on that moiety would have led to the opposite result. In addition, the
13C-NMR highlighted that the carbon atom in C2 was the most shifted, pointing out a
strong interaction of the Al(III) cation with the oxygen atom of the aromatic ring. These
evidences indicate that the coordination occurs through site B, which involves a relatively
low electronic rearrangement of the ligand upon complex formation. Actually, the optical
absorption spectrum of the free ligand was not significantly affected by the metal binding,
with only a slight red shift for the Al(III)–HCCA system (see Figure 1). The excellent
agreement between experiments and simulations supported the implication of site B in
HCCA coordination. Overall, the HCCA prefers to bind both the metals through site B in
η1 and η2 for Fe(III) and Al(III) ions, respectively, with a major affinity for Al(III) ion [14].

5.3. Flavonoids

Data on the complexation behavior of Que and Lut by Al(III) and Fe(III) ions come
from several studies [26,33,64,65], some of which combine experimental and computational
approaches [31,34]; others have reported the calculated structures of the complexes opti-
mized under physiological conditions [51] while others have focused on their spectroscopic
characterization [26,55,56].

Among the ligands described in this review, Que has the highest number of complex-
ation sites, the 3′,4′-dihydroxyl groups (site A), the 5-hydroxychromone (site B), and the
3-hydroxychromone (site C), leading to an intricate and intriguing complexation behavior.

The structural characterization of the Al(III)–Que complexes in aqueous and in mixed
hydro-alcoholic solutions is not very easy due to the poor solubility of quercetin and the
formation of low-soluble complexes [57,66]. Useful insights on its complexation behavior
come from several studies in methanol and ethanol. Ahmedova et al. reported on the
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synthesis of the Al(III)–Que complex in methanol and its characterization by elemental
analyses, IR, and 1H-13C MAS NMR [57]. This study suggested the formation of a complex
with a metal-to-ligand ratio of 1:2. The involvement of the carbonyl group in the complexa-
tion was demonstrated by a significant shift at lower energy (>50 cm−1) of its stretching
vibration in the IR spectrum of the complex as well as by the disappearance of the broad
resonance signal assigned to the intramolecular C5-OH/O = C4 hydrogen bond in the 1H
MAS NMR. Further 13C MAS NMR data showed that the complex formation occurs by
chelation involving the oxygen atom in position 5, which is downfield shifted according to
the analysis of the electron distribution.

The complexation behavior of quercetin for iron(III) as well as the antioxidant and
anti-diabetic activity of the Fe(III)–Que complexes were also studied in methanol [24,29].
Interestingly, Raza et al. reported on a 1:2 stoichiometric metal-to-ligand ratio, where iron
chelates quercetin through site C [29]. This was confirmed by (i) a strong red shift (>65 nm)
of the longer wavelength band in the electronic absorption spectrum, associated with the
cinnamoyl system, (ii) the presence in the IR spectra of the Fe–O stretching vibration and
a significant shift of the C = O stretching vibration, (iii) the ESI-MS experiments, which
showed a peak at m/z 658.54 assigned to the [Fe(L)2]+ species, and (iv) the disappearance
of the hydroxyl proton (3-OH) signal in the 1H-NMR of the complex.

Quercetin can preferentially bind Al(III) by its chelating sites B and C, as has been
previously highlighted by Furia et al., who characterized a neutral 1:1 Al(III):Que complex
formed in ethanol/water mixture [31]. The computational study showed that this complex,
with the formula [Al(H2O)2(OH)2(Que)], had the lowest energy when 5-hydroxychromone
was involved in the complexation, though the complex involving the coordination of the
3-hydroxychromone site was only slightly less stable. UV–Vis spectroscopy investigation
showed a huge bathochromic shift of the quercetin absorption spectrum, especially of band
I (429 nm vs. 368 nm), which was attributed to the conjugation of B and C rings. Strong
experimental support on the involvement of the B ring in the coordination can be obtained
from the comparison between the FTIR spectra of the complex and of the free ligand. The
analysis of the characteristic bands of quercetin highlights a significant reduction of the
stretching vibration of the carbonyl group (ν(C = O) 1639 cm−1 vs. 1666 cm−1) and of the
C–C stretching vibration of the B ring (ν(C–C) 1598 cm−1 vs. 1611 cm−1) in the spectrum
of the complex, which also showed the characteristic Al–O stretching vibration band of the
complex at 636 cm−1. However, the experimental data did not allow for a clear discern
between the chelating sites B and C, indicating that both complexes could be populated, as
suggested by the computational results showing the kinetically possible interconversion
between the two isomers in solution [31].

More recently, a comprehensive experimental and computational study on the Al(III)–
Que and Fe(III)–Que complexes was conducted, for the first time, entirely in aqueous
solution [34]. The speciation studies showed the formation of several complexes in the
2–5 pH range, with the precipitation of neutral solid species at higher pHs. The sequester-
ing ability of Que toward Fe(III) was higher than that toward Al(III). Speciation profiles
from potentiometric titrations showed that complexation occurs at a 1:1 ligand-to-Al(III)
ratio and at 1:1 and 2:1 ligand-to-Fe(III) ratios. The stability of all these complexes was
high, particularly when the hydroxyl group was involved in the coordination [34]. Com-
putational data showed that this stability comes from the bidentate nature of the ligand.
For Al(III), the most stable complex was formed when the site B was involved, irrespective
of the charge of the systems. However, the speciation study showed the formation of a
complex with the ligand doubly deprotonated, of the type [Al(Que)]+, which must neces-
sarily involve site A in the coordination with both the hydroxyl groups deprotonated. This
complex is only slightly higher in energy than the [Al(OH)(Que)]+, where the Al ion bound
to site B, suggesting that the complex involving the catechol moiety would be kinetically
favored.

For Fe(III), instead, among the mononuclear bidentate complexes that could be
formed, the most stable was the one involving the catechol site A, with stoichiometry



Molecules 2021, 26, 2603 17 of 24

[Fe(OH)2(Que)]−. The neutral species formed during the titrations were characterized
by 1H and 13C-NMR spectroscopy after their dissolution in DMSO. Unexpectedly, the
proton spectra of the above samples showed all the OH proton signals, but with large shift
(∆δ, ppm) and intensity changes compared to the free quercetin. This suggests that the
dissolved solids were a mixture of different complexes that come into a rapid equilibrium
in solution in the NMR time scale. It was shown that the magnitude of the chemical shift
change and its sign (downfield or up-field shift) reflects a complicated electrostatic charge
distribution over the entire quercetin molecule (maps of molecular electrostatic potential,
MEP), which cannot be accounted for by the presence of only one complex in solution
(Figure 4). Therefore, the qualitative comparison between the NMR maps of the relative
chemical shift changes and the MEPs supports the hypothesis that the spectrum of the
M(III)–Que mixture is a weighted average of those of the individual complexes and free
quercetin. The simulated NMR spectra of the neutral complexes are consistent with the
presence of a mixture of more than one complex, thus highlighting the tendency of Que to
bind these metals at different coordination sites.
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To our knowledge, no experimental data on the Al(III)–Lut complexes formed in aque-
ous solution have ever been reported. Nonetheless, a comprehensive TDDFT investigation
by Amat et al. was performed on the spectroscopic properties of Al(III)–Lut complexes,
where the Gibbs free energy of complex formation in water were computed considering
the hexaaquo complex Al(H2O)6

3+ as the starting reagent in the complexation reaction [51].
According to the absorption spectra obtained in methanol [55], the authors suggested the
formation of three different complexes with increasing [Al3+]/[Lut] ratio: the 1:2 metal
to ligand complex [Al(H2O)2(LB)2]+ and the subsequent formation of the [Al(H2O)4LB]2+

complex with a 1:1 Al:Lut stoichiometry, both with Lut chelating through site B, and the
formation of two binuclear complexes with a 2:1 Al:Lut stoichiometric ratio in equilibrium
between them, both involving the bidentate sites (4–5 and 3′–4′).
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Looking at the ∆Gf values reported in Table 2, we note a scarce ability of Lut to
bind Al(III), especially when compared with the Que complexes obtained in the same
stoichiometric ratio (101), though they are calculated in a different way (see footnote of
Table 2) [34,51]. In contrast, by comparing the species with the same stoichiometry (i.e.,
101) between Fe(III)–Que [53] and Fe(III)–Lut [56] (see Table 1), it was possible to observe
that Lut formed a slightly more stable complex than Que. This behavior could be related
to the structure of the species, with a formation of five-membered and six-membered
cycles, respectively. Spectroscopic and spectrometric investigations through UV–Vis, IR,
ESI-MS, ESI-TOF MS, and spectrofluorometric determination were employed to study the
interaction of Lut and Fe(II), Fe(III), and Al(III) [58,59]. As already noted, Lut can chelate
metals by two sites: the 3′,4′-dihydroxyl group in the B ring (site A) and the 5′-hydroxy
and 4-carbonyl group in the C ring (site B). Yang at al. were able to discriminate between
these sites, defining the stoichiometry of the Fe(III)–Lut complexes and the chelating sites
involved, by UV–Vis, IR, and ESI-MS characterization. Lut has two absorption bands in the
UV–Vis region, the first one, a π−π∗ transition, assigned to the B ring system (cinnamoyl
system) and the other, at low wavelength, representing the A ring system (benzoyl system).
The UV–Vis spectra of luteolin and different Fe(III)–Lut complexes at different molar ratio
(L:M = 1:1, 1:2, 1:3) acquired in ethanol solution [56] showed that the overall effect of
iron addition is a bathochromic shift of these bands, with that related to the cinnamoyl
system highly marked (~40 nm), and the appearance of a new band clearly indicating the
complex formation. The molar ratio plot (absorbance vs. Fe(III)–Lut mole ratio) indicates
the formation of a 1:1 Fe(III)–Lut complex. Significant information was obtained in this
study by comparing the IR spectra of the free ligand and that of the Fe(III)–Lut complex,
where many characteristic signals of the Lut cinnamoyl moiety were shifted. Among these,
the most important are those assigned to the C=C stretching vibration of the benzene
ring, due to an enhancement of the conjugation after coordination (38 cm−1), and of
the C–O vibration relative to the phenolic hydroxyl groups (~13 cm−1), indicating their
involvement in the coordination. Moreover, of noteworthy importance was the peak at
639 cm−1 assigned to the stretching of the O–Fe(III) bond. The ESI-MS experiments gave
direct information on the 1:1 Fe(III):Lut stoichiometry of the complex since, irrespective of
the molar ratio investigated (L:M = 1:1, 1:2, 1:3), the same three major peaks were always
found at m/z 402.7, 431.6, and 448.8 corresponding, respectively, to the following ions:
[(Lu-2H)2− + Fe3+ + NO3− + H+], [(Lu-2H)2− + Fe3+ + 2 CH3CH2OH], and [(Lu-2H)2− +
Fe3+ + NO3− + CH3CH2OH + H+]. Thus, the above data overall indicate the formation of
the 1:1 M:L complex with coordination on site A.

Very recently, a thorough study on the interaction and coordination modes between
Lut and iron by using electrospray ionization time-of-flight mass spectrometry (ESI-TOF
MS) was reported [37]. The reaction between Lut and iron was performed in hot water
to simulate the intake of this flavonoids in the human body, which is generally found in
edible plants and is taken after boiling. The supernatant obtained after the reaction was
measured by direct injection in the ESI-TOF MS. The results highlight the presence of a
complex (m/z 626), which was assumed to be the Fe(III)–Lut 1:2 complex [37]. Moreover,
analogously to other flavonoids, luteolin can reduce Fe(III) to Fe(II) under acidic conditions,
leading to the formation of Fe(II)–Lut complexes [67,68]. Specifically, the presence of a
1:2 Fe(II):Lut complex was confirmed by the ESI experiment. As further evidence, the
presence of Fe(II) in the Fe(III)–Lut complex solution was detected by using the indicator
1,10-phenanthroline, which forms an intense red colored complex with the Fe(II) ion.

Different photoluminescent flavonoids such as morin, luteolin, and quercetin can be used
as fluorogenic ligands for metal cation detection through a chelation mechanism [69–72]. The
fluorometric method can be used for the study of the chelation mechanism, since it can
reduce the interference from the matrix compared with other spectroscopic methods. Sun
et al. reported on the use of Lut in the spectrofluorometric determination of aluminum,
based on the complex formation. Indeed, the free ligand in ethanol solution shows only a
weak fluorescence due to the quenching mechanism associated with the proton transfer
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from the hydroxyl to the carbonyl group of the C (pyrone) ring. The formation of the Al(III)–
Lut complex upon addition of Al(III) to the solution leads to a significant increase in the
fluorescence emission due to the lack of the above quenching mechanism and the increase
in the rigidity of the molecules that minimizes the non-radiative dissipation processes.
Moreover, the emission maximum shifted considerably (>100 nm) as Al3+ concentration
increased (from 10−4 to up 10−3 M). UV–Vis and IR spectroscopy also gave clear indication
of complexation by significant signal shifts in the complex with respect to the free ligand.
ESI-MS measurements provided evidence of a singly-charged complex at a m/z 579 ([Al(III)
+ (luteolin−2H) + (luteolin−H) + H]+) ratio corresponding to a 1:2 Al:Lut molar ratio. The
authors proposed a dimeric structure in which one luteolin is coordinated through site A
and the other through site B.

5.4. Curcumin

The speciation profiles obtained by potentiometric titrations in aqueous solution up to
pH 4.5 showed that curcumin forms complexes with a 1:1 molar ratio, with a positive charge
in the case of Al(III) and a negative one for Fe(III). At higher pH values, the formation of
neutral insoluble species with a 1:2 stoichiometry occurs. The binding modes of curcumin
with metal cations were evaluated combining UV–Vis and MS characterizations with
computational studies [45,60]. Beneduci et al. found a different propensity of the two
metal ions in the complexation with curcumin. Indeed, while Al(III) preferred the diketo
moiety (by about 10 kcal mol−1), Fe(III) formed two almost equally stable complexes for the
coordination to the keto-enolic and guaiacol sites. The UV–Vis spectrum of free curcumin
showed two absorption bands, one in the UV region ascribed to the phenolic moiety and
the other in the visible region (λmax = 434 nm), with a shoulder at lower wavelengths.
More specifically, this band reflects the equilibrium between the keto and enol forms
of the curcumin and is strongly dependent on the pH value and on the type of solvent
(polarity and protic/aprotic) [62,73,74]. The absorption spectra of the investigated Al–Cur
complexes showed significant spectral changes with the shoulder of the Vis-band that
seemed to disappear. In order to better clarify this point, the experimental Vis band of the
free ligand and of the complexes were fitted with multiple Gaussian functions (Figure 5a).
Indeed, this structured absorption in the free curcumin can be well deconvoluted by two
bands, centered at 358 nm (assigned to the keto form) and at 434 nm (assigned to the
enol form) (R2 > 0.999, χ2 < 1.3 × 10−4). The band deconvolution of the spectra of the
complexes highlights that the enol band remained almost peaked at 434 nm, while a red
shift of 30 nm was calculated for the diketo band (R2 > 0.998, χ2 < 3 × 10−4). This analysis
revealed that the most important spectral changes could be detected in the keto-enol
absorption band, thus indicating the involvement of the keto-enol site in the complexation.
To support these hypotheses, a full characterization of the complexes was carried out by
mass spectrometry (ESI MS/MS, LD-MS, and MS/MS). The mass spectrum, obtained by
direct infusion into an electrospray mass spectrometer, clearly indicates the formation
in solution of a 1:1 Al:Cur complex (signal at m/z 429), which also coordinates a water
molecule and a hydroxyl moiety, as indicated by the fragmentations. The high resolution
(HR) laser desorption (LD) MS and MS/MS experiments provide insight on the neutral
complex obtained during titrations. Direct and consecutive fragmentations of the complex
did not show specific peaks associated with the keto-enol moiety, suggesting that the
coordination of the aluminum occurs via the enol oxygen with the assistance of the oxygen
lone pairs of the ketonic group (Figure 5f).

The above reported spectroscopic and spectrometric characterization was also ex-
tended to investigate the ability of Fe(III) to coordinate curcumin and to study the relative
coordination site. The UV–Vis spectra of the Fe(III)–Cur complexes showed significant
changes in the keto-enol absorption band, which appeared much more structured than
in the spectrum of free curcumin, with the appearance of a new band at around 500 nm,
usually associated with a metal-to-ligand-charge transfer transition (MLCT) [62]. Gaus-
sian deconvolution analysis showed a red shift (15 nm) of the diketo band and a relative
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intensity increase of this band at the expense of the enolic one with respect to the free
curcumin. The increased intensity of the band assigned to the keto tautomer indicates
that iron, unlike aluminum, stabilizes the keto form of curcumin. The ESI MS/MS of
the neutral Fe(III)–curcumin complex (m/z 790) showed a very rich profile and many
fragments could be identified to give useful insights such as those at m/z 423, probably
due to the loss of a curcumin ligand, which also involves the reduction of Fe(III) to Fe(II);
at m/z 177, arising from the formation of the feruloyl moiety; and at m/z 572, which is
very interesting because it supports the hypothesis that the site of complexation is on the
guaiacol moiety. From the LD/MS and MS/MS study, the most abundant signal resulted
from the overlap of the complexes with a stoichiometry of 1:2 (M:L) containing the species
[Fe(II)(Cur)2]+ (m/z 790.17) and [Fe(III)(Cur)2]+ (m/z 791.18), indicating that two molecules
of curcumin chelate iron via the hydroxyl oxygen with the assistance of the oxygen lone
pairs of the methoxyl groups. In addition, the formation of a fragment at m/z 599.1, due
to the cleavage of the bond among the diketone functionalities, and loss of the neutral
1-aryl-3-hydroxy-1,3-butadiene moiety, confirms the results obtained by ESI MS/MS that
iron coordination occurs on the guaiacol moiety (Figure 5f).
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Other studies on the complexation between curcumin and iron (Fe(II) and Fe(III)) in
methanol or methanol/water mixtures have been reported in the last few decades, showing
the formation of complexes with a 1:2 M:L molar ratio where the ligand behaves as a
bidentate by chelating the metal ion with the keto-enol moiety [61–63,75,76]. Generally, this
coordination mode is accompanied by a hypsochromic shift in the UV–Vis spectrum of the
complex with respect to the free curcumin [63] as well as by a significant shift (~40 cm−1)
in the IR spectrum of the complex of the following vibrations: ν(CO)keto, δ(CO)enol, and
ν(C=C) aromatic [62].

6. Conclusions

In this review, experimental and computational results on the ability of some natural
antioxidant molecules, NAMs, to form Al(III)– and Fe(III)–complexes are collected. The
chelating ability of selected NAMs (i.e., hydroxycinnamic acids (p-coumaric, caffeic and
ferulic acids), coumarin-3-carboxylic acid, quercetin, luteolin and curcumin), well known
to be effective metal chelators, was investigated in aqueous solution, an environment that
better mimics the physiological one. Data collected here evidence that:

- hydroxycinnamic acids (pCA, CA, and FA) are able to form more stable complexes
with Al(III) than with Fe(III) coordinating the metal ion through the carboxylate site
in all cases.

- coumarin-3-carboxylic acid, similarly, prefers to bind Al(III) rather than Fe(III), form-
ing 1:1 and 1:2 M:L stoichiometric ratio complexes, respectively. Consequently, octa-
hedral complexes with Al(III), involving both carboxylate and lactone moieties, and
tetrahedral complex with Fe(III) in a η1 ligand’s coordination were analyzed.

- flavonoids (Que and Lut) formed 1:1 and 1:2 M:L complexes with both metal ions,
though they showed a more intricate behavior, as more than one coordination mode
was found plausible with both metal ions, making the identification of the preferred co-
ordination site and thus the most probable complex in a water environment, especially
in the case of Que, difficult.

- Curcumin discriminates well between the two metal ions since it prefers to coordinate
Al(III) through the diketo site while the Fe(III) results most probably bound to the
guaiacol site.

The excursus of data available for the selected NAMs toward bioavailable Al(III) and
Fe(III) metal ions confirms the ability of phenolic compounds to trap metals preventing
their accumulation and their harmful action to human health.
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Abstract: In the frame of a systematic study on the sequestering ability of natural antioxidants
towards metal cations, the complexation of coumarin-3-carboxilic acid (HCCA) with neodymium(III)
and dioxouranium(VI) (uranyl, UO2

2+), and overall stability constants of the resulting complexes,
were evaluated from the pH-potentiometric titration data at 37 ◦C and in an aqueous solution (i.e.,
0.16 mol/L NaClO4). The graphic representation of the complex’s concentration curves is given by
the distribution diagrams, which provide a depiction of all the species present in the solution in
the selected pH ranges. The protonation constant of HCCA was also determined to evaluate the
competition of the ligand for the metal cations and H+. The ligand-to-metal concentration ratio
was varied between 1 and 10, and the hydrogen ion concentration was decreased stepwise until the
incipient precipitation of a basic salt of the metal, which occurred at different values depending on
the specific metal cation and the ligand to metal ratio. Speciation profiles obtained by potentiometric
titrations and supported by UV-Vis data show that a complexation occurs at a ligand-to-Nd(III) and to
–UO2

2+ ratio of 1:1 and 2:1, with different degrees of deprotonation: Nd(OH)(CCA)+, UO2(OH)(CCA),
UO2(OH)2(CCA)−, and Nd(OH)(CCA)2, UO2(CCA)2 and (UO2)2(OH)2(CCA)2.

Keywords: coumarin-3-carboxilic acid; Nd(III) complexes; UO2
2+ complexes; sequestering ability;

stability constants

1. Introduction

The poisoning action of toxic metal ions represents one of the most important problems
for health. In this context, metal chelation therapy was proposed more than 50 years ago for
the treatment of pathologies produced in the body by an overload of a metal ion, and it is the
most efficient therapeutic approach [1,2]. The choice of the most adequate chelating agent
is related to the specificity and stability of the metal–chelator complexes. Metal chelation
therapy involves the use of a chelating agent, which consists of an organic molecule that
possesses a chelator located at one terminus of the agent and an active functionality located
at the other end of the molecule to connect with the vector molecule [3]. Among chelators,
the most used are macrocyclic ligands, which are to be preferred with respect to their acyclic
counterparts from a thermodynamic and kinetic point of view. Their drawback is related
to their slow binding kinetics, which necessitates high temperatures. Coumarin and its
derivatives can form complexes with different metal ions, and therefore, in principle, can be
used in specific chelation therapies. This class of ligands can form complexes with several
toxic metal ions, and has attracted the interest of researchers, also in consideration of their
antibiotic, anticoagulant, anticancer and anti-inflammatory properties [4]. Complexes of
this class of ligands with several transitions, lanthanide and actinide metal ions have been
studied previously to gain insight into their coordination chemistry and their biological
activity [5–15]. Some reviews summarize the advances in various medicinal applications of
metal complexes of coumarins [15–18]. It was reported that the biological activity of some
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coumarin derivatives significantly improves by binding to metal ions; this behavior could
be attributed to an increase in the lipophilicity of the systems. However, the relationship
between the structure and properties of complexes is still unknown. Nevertheless, to
achieve insight into the factors controlling the metal complex biological activity, it is first
necessary to know the binding properties of coumarins to the metal ions. In 2001, attempts
to determine the structure of a copper(II) complex of coumarin-3-carboxylic acid (HCCA),
analyzing spectroscopic data, suggested a binuclear structure [4]. Synthesis was carried out
using copper(II) chloride as the salt yielding a very insoluble product. Overall complexes
of Ni(II), Co(II), Zn(II) and Mn(II) with HCCA were studied at experimental and theoretical
levels. The complexes were characterized by elemental analyses, FT-IR, 1H-NMR, 13C-NMR
and UV-Vis spectroscopy, and by magnetic susceptibility measurements [19]. Recently, we
have reported on the complexation of HCCA with Al(III) and Fe(III), in aqueous solutions
at 37 ◦C and in 0.16 M NaCl, to evaluate the selectivity of this ligand towards bioavailable
metal cations [20].

HCCA exhibits two different coordination sites (Figure 1): it can play as monodentate
or bidentate ligand via carboxylic moiety involving one or both oxygen atoms, respectively,
as well as bidentate ligand through the lactone and the carboxylic oxygen to realize a high
stabilized 6-membered metallocycle. Simultaneous bidentate and monodentate coordina-
tion mode by the free carbonyl oxygen was shown in the presence of lanthanides [12].
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In view of its potential application as a chelating agent, herein we present a study
on the complexation ability of coumarin-3-carboxylic acid towards neodymium(III) and
dioxouranium(VI) (uranyl, UO2

2+) under the physiological conditions of temperature and
ionic strength (i.e., 37 ◦C and 0.16 mol/L NaClO4), evaluating the stability constants of the
complexes and the corresponding structures by potentiometric measurements and UV-Vis
spectrophotometry. This work is the first one entirely in an aqueous medium; although the
ligand’s antioxidant activity involves water as a natural solvent in the biological media,
most of the studies reported in the literature refers to measurements carried out in mixed
solvents, due to the low solubility in water of HCCA.

2. Materials and Methods
2.1. Chemicals

Sodium hydroxide titrant solutions, perchloric acid and sodium perchlorate stock
solutions were prepared and standardized as previously described [21]. Neodymium and
uranyl perchlorate stock solutions were prepared and standardized as reported previ-
ously [22]. HCCA (≥99%, Sigma–Aldrich, Munich, Germany), kept in a desiccator over
silica gel, was used without further purification. The ionic strength of all the solutions
was adjusted to 0.16 mol/L at 37 ◦C by adding the appropriate amount of NaClO4 as the
background electrolyte. All solutions were freshly prepared with double-distilled water.

2.2. Potentiometry and Spectrophotometry

The potentiometric apparatus used to carry out the titrations was described previ-
ously [21]. The glass electrodes were manufactured by Metrohm (Swiss) and acquired,
after the addition of the reagents, a constant potential within 45–60 min that remained
unchanged within ±0.01 mV. To avoid carbonate interference, a slow stream of nitrogen
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gas was passed into the test solutions, kept under magnetic stirring during titrations. The
cell assembly was placed in a thermostat kept at (37.0 ± 0.1) ◦C.

The complexation equilibria were studied, at 37 ◦C and in 0.16 mol/L NaClO4, by
measuring, with a glass electrode (GE), the competition of HCCA for H+ and metal cations.
Measurements were performed as potentiometric titrations with cell (G)

RE | Test Solution | GE (G)

in which RE is the reference electrode (Ag |AgCl| 0.01 mol/L NaCl|0.15 mol/L NaClO4|
0.16 mol/L NaClO4) and the Test Solution contained CM mol/L M(ClO4)n (i.e., Nd(ClO4)3
and UO2(ClO4)2), CL mol/L HCCA, CA mol/L HClO4, CB mol/L NaOH, and (0.16 − nCM
− CA − CB) mol/L NaClO4. The EMF of cell (G) can be written, in mV, at the temperature
of 37 ◦C, as Equation (1):

E = E◦ + 61.54 log[H+] + Ej (1)

where E◦ was constant for each series of measurements and Ej is the liquid junction
potential, which is a function of [H+] only [23]. Ej value under our experimental conditions
(i.e., 37 ◦C and 0.16 mol/L NaClO4) was determined by acid-base titration with cell (G)
when metal ions and HCCA were absent. The data for [H+] ≤ 0.100 mol/L could be well
approximated by the linear slope Ej ([H+])I = −jI [H+]. The value of j (mV/M) is 337 ± 1.

Each titration was divided into two parts. In the first part, E◦ was determined in the
absence of HCCA and metal cations; in the [H+] range 10−4–10−2 mol/L values constant
to within 0.1 mV were calculated according to the Gran’s method [24,25]. In the second
part, after the addition of the reagents, the acidity was stepwise decreased by adding
known volumes of NaOH standard solution. The concentration of HCCA (CL) was varied
within 1 and 5·10−3 mol/L, while the concentration of metal ions (CM) ranged within 0.5
and 5·10−3 mol/L, and the ligand to metal concentration ratio was varied within 1 and
10. The hydrogen ion concentration was varied from 1·10−2 mol/L (pH 2.0) to incipient
precipitation of a neutral salt, which takes place in the range [H+] = (3.2–0.032)·10−5 mol/L
(pH 4.5–6.5) depending on the specific metal ion and on the ligand-to-metal ratio. The
primary CM, CL, CA, CB and [H+] data form the basis of the treatment to obtain the
stability constants.

The spectrophotometric measurements were carried out with a Varian Cary 50 Scan UV
Visible Spectrophotometer. Absorbance values between 210 and 450 nm were measured
each 1 nm. The temperature of the cell holder was kept at (37.0 ± 0.3) ◦C by a Grant
circulating water bath. Matched quartz cells of thickness 1 cm were employed. The
absorbance, Aλ, was recorded to 0.001 units. The acquisition of data was controlled with
the aid of a computer connected to the instrument.

2.3. Synthesis of the Complexes

An amount of 0.560 g of Nd(ClO4)3 (0.119 mmol) and 0.435 g of UO2(ClO4)2 (0.2196 mmol)
stock solutions were added to 10.0 mg (0.0521 mmol) and 5.0 mg of coumarin-3-carboxylic
acid, respectively, and then dissolved in water (i.e., 100 mL) under constant stirring and at
37 ◦C over a period of 24 h.

Taking into account the distribution diagrams of the metal ions in the presence of
HCCA, the pH of these solutions was controlled (i.e., pH = 6 and pH = 4 for neodymium
and uranyl, respectively). The complexation resulted in pallid yellow aqueous solutions
and two solids, white for neodymium and orange for uranyl, the latter removed by filtration.
Aqueous solutions, as well as solids, dissolved in DMSO, and opportunely diluted with
water, were analyzed by UV–Visible spectroscopy.



Appl. Sci. 2021, 11, 4475 4 of 9

3. Results

The experimental data (CM, CL, CA, CB, [H+]), processed by graphical, as well as
numerical procedures, were explained according to the general equilibrium reported in the
Equation (2):

p Mn+ + q OH− + r CCA−� Mp(OH)q(CCA)r
(np−q−r) log βpqr (2)

The graphical methods consist essentially in the comparison of experimental plots
with model functions [26]. To explain the experimental data, the simple hypothesis was
made that the main reaction products are binary (q = 0) complexes, mononuclear in metal
ion (p = 1), formed according to equilibrium (3):

Mn+ + r CCA−� M(CCA)r
(n−r) log β10r (3)

The validity of this assumption was tested by constructing the graphs Z as a function
of log ([HCCA]/[H3O+]) from the primary data. Z represents the average number of ligand
for metal ion, as reported in Equation (4):

Z = (CA − [HCCA] − [CCA−])/CB (4)

Thus, when complexes of general formula M(CCA)r
(n−r) predominate, the points Z versus

log ([HCCA]/[H3O+]), at different CL and CM, should fall on a unique curve. The experimental
functions Z for Nd3+-HCCA and UO2

2+-HCCA are reported in Figure 2a,b, respectively.

Table 1. Formation of complexes of coumarin-3-carboxylic acid with Nd3+ and UO2
2+ according to

Equation (2). Values of log β in NaClO4 0.16 mol/L at 37 ◦C were obtained by numerical procedure.
Standard deviations are reported as 3σ.

Metal Ions Species log β ± 3σ

Nd3+ Nd(OH)(CCA)+ 9.2 ± 0.1
Nd(OH)(CCA)2 11.9 ± 0.3

UO2
2+

UO2(CCA)2 8.2 ± 0.1
UO2(OH)(CCA) 13.0 ± 0.3

UO2(OH)2(CCA)- 21.6 ± 0.1
(UO2)2(OH)2(CCA)2 28.9 ± 0.3
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2+-HCCA systems. Triangles (0.5, 5);
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As Figure 2 shows, most of the experimental points fall on a unique curve, which
tends to 2, though a careful inspection of the graphs shows that small, but systematic, devi-
ations from the model including only simple complexes were observed. These deviations
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were evidence that some additional species are present. The probable composition of the
complexes, responsible for these deviations, was obtained by numerical treatment by the
least-square program SUPERQUAD [27], to seek the minimum of the function:

U = ∑ (Ei
obs − Ei

cal)2 (2)

where Eobs = E + j [H3O+] = E◦ + 0.06154 log [H3O+] and Ecal is a value calculated for a
given set of parameters.

The most probable p, q and r values and the corresponding constants log βpqr (Equa-
tion (2)) were achieved by varying systematically the stability constants of a chosen ternary
species (p,q,r) to obtain the best data fitting. In the numerical treatments, the acidic constant
of coumarin-3-carboxylic acid, according to equilibrium (5) and reported with the relative
standard deviation (3σ), was kept invariant.

HCCA � CCA− + H+ log Ka = −3.08 ± 0.01 (5)

This constant, unknown from the literature, was determined by potentiometric mea-
surements under the same experimental conditions used for the evaluation of the stability
constants between ligand and metal ions (i.e., at 37 ◦C and in 0.16 mol/L NaClO4).

Considering the low solubility of HCCA in an aqueous solution [20], all the experi-
ments were carried out by adding an exactly weighed quantity of solid ligand in the titra-
tion’s apparatus. When equilibria (2) and (5) take place, HCCA dissolved into the aqueous
medium. In the numerical treatment, the constants of the predominant hydrolysis prod-
ucts of Nd3+ and UO2

2+, taken from the literature [28], (i.e., Nd(OH)2+ and Nd2(OH)2
4+,

(UO2)2(OH)2
2+, (UO2)3(OH)5

+, UO2(OH)+ and (UO2)3(OH)4
2+, respectively), were kept

invariant and were used to construct the distribution diagrams reported in Figure 3a,b. In
the construction of these diagrams, the same pH range investigated for the study of the
complexes was considered. As can be seen in Figure 3a, the only hydrolytical species of
neodymium is Nd(OH)2+, which nevertheless does not reach percentages greater than 10%.
In regard to uranyl ion (Figure 3b), the complexes (UO2)2(OH)2

2+ and (UO2)3(OH)5
+ are

the predominant hydrolytical species, while (UO2)3(OH)4
2+ and (UO2)(OH)+ are minor

species, with percentages that do not exceed 10% and 1%, respectively.
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Figure 3. Distribution diagrams of hydrolytical species of (a) Nd3+ (CM = 1.0 mM) and (b) UO2
2+ (CM = 2.5 mM).

The results obtained for the neodymium- and uranyl-HCCA systems are reported in
Table 1. For the neodymium-HCCA system, experimental data were explained with the
formation of one complex, and the best minimum was obtained with the Nd(OH)CCA+

species. A substantial decrease in the square error sum U (66.85%) was obtained considering
also the presence of Nd(OH)(CCA)2. No other complexes improved the fit.

Moreover, the uranyl-HCCA system data were explained with one complex: the
best model comprised UO2(CCA)2. Different models that consider the presence of two
species were also tested; among these, the best fit was obtained with the presence of
UO2(CCA)2 and UO2(OH)(CCA), which corresponds to a decreasing of U (57%). A lower
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error square sum (71%) was still obtained on adding the species UO2(OH)2(CCA)−. Finally,
the inclusion of the polynuclear complexes (UO2)2(OH)2(CCA)2, though present in small
amounts, lowers the minimum of the square error sum by more than 40%. No other species,
introduced to improve the fit, was retained. Speciation profiles show that in an aqueous
solution a complexation occurs at 1:1 and 2:1 ligand-to-cations ratio with different degrees
of deprotonation for both cations. A direct comparison between species with the same
stoichiometry shows that the complex of uranyl is more stable than that of neodymium
(i.e., 13.0 vs. 9.2).

4. Discussion

In this work, we have investigated the acid−base equilibrium of coumarinic acid and
the chelating properties of its deprotonated form towards neodymium and uranyl at 37 ◦C
and in 0.16 mol/L NaClO4. Coumarinic acid anion forms 1:1 and 2:1 complexes with both
metal ions. The uranyl ion is also capable to form a polynuclear complex with stoichiometry
2:2. Furthermore, from the data reported in Table 1, it may be noted that the complex
UO2(OH)(CCA) is stronger than the corresponding neodymium species, Nd(OH)(CCA)+.

The stability constants reported in Table 1 were used to represent the distribution
diagrams (Figure 4a,b), in which the percentage of metal cations into the complexes as a
function of pH is depicted.
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2+

(CM = 2.5 mM and CL = 2.5 mM). One (green line) and 2 (yellow line) in (b) are the hydrolytical species (UO2)2(OH)2
2+ and

(UO2)3(OH)5
+, respectively.

As can be seen in Figure 4a, the complexation between HCCA and Nd(III) starts at
a pH higher than 3.5 with the neutral species Nd(OH)(CCA)2, which is predominant in
the whole pH range. The complex Nd(OH)(CCA)+, instead, is a minor species with a
percentage that does not reach values higher than 5%. The neodymium hydrolytical species
Nd(OH)2+ does not exist in the pH range investigated, supporting that the complexes
between the ligand and metal ion could also involve the hydroxyl group.

Regarding the system UO2
2+-HCCA (Figure 4b), all of the complexes reach significant

percentages. The complexation starts from pH 2 with the formation of the neutral species
UO2(CCA)2, which is predominant until pH 5. The anionic complex UO2(OH)2(CCA)−

is the main from pH 5, while the other two minor species, (UO2)2(OH)2(CCA)2 and
UO2(OH)(CCA), start to have significant percentages at the same pH value (i.e., 4) and
coexist in the whole investigated pH range. As can be seen in Figure 4b, the percentage
of the predominant uranyl hydrolytical complexes, (UO2)2(OH)2

2+ and (UO2)3(OH)5
+,

decreases drastically in the presence of coumarin-3-carboxylic acid, confirming that the
complexes between UO2

2+ and HCCA could be mixed species involving hydroxyl ion too.
To verify the effective formation of the complexes, a comparison of the UV-Vis spectra

for free ligand and coordinated species is reported in Figure 5.
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According to the literature [19], the UV-Vis spectrum of free coumarin-3-carboxylic
acid shows two characteristic absorption bands, at 333 nm (low intensity) and 292.5 nm.
The addition of the metal cations, Nd3+ or UO2

2+, in the aqueous suspension containing
HCCA, brought solid ligand into the aqueous phase as soluble complexes. Figure 5 shows
the absorption spectra of the Nd3+-HCCA (brown line in Figure 5a) and UO2

2+-HCCA
(red line in Figure 5b) complexes. Due to the low electronic rearrangement, which is
induced on the ligand upon complex formation, the free ligand absorption spectrum was
not significantly affected by the complexation.

Indeed, the band at 333 nm undergoes, in both spectra, a slight blue shift (i.e., at
320 nm). The most interesting spectral change can be detected for the band at 292.5 nm,
which undergoes a significant hypsochromic shift, especially for the uranyl system (i.e.,
at 280 nm). As a further product of both syntheses, a solid was obtained, which was
dissolved in a 1:1 ethanol:water mixture and analyzed, after the appropriate dilution with
water, spectrophotometrically (red line in Figure 5a and blue line in Figure 5b). The UV-Vis
spectra of these complexes show analogous spectral features to those analyzed before,
suggesting that these insoluble species are formed by the soluble complexes, possibly upon
the additional inclusion of a ligand or a hydroxide in the metal coordination sphere, in
order to obtain a neutral species of the type Mp(OH)q(CCA)r.

All the complexes’ spectra contain a broad band in the UV region (i.e., at λ = 320 nm),
with tailing into the visible region. These bands were assigned to a ligand to metal change
transfer transition.

The molar absorption coefficients of the complexes are reported in Figure 6: for the
two complexes of neodymium, i.e., Nd(OH)(CCA)+ and Nd(OH)(CCA)2, ε values of 5870
and 4360 M−1cm−1, respectively, were recorded at λmax of 290 nm. Higher ε values are
obtained for the uranyl-HCCA system, which are 4·×105 for the neutral species and 7 ×105

for the charged one.
Our results can only be partially compared with those proposed by Georgieva et al. [15]

and by Martin et al. [29]; in these works, the complex of formula Nd(CCA)2(NO3)(H2O) was
synthesized and characterized by spectroscopic and computational methods. According
to our hypothesis, the spectroscopic results suggest that CCA− is bidentate bound to the
metal ion through the carboxylic and the carbonylic moiety. The model calculations of both
bidentate modes of CCA− to Nd(III) showed that the bidentate binding form through the
carboxylic and the carbonylic oxygen atoms is energetically preferred as compared to that
through both the carboxylic atoms.



Appl. Sci. 2021, 11, 4475 8 of 9Appl. Sci. 2021, 11, x FOR PEER REVIEW 8 of 9 

Figure 6. Absorption spectra of (a,b) neodymium-HCCA and (c,d) uranyl-HCCA. complexes, ob-

tained by analyzing solution and solid, respectively.

Author Contributions: Conceptualization: E.F. Investigation: L.M., G.A.C. Resources: E.F. Writ-

ing—Original Draft: E.F., L.M. All authors have read and agreed to the published version of the

manuscript.

Funding: This research received no external funding. 

Institutional Review Board Statement: Not applicable. 

Informed Consent Statement: Not applicable.

Data Availability Statement: Data sharing not applicable. 

Acknowledgments: We thank the University of Calabria. 

Conflicts of Interest: The authors declare no conflict of interest. 

References 

1. Malacaria, L.; Corrente, G.A.; Beneduci, A.; Furia, E.; Marino, T.; Mazzone, G. A review on coordination properties of Al(III) 

and Fe(III) towards natural antioxidant molecules: Experimental and theoretical insights. Molecules 2021, 26, 2603. 

2. Ritacca, A.G.; Malacaria, L.; Algieri, V.; De Nino, A.; Russo, N.; Furia, E.; Maiuolo, L.; Sicilia, E. Sequestering ability of a synthetic 

chelating agent towards copper(II) and iron(III): A detailed theoretical and experimental analysis. Chem. Asian J. 2020, 15, 3266–

3274. 

3. Zhu, L.;·Liu, B.; Yang, X.; Zhuo, L.;·Mu, W.; Chen, Y.;·Yang, Y.;·Wei, H.; Li, X. Complexation of 1,3 Diamino 2 hydroxypropane 

N,N,N’,N’ tetraacetic Acid (DHPTA) with Heavy Lanthanides (Tb3+, Ho3+, Lu3+) in Aqueous Solution. J. Sol. Chem. 2020, 49, 166–

178.

4. Karaliota, A.; Kretsi, O.; Tzougraki, C. Synthesis and characterization of a binuclear coumarin-3-carboxylate copper (II) com-

plex. J. Inorg. Biochem. 2001, 84, 33–37. 

5. Creaven, B.S.; Devereux, M.; Karcz, D.; Kellett, A.; McCann, M.; Noble, A.; Walsh, M. Copper (II) complexes of coumarin-de-

rived Schiff bases and their anti-Candida activity. J. Inorg. Biochem. 2009, 103, 1196–1203. 

6. Creaven, B.S.; Egan, D.A.; Karcz, D.; Kavanagh, K.; McCann, M.; Mahon, M.; Noble, A.; Thati, B.; Walsh, M. Synthesis, charac-

terisation and antimicrobial activity of copper(II) and manganese(II) complexes of coumarin-6,7-dioxyacetic acid (cdoaH2) and 

4-methylcoumarin-6,7-dioxyacetic acid (4-MecdoaH2): X-ray crystal structures of [Cu(cdoa)(phen)2].8.8H2O and [Cu(4-

Mecdoa)(phen)2].13H2O (phen = 1,10-phenanthroline). J. Inorg. Biochem. 2007, 101, 1108–1119.

7. Creaven, B.S.; Egan, D.A.; Kavanagh, K.; McCann, M.; Mahon, M.; Noble, A.; Thati, B.; Walsh, M. Synthesis and antimicrobial 

activity of copper(II) and silver(I) complexes of hydroxynitrocoumarins: X-ray crystal structures of [Cu(hnc)2(H2O)2].2H2O and 

[Ag(hnc)] (hncH = 4-hydroxy-3-nitro-2H-chromen-2-one). Polyhedron 2005, 24, 949–957. 

250 300 350 400 450 500

0

10,000

20,000

30,000

40,000

e 
(M

-1
c
m

-1
)

Wavelength (nm)

solid

 UO2+
2 -HCCA 0.5-5 mM

300 350 400 450

0

1000

2000

3000

4000

5000

6000

7000

8000

e 
(M

-1
 c

m
-1

)

Wavelength (nm)

solution

 Nd-HCCA 0.5-5 mM 

300 350 400 450

0

1000

2000

3000

4000

5000

6000

e(
M

-1
 c

m
-1

)

Wavelength (nm)

solid

 Nd-HCCA 0.5-5 mM 

250 300 350 400 450

0

10,000

30,000

30,000

40,000

50,000

60.000

70,000

e 
(M

-1
 c

m
-1

)

Wavelength (nm)

solution

U02+
2 -HCCA 0.5-5 mM

(b) (a) 

(d) (c) 

Figure 6. Absorption spectra of (a,b) neodymium-HCCA and (c,d) uranyl-HCCA. complexes, ob-
tained by analyzing solution and solid, respectively.

Author Contributions: Conceptualization: E.F. Investigation: L.M., G.A.C. Resources: E.F. Writing—Ori-
ginal Draft: E.F., L.M. All authors have read and agreed to the published version of the manuscript.

Funding: This research received no external funding.

Institutional Review Board Statement: Not applicable.

Informed Consent Statement: Not applicable.

Data Availability Statement: Data sharing not applicable.

Acknowledgments: We thank the University of Calabria.

Conflicts of Interest: The authors declare no conflict of interest.

References
1. Malacaria, L.; Corrente, G.A.; Beneduci, A.; Furia, E.; Marino, T.; Mazzone, G. A review on coordination properties of Al(III)

and Fe(III) towards natural antioxidant molecules: Experimental and theoretical insights. Molecules 2021, 26, 2603. [CrossRef]
[PubMed]

2. Ritacca, A.G.; Malacaria, L.; Algieri, V.; De Nino, A.; Russo, N.; Furia, E.; Maiuolo, L.; Sicilia, E. Sequestering ability of a synthetic
chelating agent towards copper(II) and iron(III): A detailed theoretical and experimental analysis. Chem. Asian J. 2020, 15,
3266–3274. [CrossRef] [PubMed]

3. Zhu, L.; Liu, B.; Yang, X.; Zhuo, L.; ·Mu, W.; Chen, Y.; ·Yang, Y.; ·Wei, H.; Li, X. Complexation of 1,3 Diamino 2 hydroxypropane
N,N,N’,N’ tetraacetic Acid (DHPTA) with Heavy Lanthanides (Tb3+, Ho3+, Lu3+) in Aqueous Solution. J. Sol. Chem. 2020, 49,
166–178. [CrossRef]

4. Karaliota, A.; Kretsi, O.; Tzougraki, C. Synthesis and characterization of a binuclear coumarin-3-carboxylate copper (II) complex.
J. Inorg. Biochem. 2001, 84, 33–37. [CrossRef]

5. Creaven, B.S.; Devereux, M.; Karcz, D.; Kellett, A.; McCann, M.; Noble, A.; Walsh, M. Copper (II) complexes of coumarin-derived
Schiff bases and their anti-Candida activity. J. Inorg. Biochem. 2009, 103, 1196–1203. [CrossRef]

http://doi.org/10.3390/molecules26092603
http://www.ncbi.nlm.nih.gov/pubmed/33946938
http://doi.org/10.1002/asia.202000717
http://www.ncbi.nlm.nih.gov/pubmed/32783341
http://doi.org/10.1007/s10953-020-00950-y
http://doi.org/10.1016/S0162-0134(00)00214-2
http://doi.org/10.1016/j.jinorgbio.2009.05.017


Appl. Sci. 2021, 11, 4475 9 of 9

6. Creaven, B.S.; Egan, D.A.; Karcz, D.; Kavanagh, K.; McCann, M.; Mahon, M.; Noble, A.; Thati, B.; Walsh, M. Synthesis,
characterisation and antimicrobial activity of copper(II) and manganese(II) complexes of coumarin-6,7-dioxyacetic acid (cdoaH2)
and 4-methylcoumarin-6,7-dioxyacetic acid (4-MecdoaH2): X-ray crystal structures of [Cu(cdoa)(phen)2]·8.8H2O and [Cu(4-
Mecdoa)(phen)2]·13H2O (phen = 1,10-phenanthroline). J. Inorg. Biochem. 2007, 101, 1108–1119.

7. Creaven, B.S.; Egan, D.A.; Kavanagh, K.; McCann, M.; Mahon, M.; Noble, A.; Thati, B.; Walsh, M. Synthesis and antimicrobial
activity of copper(II) and silver(I) complexes of hydroxynitrocoumarins: X-ray crystal structures of [Cu(hnc)2(H2O)2]·2H2O and
[Ag(hnc)] (hncH = 4-hydroxy-3-nitro-2H-chromen-2-one). Polyhedron 2005, 24, 949–957. [CrossRef]

8. Creaven, B.S.; Egan, D.A.; Kavanagh, K.; McCann, M.; Noble, A.; Thati, B.; Walsh, M. Synthesis, characterization and antimicrobial
activity of a series of substituted coumarin-3-carboxylatosilver (I) complexes. Inorg. Chim. Acta 2006, 359, 3976–3984. [CrossRef]

9. Thati, B.; Noble, A.; Rowan, R.; Creaven, B.S.; Walsh, M.; McCann, M.; Egan, D.; Kavanagh, K. Mechanism of action of coumarin
and silver (I)–coumarin complexes against the pathogenic yeast Candida albicans. Toxicol. Vitr. 2007, 21, 801–808. [CrossRef]

10. Grazul, M.; Budzisz, E. Biological activity of metal ions complexes of chromones, coumarins and flavones. Coord. Chem. Rev.
2009, 253, 2588–2598. [CrossRef]

11. Kulkarni, A.; Patil, S.A.; Badami, P.S. Synthesis, characterization, DNA cleavage and in vitro antimicrobial studies of La (III), Th
(IV) and VO (IV) complexes with Schiff bases of coumarin derivatives. Eur. J. Med. Chem. 2009, 44, 2904–2912. [CrossRef]

12. Roh, S.-G.; Baek, N.S.; Hong, K.-S.; Kim, H.K. Synthesis and Photophysical Properties of Luminescent Lanthanide Complexes
Based on Coumarin-3-carboxylic Acid for Advanced Photonic Applications. Bull. Korean Chem. Soc. 2004, 25, 343–344.

13. Georgieva, I.; Trendafilova, N.; Aquino, A.J.A.; Lischka, H. Theoretical study of metal− ligand interaction in Sm(III), Eu(III), and
Tb(III) complexes of coumarin-3-carboxylic acid in the gas phase and solution. Inorg. Chem. 2007, 46, 10926–10936. [CrossRef]
[PubMed]

14. Mihaylov, T.; Trendafilova, N.; Kostova, I.; Georgieva, I.; Bauer, G. DFT modeling and spectroscopic study of metal–ligand
bonding in La (III) complex of coumarin-3-carboxylic acid. Chem. Phys. 2006, 327, 209–219. [CrossRef]

15. Georgieva, I.; Trendafilova, N.; Kiefer, W.; Rastogi, V.K.; Kostova, I. Vibrational and theoretical study of coumarin-3-carboxylic
acid binding mode in Ce (III) and Nd (III) complexes. Vibr. Spectr. 2007, 44, 78–88. [CrossRef]

16. Kostova, I.; Manolov, I.; Nicolova, I.; Konstantinov, S.; Karaivanova, M. New lanthanide complexes of 4-methyl-7-
hydroxycoumarin and their pharmacological activity. Eur. J. Med. Chem. 2001, 36, 339–347. [CrossRef]

17. Kostova, I.; Manolov, I.; Konstantinov, S.; Karaivanova, M. Synthesis, physicochemical characterisation and cytotoxic screening of
new complexes of cerium, lanthanum and neodymium with Warfarin and Coumachlor sodium salts. Eur. J. Med. Chem. 1999, 34,
63–68. [CrossRef]

18. Kostova, I.; Momekov, G.; Zaharieva, M.; Karaivanova, M. Cytotoxic activity of new lanthanum (III) complexes of bis-coumarins.
Eur. J. Med. Chem. 2005, 40, 542–551. [CrossRef]

19. Creaven, B.S.; Devereux, M.; Georgieva, I.; Karcz, D.; McCann, M.; Trendafilova, N.; Walsh, M. Molecular structure and
spectroscopic studies on novel complexes of coumarin-3-carboxylic acid with Ni(II), Co(II), Zn(II) and Mn(II) ions based on
density functional theory. Spectrochim. Acta Part A 2011, 84, 275–285. [CrossRef]

20. Furia, E.; Beneduci, A.; Russo, N.; Marino, T. Structural characterization of aluminium(III) and iron(III) complexes of coumarinic
acid in aqueous solutions from combined experimental and theoretical investigations. New J. Chem. 2018, 42, 11006–11012.
[CrossRef]

21. Furia, E.; Sindona, G. Complexation of L-Cystine with Metal Cations. J. Chem. Eng. Data 2010, 55, 2985–2989. [CrossRef]
22. Furia, E.; Porto, R. 2-Hydroxybenzamide as a Ligand. Complex Formation with Dioxouranium(VI), Aluminum(III),

Neodymium(III), and Nickel(II) Ions. J. Chem. Eng. Data 2008, 53, 2739–2745. [CrossRef]
23. Biedermann, G.; Sillén, L.G. Studies on the hydrolysis of metal ions. IV. Liquid junction potentials and constancy of activity

factors in NaClO4–HClO4 ionic medium. Arkiv Kemi. 1953, 5, 425–440.
24. Gran, G. Determination of the equivalent point in potentiometric titrations. Acta Chem. Scand. 1950, 4, 559–577. [CrossRef]
25. Gran, G. Determination of the equivalence point in potentiometric titrations. Part II. Analyst 1952, 77, 661–670. [CrossRef]
26. Sillén, L.G. Some Graphical Methods for Determining Equilibrium Constants. II. On "Curve-fitting" Methods for Two-variable

Data. Acta Chem. Scand. 1956, 10, 186–202. [CrossRef]
27. Gans, P.; Sabatini, A.; Vacca, A. Superquad: An improved general program for computation of formation constants from

potentiometric data. J. Chem. Soc. Dalton Trans. 1985, 6, 1195–1200. [CrossRef]
28. Baes, C.F.; Mesmer, R.E. The Hydrolysis of Cations; Wiley Interscience: New York, NY, USA, 1976.
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In this work we have studied the complexation of quercetin (3,3′,4′,5,7-pentahydroxyflavone, H5Que) with alu-
minum(III), iron(III) and copper(II) at 37 °C and in aqueous solution (0.16 M NaCl). To evaluate the competition
of the ligand for the metal cations and H+, the protonation constant of quercetin was also determined under the
same experimental conditions. Speciation profiles obtained by potentiometric titrations and supported by UV–
Vis data show that in aqueous solution a complexation occurs at 1:1 ligand-to-cations ratio for Al(III) and Cu
(II), and at 1:1 and 1:2 ligand-to-Fe(III) ratio. The coordination sites of quercetin to the different metal ions
were determinedwith the aid of 1HNMR and 13CNMRspectroscopy aswell as by a computational approach. Syn-
ergies between experiment and computation show that aluminum and iron ions show no clear preference to-
wards any of the complexation sites of quercetin, while for copper the 4,5 site (i.e., the 4‑carbonyl-5-hydroxyl
site of the A and C rings of the ligand) could be excluded.

© 2020 Elsevier B.V. All rights reserved.

1. Introduction

Heavy metals are environmental pollutants, and their toxicity is a
problem of growing importance from ecological, evolutionary, nutri-
tional and environmental point of view. On the other hand, metal cat-
ions play important roles in biological systems including action as
cofactors for enzymes that catalyze different metabolic functions [1].
Metal ions can be absorbed by ingestion, inhalation and for contact
through the skin. When absorbed metal ions and their compounds
pass in the bloodstream, mainly by blood plasma proteins [2,3].
Redox-active metal ions such as Cu(II) and Fe(III) exert their toxic ac-
tion through the formation of reactive oxygen species (ROS), which
may result in tissue or organ damage [4]. Additionally, Cu(II) is involved
in the metabolism of dioxygen and plays a fundamental role in the re-
spiratory chain. Moreover, iron overload is a common consequence of
the chronic transfusion therapies [5] and aluminum excess may be ob-
served in uremic patients. The overload of Fe(III) and Al(III) in the cen-
tral nervous system has been suggested to be involved in
neurodegenerative disorders [6]. Al(III) is third most abundant element
in the Earth's crust and can enter in the biotic cycle in many different
ways [7]. It is well known that aluminum does not serve any essential
function in human biochemistry and a small increase seems sufficient
to produce neurotoxicity [8,9]. For this reason, the presence of Al(III)

in the human brain has been associated to the Alzheimer's and other
neurodegenerative diseases [10].

Current treatment options for metal cation overload are designed to
remove tissue deposits, which cause the toxic effects. Metal chelation
therapy was proposed more than 50 years ago for the treatment of pa-
thologies produced in the body by an overload of a metal and it is the
most efficient therapeutic approach. Metal chelation therapy involves
the use of a chelating agent, i.e., amoleculewhich forms stable coordina-
tion complexes with the target metal ion. The behavior of a specific
metal under physiological conditions depends essentially on its specia-
tion profile. The formation of complexes between bioavailable metal
cations and natural ligands can play an important role in chelation ther-
apy for pathologies deriving from the accumulation of heavy metals. In
this context, stability and specificity of metal-chelator complexes are
extremely important in the choice of the most adequate chelating
agent. The knowledge of metal-ligand speciation can allow modeling
the chelating agent activity in vitro or in vivo, i.e., to perform calculations
describing the distribution of themetal ion of interest at any conditions.
Phenolic and/or aromatic molecules such as flavonoids have been
shown to be excellent chelating compounds for bioavailablemetal ions.
Quercetin (3,3′,4′,5,7-pentahydroxyflavone, H5Que, Scheme 1) is one of
themost commonflavonolspresent innature, and is oneof themostbio-
logically active and commondietaryflavonoid present in vegetables and
fruits. Itmay chelatemetal cations, preventing the generation of damag-
ing oxidizing radicals whose formation is mediated bymetals and thus
protecting the biological targets against oxidative stress [11–13]. As can
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be seen in the Scheme 1, in the quercetin structure three chelation sites
are possible: the 3-hydroxy‑carbonyl, the 5-hydroxy‑carbonyl and the
3′,4′-dihydroxyl functions.

The possible correlation between these different coordination sites
and the nature of the metal cation is worth of being investigated. In
this framework, the aim of this work was to determine the stoichio-
metric composition and the corresponding stability constants of com-
plexes between quercetin and Al(III), Fe(III) and Cu(II) ions at 37 °C
and in 0.16 M NaCl. Following our previous studies, here we present
an experimental investigation (potentiometric, UV–Vis, 1H and 13C
NMR spectroscopy) combined with a computational approach (Den-
sity Functional Theory, DFT) to obtain structural properties of these
systems in aqueous solution [11,14–16]. Speciation calculations allow
to predict which complexes exist in solution at a given pH and
metal and ligand total concentrations. The information regarding the
most abundant complex existing at physiological conditions can be
useful for two reasons: the identity of the existing complexes, and in
particular of the most abundant one, and their charge, crucial in deter-
mining their redistribution once the target metal ion has been com-
plexed by the chelating agent. For example, a charged complex is
expected to be hydrophilic, thus being unable to pass cellular barriers
and preferring to be solubilized in aqueous solutions (e.g., in the
blood), whereas neutral species should behave in an opposite way.
Previous experimental and theoretical investigations have considered
the complexation of quercetin with Al(III), Fe(III) and Cu(II) in solu-
tion and at different stoichiometric ratios [17–24]. Despite the pres-
ence of these works, the structure and the complex formation
features are somehow contradictory. Whereas, the structure of the
complexes, which might be deduced from the stoichiometry, has a
main role in determining their properties and toxicity.

2. Experimental section

2.1. Materials

Sodiumchloride, hydrochloric acid and sodiumhydroxide titrant so-
lutions were prepared and standardized as previously described [16].
Aluminum(III), iron(III) and copper(II) chloride stock solutions were
prepared and standardized as reported previously [16,25]. Quercetin
(Sigma, ≥95%) was kept in a desiccator over silica gel and was used
without further purification. All solutions were freshly prepared with
bidistilled water.

2.2. Potentiometric and spectrophotometric measurements

The potentiometric apparatus and the titrations carried outwere de-
scribed in a previous work [16]. To avoid carbonate interference, a slow
stream of nitrogen gas was passed through the gas inlet tube into the
test solutions, stirred during titrations. During the EMF measurements,
the cell assembly was placed in a thermostat kept at (37.0 ± 0.1) °C.

Spectrophotometric measurements were carried out with a Varian
Cary 50 Scan UV Visible Spectrophotometer by measuring the absor-
bance values, Aλ, (to 0.001 units) between 200 and 700 nm each
1 nm. Matched quartz cells of thickness 1 cmwere employed. The tem-
perature of the cell holder wasmaintained at (37.0 ± 0.3) °C by a Grant
circulating water bath. The acquisition of data and the formulations of
the parameters were managed with the aid of a computer connected
to the instrument.

2.3. NMR method

1H and 13CNMR spectrawere acquired on a Bruker Avance 500 spec-
trometer. The pulse sequence zgpg30 was used for the 13C spectra ac-
quisition, with a 30° pulse of 9 ms and 2 s inter-pulse delay. Proton
decouplingwas performed by applying the Composite Pulse Decoupling
ProgramCPDPRG. All spectrawere stored in 64k digital data pointswith
a spectral width of 30,000 and a number of scans equal to 20,480. The
temperature of the samples inside the probe was maintained at 37 ±
1 °C by a Bruker VT2000 variable temperature control unit.

2.4. Computational details

All the calculations performed with the Gaussian 09 computational
package [26] were carried out in the framework of density functional
theory employing the M052X [27] exchange-correlation functional
coupled with the 6–31+G(d) basis set for C, O, Al and H atoms except
for Cu and Fe atoms, for which the relativistic compact Stuttgart/Dres-
den effective core potential was used in conjunction with its split va-
lence basis set. The structures were fully optimized in aqueous
solution taking into account the impact of the solvent used in the speci-
ation experiments by means of the SMD version of the polarizable con-
tinuum model (PCM) [28]. For this purpose, the dielectric constant of
water (ε=78.0) has been considered. Harmonic vibrational frequencies
have been performed on each optimized structure at the same level of
theory of the optimizations and the thermochemical analysis has been
used to correct the electronic energies in order to obtain the Gibbs
free energies.

According to previous results on the iron(III)-coumarin system [15],
the most stable spin multiplicity was obtained with a value of 6, which
arises from a high-spin configuration of the Fe(III) center. In particular,
from the unrestricted Kohn–Sham (UKS) calculations no spin contami-
nation was found, being the 〈S2〉 value equal to 8.75. In the case of cop-
per ion the spin multiplicity with the value of 2 was considered.

With the aim to obtain the vertical excitation energies, the TD-DFT
approach has been also used in agreement to that previously and suc-
cessfully used on similar chemical systems [11,14–16,29,30].

For eachmetal ion the complexes having neutral charge and charac-
terized by the 3–4, 4–5 and 3′-4′ coordination sites have been subjected
to the geometry optimization at the B3LYP/6–311+G(d,p) in DMSO
(ε=46.826) and then the gauge-independent atomic orbital (GIAO)
method [31,32] has been used to estimate the absolute chemical
shielding as implemented in the Gaussian 09. Chemical shifts have
been then obtained from absolute shieldings by subtraction of a calcu-
lated reference. In this regard the absolute chemical shielding of TMS
have been computed at the same level of theory.

Natural Bond Orbitals (NBO) analysis was performed using the
Gaussian 09.

Furthermore to estimate the binding energies (BE) related to two
different coordination sites (4–5 or 3′-4′), the complexes of Al(III), Fe

Scheme 1. Chemical structure of quercetin, H5Que.
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(III) and Cu(II) ions have been separated into two fragments according
to a cleaved metal–ligand bond as shown by the following expression:

BE ¼ − ΔHcomplex−∑ΔHmonomer
� �

The BE is calculated as the difference between the enthalpy of the
whole complex and the enthalpy of the individual subsystem. Such ob-
tained binding energies represent the energy involved in the formation
of the metal ion-ligand complex.

Metal binding affinity of quercetin to Al(III), Fe(III) and Cu(II) has
been evaluated, as previously reported [29,33], by calculating the reac-
tion free energies in the general complexation reaction for the substitu-
tion of water molecules in the hexaaquo complex.

3. Results and discussion

3.1. Chelating properties of quercetin and stability of formed complexes

The complex formation equilibria between H5Que and Al(III), Fe
(III) and Cu(II) cations were studied at 37 °C and in 0.16 M NaCl.
Quercetin is essentially insoluble in water, for this reason all the ex-
periments were carried out by adding an accurately weighed quantity
of solid quercetin in the titration's apparatus. After addition of the
other reagents, the pH of test solutions was stepwise increased from
2 to 7.5 by adding NaOH standard solutions. When the generic equi-
librium reported in Eq. (1) takes place, quercetin dissolved into the
aqueous medium to form complexes.

pMnþ þ rH5Que⇄Mp Hð Þ−q H5Queð Þr np−qð Þ þ qHþ log βp;q;r ð1Þ

The equilibrium reported in Eq. (1) takes into account all the possi-
ble complexes formed in solution (i.e., simple q=r, mixed q≠r, mononu-
clear p and r = 1, and polynuclear p and r > 1 species), and all the
potential chelation sites of quercetin which correspond to a different
number of protons involved in the coordination. However, β values do
not allow to assess the effective complex stability, which is also affected
by the acid-base properties of the metal cations and of the ligand. For
this reason, to evaluate the competition of the ligand for metal cations
andH+, preliminarily it was necessary to determine under the same ex-
perimental conditions the first acidic constant of quercetin (Eq. (2)):

H5Que⇄H4Que
− þ Hþ pKa1 ¼ 8:79� 0:09 ð2Þ

The uncertainty on the values represents 3σ. Assignment of this
value is still under question [34], though, most of the literature con-
verges on the deprotonation of the 7-OH group [35,36]. Support to the
last assignment comes from the computational evaluation of the stabil-
ity of the conjugate bases of the various acidic hydroxyl groups of quer-
cetin (i.e., 7OH > 3′OH > 4′OH > 5OH > 3OH), that shows that
deprotonation of the 7-OH position is favored.

In line with literature [34,37], we have experienced that quercetin
undergoes degradation in alkaline medium, which is more rapid than
potentiometric measurement time. Therefore, no additional efforts
were made to determine the acidity of the other hydroxyl groups. The
acidic constant of quercetin aswell as the constants of principal cationic
hydrolysis products, taken from literature [16,38] (i.e., Al(OH)2+ and Al
(OH)2+, Fe(OH)2+ and Fe(OH)2+, Cu(OH)+ and Cu2(OH)22+), were kept
invariant in the numerical treatment to determine stability constants
βp,q,r. The potentiometric measurements were performed as titrations
with cell (G):

Reference Electrode=Test Solution=Glass Electrode ! Gð Þ

the general composition of Test Solution was CM mol·dm−3 MCln, CL
mol·dm−3 H5Que, CA mol·dm−3 HCl, CB mol·dm−3 NaOH, and
(0.16-nCM-CA-CB) mol·dm−3 NaCl. Metal and ligand concentrations
were ranged from (0.25·10−3) to (1.05·10−3) mol·dm−3 and the

ligand to metal ratio was varied between 1 and 4. The pH was ranged
from 2.5 for Al(III) and Cu(II) and from 2 for Fe(III) to the precipitation
of a neutral species, involving ligand and metal ion, which takes place at
different pH depending on the specific ligand to metal ratio investigated
and evidently on the nature of metal. Themost probable p, q, and r values
and the corresponding constants log βp,q,rwere computed by a numerical
approach [39], and results obtained are reported in the Table 1.

Speciation profiles show that in aqueous solution a complexation oc-
curs at 1:1 ligand-to-cations ratio for Al(III) and Cu(II), and at 1:1 and
1:2 ligand-to-Fe(III) ratio. Any comparison with previous literature
data was not possible, as this work is the first one entirely in aqueous
medium. The distribution diagrams in Fig. 1 a-c show the percentage
of metal cations into the complexes with respect to pH.

As can be seen in Fig. 1a, the complexation between quercetin andAl
(III) starts at pH higher than 3.5 and the complex Al(H)−2(H5Que)+

reaches percentage lower than 50%, confirming that the sequestering
ability of quercetin towards Al(III) is not efficient. Regarding the system
Fe(III)-Que (Fig. 1b) all the complexes reach a percentage higher than
30%. The complexation starts from pH 2 with the formation of the spe-
cies Fe(H)−5(H5Que)22− which is predominant until pH 4. The other
two complexes, Fe(H)−4(H5Que)− and Fe(H)−6(H5Que)23−, start to
form at the same pH value (i.e., 2.5) and coexist in the whole investi-
gated pH range. Interestingly, the distribution of the hydrolytical com-
plexes, Fe(OH)2+ and Fe(OH)2+, shows that percentages decrease
drastically in the presence of quercetin. This led us to hypothesize that
the complexes between iron and quercetin could be mixed species in-
volving hydroxyl ion. Finally, the speciation diagram of the system Cu
(II)-Que (Fig. 1c) shows that the neutral complex Cu(H)−2(H5Que)
starts to form at pH 5.5 and is the predominant species from pH 6.5,
with percentage higher than 70%. The other two species, Cu(H)−1

(H5Que)+ and Cu(H)−3(H5Que)−, exist in two different pH ranges, in
particular from pH 4 to pH 7.5, with a maximum value at pH 6.5, and
from pH 6.5, respectively. The anionic complex, Cu(H)−3(H5Que)−, is
a minor species as it reaches a percentage lower than 15%.

In order to verify the effective formation of the complexes, all solu-
tions and solids gained at the end of each titration were analyzed by
UV–Vis spectrophotometry. A comparison of the UV–Vis spectra of
free ligand (H5Que) and of the coordinated species is reported in
Fig. 2a-c. According to literature, the UV–Vis spectrum of free quercetin
shows two characteristic absorption bands of flavonoid compounds
[40,41]: band I at 377 nm is due to the conjugation between B and C
ring (cinnamoyl system), and band II at 258 nm deriving from the A-C
ring (benzoyl system), which are highlighted in Fig. 2b. Moreover,
there are two other less intense absorption bands at 303 and 280 nm.
The UV–Vis spectra recorded on the solutions containing metal cations
show a significant shift of the characteristic bands of quercetin,
confirming the occurred complexation.

3.2. Computational analysis

Although the quercetin has been the subject of several theoretical
works, in order to obtain the ligand key properties at the same level of

Table 1
Formation of complexes of quercetin with Al(III), Fe(III) and Cu(II), according to Eq. (1).
Values of logβp,q,r inNaCl 0.16Mat 37 °Cwere obtained bynumerical procedure (standard
deviations are reported as 3 σ).

Species log βp,q,r ± 3 σ

Al(III) Al(H)−2(H5Que)+ −6.0 ± 0.1
Fe(H)−4(H5Que)− −6.98 ± 0.06

Fe(III) Fe(H)−5(H5Que)22− −4.6 ± 0.1
Fe(H)−6(H5Que)23− −8.7 ± 0.1
Cu(H)−1(H5Que)+ −3.12 ± 0.03

Cu(II) Cu(H)−2(H5Que) −9.91 ± 0.03
Cu(H)−3(H5Que)− −18.00 ± 0.09
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theory used for the complexes, thefirst step of our investigationwas the
optimization of quercetine (Que) alone considering the two different
conformations accounting for the position of the 3′OH site from the
same side of 3OH (s-cis) or from the other side (s-trans). Thus, the
two considered values of the Φ angle (C3-C2-C1’-C2’, see Scheme 1),
for the rotation around the 2–1′ bond, account for the two conforma-
tions of the catechol ring, as well as for the system planarity. The
resulting conformers are isoenergetic, i.e., energy range of 0.2 kcal/
mol, but the related electrostatic potential map (reported in Fig. 3)
clearly exhibits the influence of the Φ angle on the charge distribution
in the region including the OH moiety of the ring C (in C3 position)
and C2’H of the ring B. Furthermore, the planarity of the ligand is asso-
ciated with the highest conjugation and it is also relevant for the effect
of metal chelation on the antioxidant properties of quercetin [18].

Quercetin is a multidentate ligand and metal coordination can take
place via the 3-hydroxyl and 4‑carbonyl group of the C ring (denoted as
3–4 site), the 4‑carbonyl-5-hydroxyl site of the A and C rings (4–5 site)
or via the catechol moiety of the B ring (3′-4′ site) (see Scheme 1). The
preferred binding site can depend on the metal ion and on the pH value,
as also evidenced by the speciation described therein. Moreover, the po-
larity of the solvent plays an important role in metal ion/ligand interac-
tion. Overall, these features can result also on different metal/ligand
stoichiometry as it emerged in the case of iron (see Table 1). Following
the experimental indications arising from the speciation profiles of
Fig. 1, to gain structural features and binding modes of Al(III), Fe(III) and
Cu(II) ions complexes with quercetin, at the pH range of 2.5–4.5 for Al
(III) and Fe(III) and of 2.5–7.5 for Cu(II), different structures have been
investigated. Despite the numerous experimental and theoretical works
devoted to modeling the geometric parameters of flavonoid complexes
[17,20,21,41–48], the concern for this topic is still persistent and current
due to the limited X-ray data availability that encourages to deeply
explore their behavior in different environments and pH conditions.

The search for the most plausible metal/quercetin complexes was
driven by the metal to ligand stoichiometric ratio and the total charge
suggested by the potentiometric analysis (see Table 1), by considering
the loss of protons from both quercetin and water molecules coordi-
nated to themetal. In particular, given the pH range atwhich the exper-
iments were conducted (see Fig. 1), the quercetin can be anionic (see
Eq. (2)) only once it is coordinated to themetal center, thus different de-
protonation sites were considered in the complex's formation depend-
ing on the site involved in the coordination to the metal centre. Only
in some cases, in order to hypothesize the formation with specific stoi-
chiometric ratio and charge, the possibility that the 4′-anionic quercetin
could be involved in the complex formation was taken into consider-
ation (see SupplementaryMaterial). The starting structures of the com-
plexeswere obtained by chelation of themetal ion close to the 3–4, 4–5,
and 3′-4′ sites of quercetin, considering both its isomeric forms above-
cited, and saturing the coordination sphere of each metal with water
molecules (or OH−

, depending on the complex total charge). In princi-
ple, also the site 7-OH of the quecetin was considered but, since it
mainly generates monocoordinated species, it resulted to be less fa-
vored for all the metal complexation. So, all the species characterized
by the presence of metal ion monocoordinated to the ligand were
discarded, independently on the charge and the considered coordina-
tion site, and they are reported in the Supplementary Material. While
the outcomes for the most stable complexes of the three metal ions
with quercetin, as preferred isomer in each complex, were collected in
Fig. 4 and Table 3.

3.2.1. Al(III)-Quercetin
For aluminum, different combinations of deprotonated quercetin

forms associated with total charge +1 of the complexes (Al(H)−2

(H5Que)+) in the 1:1 metal/ligand ratio were taken into account that
lead to Al(OH)H4Que+ or Al(H3Que)+ species. Themost plausible com-
plexes are depicted in Fig. 4a together with the relative free energy
values calculated with respect to the most stable complex, while all
the other optimized structures are shown in Fig. S1 of the Supplemen-
tary Material.

When the quercetin acts asmonodentate ligand, the generated com-
plexes (Fig. S1) are higher in energy regardless the considered species,
Al(OH)H4Que+ or Al(H3Que)+. Anyway, the latter complex is the least
favored one as it can be arisen from the relative energy values in
Fig. S1. In the three monodentate structures intercepted, the metal ion
assumes a trigonal bipyramid geometry.

The bidentate nature of the ligand results in very stable complexes
with Al(III) ion (see Table S1). Regardless the Φ value and charge of
the systems, the preferred chelation occurs through the A/C rings with
the 4–5 site rather than the 3–4. In particular, for Al(OH)H4Que+ the
six-membered chelate ring of the 4–5 site is favored on that five-
membered generated by the 3–4 site metal coordination by about

Fig. 1. Distribution diagrams in the presence of H5Que of: (a) Al(III) (CM=0.25 mM and
CL=1.0 mM); (b) Fe(III) (CM=0.5 mM and CL=0.7 mM) and (c) Cu(II) (CM=0.25 mM
and CL=1.0 mM).
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3.5 kcal/mol (see Fig. S1 and Table S1). Analogous outcomeswere found
in previousworks [11,15,16,22]. In all the bidentate complexes of the Al
(OH)H4Que+ species the aluminum retains the octahedral geometry
(Fig. 4a and S1). When the catechol moiety is implicated in the metal
ion coordination, the complexes 3′H-4′ and 3′-4′H of Fig. S1 can be
formed and they lie 10.7 and 9.1 kcal/mol, respectively, higher in energy
than the 4–5 complex in Fig. 4a, evidencing site 3′-4′ as the less pre-
ferred site for Al(III) bearing an OH− ligand in acqueous solution. On
the contrary, based on the speciation diagram of Fig. 1a, the Al
(H3Que)+ can be formed only if the site 3′-4′ is involved in the coordi-
nation, while for obtaining the other coordination sites, the most acid
site should be considered deprotonated (see Fig. S1b) and theywere ex-
cluded because of the experimental pH condition. The resulted most
probable species, having the catechol group completely deprotonated
(see Fig. 4a), results to be just over 4 kcal/mol higher in energy than
the lowest energy structure, that is the 4–5 of Al(OH)H4Que+.

This behavior well accounts for the hard acid nature of the Al(III)
that prefers binding to the hard bases to give complexes having a rather
ionic nature as confirmed by the NBO charges analysis (Table 2) deriv-
ing from −0.930 |e| for O3′ and −0.922 |e| for O4′ more negative by
0.191 |e| and 0.199 |e| with respect to the neutral quercetin. This differ-
ence reflects the clear electrostatic nature of the interaction that, as a
consequence, gives rise to a higher binding energy (Table 2). In the

4–5 complex of Al(OH)H4Que+, the natural charges of the oxygen
atoms involved in the coordination resulted to be −0.886 |e| and
−0.790 |e|, respectively, more negative by 0.162 |e| and 0.046 |e| than
in the ligand alone. The different topology of the complex along with a
local different nature charge surrounding the metal ion causes a minor
binding energy (Table 2).

Furthermore in 3′-4′ complex of Al(H3Que)+, the torsional angle Φ
deviates from the planarity more than the 4–5 complex of Al(OH)
H4Que+ (46.1 vs −152.9 degrees). This finding is in agreement with
the non-planar ligand usually found in the Al coordination to the cate-
chol moiety [11,21,22,49]. On the contrary, when Al binds to the 3–4
site it was possible to observe a more complete planarity of the ligand
with the fivemembered chelate ring generated by themetal ion coordi-
nation (see Fig. S1), as already found in other works [11,49].

The calculated formation free energies reported in Table S1, suggest
the 3′-4′ coordination of the Al(H3Que)+ species as possible kinetically
favored candidate (−55.9 kcal/mol) whereas the 5–4 of the Al(OH)
H4Que+ one as thermodymically favored (−71.2 kcal/mol) confirming
what previously declared for alluminium complexes [11,49].

3.2.2. Fe(III)-Quercetin
According to the speciation diagrams (Fig. 1b), in the case of Fe(III)

geometry optimization of both 1:1 and 1:2 metal to ligand

Fig. 2. UV–Vis spectra of the free ligand and of the complexes. (a) Al(III)-Que; (b) Fe(III)-Que and (c) Cu(II)-Que.
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stoichiometric ratio were performed. In Fig. 4b are depicted the com-
plexes of the Fe(OH)2(H3Que)− representative of the most probable
structures in which catechol moiety (3′-4′) is implicated in the com-
plexation. Two iron-containing complexes (very close in energy) are
displayed accounting for both geometric isomers of quercetin. The
other considered species are reported in Fig. S2. In all the intercepted
complexes, the deviation from the planarity of ring B is less pronounced
with respect to that observed in the case of aluminum complexes in the
same conditions (see Fig. 4a and S1). As above anticipated in the exper-
imental section, differently from the aluminum ion, the species in ratio
1:1 for iron complexes exhibit a negative charge that necessarely have
to provide the presence of two hydroxyl groups (see dark red line in
Fig. 1b) and the doubly charged ligand, that can be realized only in 3′-
4′ site coordination. Also in the case of Fe(III) complexes in Fe(OH)2
(H3Que)− stochiometric ratio and charge, the possibility that the
other binding sites could be involved in the Fe(III) complexation re-
quires Que. to have a deprotonate hydoxyl group not involved in the
metal coordination, possibility that was discarded based on pH condi-
tion. The NBO charge values reported in Table 2 evidence the different
behavior of the Fe(III) ion related to the aluminum one since the posi-
tive charge on the metal ion decreased by 0.370 |e|. Catechol group of
quercetin is an affective metal chelator; its deprotonated form behaves
as hard Lewis base and exhibits a particular affinity for hard Lewis acids
like Fe(III) and the delocalized electron density of the catechol donor
groups stabilize the ferric state. Taking into account all these relevant
factors and contrary to what happened in aluminum, the 3′-4′ binding
site is that involved in the most favored complex. This well matches
with the available data that propose the iron strongest affinity for the
ortho-dihydroxyl group of quercetin [45] in acidic solution, though sev-
eral experimental and theoretical studies on the coordination properties
of flavonoids present in literature provided often contradictory results
concerning the binding site and metal/ligand stoichiometric ratio
[18,19,21,42–44,49].

Irrespective of the applied combination of charge and coordination
site, the d5 high-spin Fe(III) in the complexes, where the quercetin
acts as bidentate ligand, appears hexacoordinate (see Fig. 4b and S2)
with the 4–5 and 3–4 complexes less stable by about 5 kcal/mol than

the 3′-4′ one. In the only complex with the monocoordinated iron to
quercetin (3′ of Fig. S2), characterized by a coordination number (CN)
equal to 5, a trigonal bipyramidal geometry can be observed. However,
the formation of this complex in solution can be confidently excluded as
it lies at about 13.0 kcal/mol above the 3′-4′ one.

3.2.3. Cu(II)-Quercetin
In the same pH range explored for Al(III) and Fe(III) complexes, the

Cu(H4Que)+ species results the only species present in solution (see
Fig. 1c). Thus, the monodeprotonated ligand on its possible OH groups
(3-OH, 5-OH, 3′-OH and 4′-OH) has been considered in the complexes
formation with metal ion. Based on the energetic unfavorability of
monodentate quercetin complex, the bidentate nature of the ligand
was mainly examined. The investigated complexes well account for
the different orientation of catechol moiety and the planarity deviation
along with themono- and bi-coordination of the ligand (see Fig. 4c and
S3). In the case of copper-containing complexes, all the considered
structures are enclosed in a range of about 6 kcal/mol pointing out a
substantial different behavior with respect to both Al(III) and Fe(III)
metal ions. In particular, in Fig. 4c the structures related to the possible
Cu(H4Que)+ species within the range of 5 kcal/mol and representative
of the most stable conformation for the three considered coordination
sites have been collected. The lowest minimum exhibits the metal ion
coordinated to the 4–5 site followed by those with the metal cation
linked to the 3–4 (2.0 kcal/mol) and 3′-4′H (4.7 kcal/mol) sites. In the
4–5 and 3′-4′H complexes, the ion is pentacoordinated outlining a
square planar pyramid. In fact a water molecule initially placed as
sixth ligand, after minimization is retained in the outer coordination
shell of the copper ion by H-bond with the oxygen atoms (see Fig. 4c).
This behavior can be ascribed to the axial distortion very common in
the d9 configuration of copper ion [41,50]. In the six membered chelate
ring 4–5 complex, the orientation of the catechol ring is in trans owing
to the torsional angle Φ equal to 157.3°. The 3–4 complex lying at
only 2.0 kcal/mol above the 4–5 one, shows a dihedral angle value
(Φ=19.5°) pointing out a catechol ring that does not deviate so much
from the planarity. The copper ion on the contrary, appears
tetracoordinated having pushed out of the inner coordination sphere

Fig. 3. Optimized structures of quercetin in both s-cis and s-trans isomeric forms.
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Fig. 4.Optimized Structures for themost plausible complexes of H5Quewith a) Al(III), b) Fe(III) and c) Cu(II). In parenthesis is specified the coordination site. Gibbs free energy differences
with respect to the most stable complexes are reported in kcal/mol.
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two water molecules, so a square planar geometry has been obtained.
The two water molecules are now located out of plane at 1.855 Å and
1.886 Å from the O3 deprotonated atom. The analogue having the dihe-
dral angle equal to −160.5° (species 3–4 s-trans of Fig. S3) is almost
isoenergetic owing to only 0.2 kcal/mol less stable.

Analyzing the natural charges of the atoms involved in the coordina-
tion for the 3–4 complex (Table 2), it is possible to note that the electro-
static component of the interaction is more evident with respect to that
observed for the 4–5 for both donor atom and metal ion. In particular,
the atom O5 (−0.844 |e|) is less negative than O3 (−0.911 |e|) and
the copper ion retains more positive charge since 1.411 |e| and 1.327 |
e| in 3–4 and 4–5, respectively. This behavior is reflected on the higher
binding energy by 28.2 kcal/mol than 4–5 (see Table 2) and deviates
from that of the other two metal ions examined because it advises
that the 3–4, very close in energy to 4–5, can coexist with it in aqueous
environment. Furthermore its free formation energy (22.7 kcal/mol)
smaller than that of 4–5 (24.3 kcal/mol) corroborates the consequence
of the chelate effect, which is due to the bidentate ligand that prefers the
formation of a six-membered ring (4–5) on the five-membered one
(3–4), which is therefore the kinetically favored complex. However un-
like the aluminum and iron ions, the monocoordination to the
deprotonated 3′-OH produced a complex at 4.7 kcal/mol above the
lowest energy minimum since the stabilizing effects from the H-bonds
network including that with the neighbohring oxygen atom (O3) (see
3′-mono of Fig. S3). This behavior is also enabled by the cis orientation
of catechol moiety (Φ=33.6°).

3.2.4. UV–Vis simulated spectra in acqueous solution
To confirm the formation in aqueous solution of the most probable

complexes above-describedUV–Vis spectrawere simulated. Table 3 col-
lects the outcomes of TDDFT for neutral quercetin and for the most
palusible complexes obatined with Al(III), Fe (III) and Cu(II) ions.

The computed excitation energies (Table 3) give for the quercetin
two main bands: an intense absorption (f = 0.674) at 324 nm which

is mainly due to a H→L transition (92%) and a band at 222 nm that,
keeping in mind the overestimation of excitation energies provided by
TDDFT method [51], well reproduce the experimental ones (377 nm
and 258 nm, respectively). Analog behavior was encountered in previ-
ous works [11,19,29]. The frontier orbitals energy levels and the related
electronic distribution isodensity plots are reported in Fig. S4. The
displayed frontier orbitals clearly show the interested regions in the
UV absorption, i.e., the cinnamoyl moiety for HOMO-LUMO transition
in the 320–385 nm range and the benzoyl one in the 240–280 nm.

The Al(III) complexation retains two main absorption bands attrib-
uted to H→L energy gaps with the first absorption band having π → π*
character. The computed excitation energies for the two considered
complexes propose a better reproduction of the experimental absorp-
tion for the Al(OH)H4Que+ (4–5 of Fig. 4a) because for Al(H3Que)+

(3′-4′ of Fig. 4a) the absorption band does not show the usual
bathochromic shift in quercetin, before observed. The electronic density
on the LUMO of the 4–5 complex is predominantly localized on both A
and C rings (see Fig. S4). The UV–Vis results support the Al(OH)H4Que+

(4–5) as the most probable Al(III)-Que complex in the examined aque-
ous conditions. Although the ion is more likely to interact with the
cathecol region in Al(H3Que)+ (see ΔBE in Table 2), the result is in
agreement with other works [11,17], proposing Al(OH)H4Que+ (4–5)
to be the kinetically favored complex.

When quercetin is coordinated to Fe(III) via catechol region, com-
plex (3′-4′), the band belonging to the cynnamoyl moiety (323 nm,
see Table 3), suffers a bathochromic shift (Δλ~50 nm). This behavior
is in agreement with the experimental counterpart of this work and
the previous one [43].

Looking at the main electronic transitions of the considered copper-
containing complexes reported in Table 3, it is important to note that all
of them exhibit a bathochromic shift of the band related to the
cinnamoyl moiety by 35 nm, 26 nm and 34 nm and by 21 nm, 15 nm
and 6 nm for the band belonging to the benzoyl moiety for 4–5, 3′-4′
and 3–4 s-cis, respectively, caused by the deprotonation of quercetin
and the formation of the complexes. This finding confirms that what-
ever the A-C rings (5–4 site) or only the C ring (3–4 site) is implicated
in the coordination, the cinnamoyl band does not show significant dif-
ference to allow to discriminate the preferred complex, matter that, in-
deed, should be assigned to the benzoyl band that presents a more
consistent difference (21 nm versus 6 nm). A further important conse-
quence is that the different coordination geometry of the copper ion
in 4–5 and 3–4 s-cis does not play a crucial role. The 3′-4′ complex, in
turn, shows a small shift for both bands with respect to the alone quer-
cetin proposing that the coordination on the catechol moiety (B ring)
produces electronic effects on the A-C rings.

3.3. NMR spectroscopy characterization

To gain insights into the coordination behavior of quercetin towards
the three different metal cations, Al(III), Fe(III) and Cu(II), 1H NMR and

Table 3
Computedwavelength (nm) for quercetin and the selectedAl(III)-, Fe(III)- and Cu(II)-Que
complexes. The experimental values are also reported.

Species Coordination site Calc.a Exp.

I II I II

Quercetin – 222 324 258 377
Al(OH)H4Que+ 4–5 238(0.51)b 358(0.63) 267 426
Al(H3Que)+ 3′-4′ 228(0.64) 328(0.68)
Fe(OH)2H3Que− 3′-4′ 243(0.18) 376(0.81) 269 427
Cu(H4Que)+ 4–5 243(0.45) 358(0.57) 264 431
Cu(H4Que)+ 3′-4′H 237(0.29) 349(0.95)
Cu(H4Que)+ 3–4 s-cis 228(0.54) 357(0.65)

a Only electronic transitions having an oscillator strength higher than 0.1 were
included.

b Oscillator strength in parenthesis.

Table 2
BE differences (kcal/mol) between the most stable complexes and the others for each metal and natural charges for metal and oxygen atoms within each complexes.

Species Coord. sitea ΔBE O5 (O3′ or O3) O4 (O4′) Mn+ OWeq OWax Oox(eq) (OW) Oox (ax)(OW)

Al
Al(OH)H4Que+ 4–5 13.7 −0.886 −0.790 1.922 −0.949 −0.947 −1.245 −0.946
AlH3Que+ 3′-4′ 0.0 −0.930 −0.922 1.919 −0.954 −0.951 −0.957 −0.955

Fe
Fe(OH)2H3Que− 3′-4′ s-cis −0.873 −0.842 1.549 −0.924 −0.925 −1.140 −1.130

Cu
CuH4Que+ 4–5 28.2 −0.844 −0.751 1.327 – −0.962 −0.940 −0.940
CuH4Que+ 3′-4′H 53.4 −0.887 −0.377 1.377 −1.021 −0.963 −0.942 −0.949
CuH4Que+ 3–4 s-cis 0.0 −0.911 −0.735 1.410 −0.949 – −0.949 –

a H atoms are always removed from the OH binding sites unless denoted with a subscript H.
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13C NMR spectra were recorded on the DMSO‑d6 solutions prepared by
dissolving the insoluble products formed during the potentiometric ti-
tration experiments and were compared to that of the free ligand
(Fig. 5). The 1H NMR spectrum of quercetin exhibits a sharp and ex-
tremely deshielded resonance at 12.45 ppm, which is usually attributed
to the 5OH proton that participates in a strong intramolecular hydrogen
bond with the 4O carbonyl oxygen atom [52,53]. Also, the C3, C3′, C4′
and C7 OH groups appear as extremely sharp singlets in the region
9.2–10.7 ppm (Fig. 5 and Table 4).

As shown before, complex formation leads to the substitution of one
or two acidic protons of quercetin by themetal cation.While in aqueous
solution, an equilibrium between the free quercetin and the metal-
quercetin complex is expected [54,55], in non protic solvents, such as
DMSO, complexation should lead to the disappearance of those proton
signals involved in the complexation reaction [56,57]. This should be ex-
pected also for the DMSO solution obtained by dissolving the water in-
soluble complexes formed during the titration experiment. Instead, the
1H NMR spectra acquired on these samples contains all the signals rela-
tive to the five OH groups of quercetin (Fig. 5). This evidence could sug-
gest that the insoluble products collected during titration could be
undissolved/unreacted quercetin. However, the UV–Vis spectra
(Fig. 2) clearly show the formation of the complexes. In addition,we ob-
serve significant shift of the above proton signals and of significant
changes in their relative signal intensity with respect to the free ligand
(Fig. 5 and Table S2). The presence of all the acidic proton signals of
quercetin makes difficult any univocal identification of the complexa-
tion site involved, and leads to the necessary assumption that the dis-
solved solid is a mixture of different species which come into a rapid
equilibrium in solution within the NMR time scale. This equilibrium
being facilitated by the presence of water in the solid which is due to
the drying at air. Under this hypothesis, the NMR spectrum should re-
flect a weighted average over the spectra of each species in solution.

Based on the above assumption, the possible neutral species in the Al
(III)-Que system are those where the quercetin is deprotonated once,
Al(OH)2H4Que, at the 7OH/5OH/3OH, or twice, Al(OH)H3Que, at the
3′,4′-OH dihydroxyl site.

The schematic map in Fig. 6a shows the chemical shift changes asso-
ciated to each proton in the molecular structure of Que., where the
shielding and deshielding effect, deriving from the complexation, is in-
dicated by the red and blue color code, respectively. It is rather impres-
sive to see that a large deshielding effect occurs on the 3′,4′-OH
dihydroxyl site (up to 0.17 as ppmchange) and on the extreme opposite
side of the molecule on the A ring (at the 7OH, H6 and H8 positions),
with the largest shift for the OH-7 (Δδ ~ 0.35 ppm). While, a moderate
to low shielding effect is found for the 5OH, 3OH and the other protons
in the B ring (Fig. 5, Fig. 6a and Table S2).

A similar map can be built from the 13C NMR chemical shift changes
of the Al(III)-Que complexes with respect to that of pure Que. (Fig. 6b)
which highlights also a strong shielding effect on the C5-C10-C9 seg-
ment adjacent to the 4–5 coordination site. Therefore, 1H and 13C
NMR data show significant changes in the chemical shifts of specific re-
gions of the quercetin molecule upon complexation, including that
bearing the hydroxyl site in position 7. Thus, although the bidentate
complexes are much more stable, the monodentate complexes involv-
ing this site cannot be totally excluded.

The above maps reflect, to some extent, the change in the distribu-
tion of the electronic charge density of quercetin which is due to the

Fig. 5. 1H NMR spectra of pure quercetin and of the complexes in DMSO.

Table 4
OHi/OH3 intensity ratio in free quercetin and in the Cu(II)–Que complex.

IOH5/IOH3 IOH7/IOH3 IOH4′/IOH3 IOH3′/IOH3

Que 2.2 1.4 0.92 1.6
Cu(II)–Que 1.0 0.56 0.63 1.2
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complexationwith theAl(III) cation, because a shielding/deshielding ef-
fect on an atom should correspond to an increase/decrease of the elec-
tronic charge density in the molecule close to that atom. MEPs were
computed considering all the possible Que. chelating sites for metal cat-
ion and are reported in Fig. 6 (panel c, d, e). If comparedwith theMEP of
the neutral quercetin (Fig. 3), when the cation binds at the 3–4 site, an
increase of the negative charge density essentially occurs on ring B,
while a relatively high positive charge density is generated on rings A
and C (Fig. 6c). Though, this charge distribution in 3–4 complexmay ex-
plain the observed high field shifts of the NMR signals and the low-field
shift in the C6-C7-C8 segment, it however, does not explain the strong
deshielding effect observed on the 3′,4′ dihydroxyl site. This may be in-
duced only when the metal coordination occurs on the catechol site
(Fig. 6e). Therefore, the qualitative comparison between the NMR
maps and the MEPs supports the hypothesis that the spectrum of the
Al(III)-Que mixture is a weighted average of those of the individual
complexes and free quercetin.

The simulated NMR spectra (Table S3) of the three plausible Al(III)-
Que neutral complexes, whose MEPs are included in Fig. 6, confirm the
coexistence of different complexes as well. Indeed, the computed 1H
chemical shifts endorse the observed (Fig. 6a,b) deshielding of 7OH
and the shielding of H6andH8 in those complexeswhose aluminumco-
ordination leads to the formation of the five-membered rings (for coor-
dination at 3–4 and 3′-4′ sites). In particular, the large deshielding of
7OH as well as the shielding of H2’ and H6’ can be found only if the

complexation occurs on site 3′-4′. From the other hand, the low-field
shift of 3′OH and 4′OH is observed when the 5–4 site is that involved
in themetal coordination. Considering also the 13C spectra, the shielding
of the C5-C9-C10 segment occurs only if Que. coordinates Al(III)
through the 3–4 site, while the downfield shift of most of carbon
atoms of ring B is found for 4–5 coordination of the metal. Thus, based
on this comparison, it cannot be excluded the presence in the examined
solid of none of the three plausible Al(III)-Que complexes.

Based on the recorded 1H NMR spectrum, similar hypotheses on co-
ordination and nature of the complexes can be done on the Fe(III)-Que
system, showing the same behavior as that of the Al(III)-Que one in
terms of NMR chemical shifts (Table S4). Also the simulation of the 1H
NMR spectrum (Table S5) of the three possible metal coordination
(3–4, 4–5 and 3′-4′), suggests the coexistence of different species also
in the case of Fe(III) complexation. However, differently from Al
(III)-Que complexes, the presence of the 4–5 coordination mode can
be excluded as none of the shifts experimentally found is observed in
the simulated spectrum of such a complex. Indeed, the electrostatic po-
tential map for coordination to 4–5 site (Fig. S5), evidences a negative
charge density on ring A which does not explain the deshielding effect
on protons of such ring that is experimentally observed. Most of those
shifts are instead found for the complexation of Fe(III) through 3–4
site, while the shielding of H2’ can be ascribed only to the 3′-4′ Fe(III)-
Que complex. In addition, they are the most stable neutral complexes
of Fe(III)-Que in DMSO and their relative stability differs of less than

Fig. 6. Chemical shift changes maps a) 1H NMR, b)13C NMR. Maps of themolecular electrostatic potential (MEP)of c) 3–4, d) 4–5 Al(OH)2H4Que complexes and e) 3′,4′-OH Al(OH)H3Que
complex.

G.A. Corrente, L. Malacaria, A. Beneduci et al. Journal of Molecular Liquids 325 (2021) 115171

10



1 kcal/mol, so they are formedwith equal probability and can be consid-
ered as the most plausible species in the characterized solid.

In contrast to the above findings, the 1H NMR signals of the Cu(II)–
Que complex are all upfield shifted as compared to the free quercetin
(Table S4), though the absolute chemical shift changes are relatively
smaller than those observed on the other complexes (Table S2 and
S4). The electrostatic density maps of Que. coordinated to the Cu(II)
ion at the 3′-4′ site (Fig. S6) show a general increase of the negative
charge density on the whole molecule, thus supporting the shielding
effect observed in the proton spectrum of the complex.

A similar shielding effect was observed previously on Cu(II)–Que
complex with a ligand to metal ratio of 1:2 where, chelation occurs in
the 3′-4′ dihydroxyl and 3–4 positions and was attributed to the in-
crease of the conjugation caused by the metal coordination, which in-
creases the planarity of the flavonoid molecule [57]. In addition, a
strong support towards the coordination on the 3-hydroxochrome posi-
tion comes from the systematic decrease of the OHi/OH3 intensity ratio
in the complex with respect to that of free quercetin (Table 4). There-
fore, the evidence points towards the formation of the solid species Cu
(OH)H4Que with coordination in 3OH/4O, which is in rapid equilibrium
with free quercetin in solution. However, the coordination in 3′-4′ can-
not be excluded based on the MEPs reported in Fig. S6 showing that
when the Cu cation is coordinated to this site a significant charge den-
sity is induced on the whole Que. molecule. Therefore, the generalized
upfield shift of the NMR peaks (Fig. 5 and Table S4), similar to that
foundwhen the Cu cation binds both the 3–4 and 3′-4′ sites [57], agrees
well with the presence of both complexes in our solid.

The simulated 1H NMR spectra for Cu(II) coordination to the three
possible sites of Que., evidence an upfield shift for most of the protons
essentially in all the three cases, with the exception of 3OH and H6’ pro-
tons in 4–5metal coordination and 5OHproton in 3′-4′ Cu(II)-Que com-
plex that, in principle, could exclude the presence of such complexes in
the experimentally characterized solid. However, while for Cu(II) coor-
dination at site 3–4 the signals of all the protons result upfield shifted or
not shifted, the shielding of 3OH can be found only admitting the pres-
ence of 3′-4′ coordination of Que. to ferric ion. In addition, from the
computational outcomes in DMSO, the 3′-4′ Cu(II)-Que complex
emerges as the most stable species in such environment. Therefore,
only considering the presence of both 3–4 and 3′-4′ complexes the ob-
served shielding of the protons chemical shift with respect to free quer-
cetin can be rationalized.

4. Conclusions

The coordination properties of quercetin towards Al(III), Fe(III) and
Cu(II) in aqueous solution at 37 °C and in 0.16 M NaCl have been
discussed. Speciation profiles from potentiometric titrations show that
a complexation occurs at 1:1 ligand-to-cations ratio for Al(III) and Cu
(II), and at 1:1 and 1:2 ligand-to-Fe(III) ratio. To achieve insights on
the binding modes of the metal ions complexes, UV and 1H and 13C
NMR spectra and DFT calculations have been performed. In all the com-
plexes examined by the computational approach, thewater solvent was
represented using a combined model: esplicit water molecules to
achieve a starting coordination number of six for alluminium, iron and
copper and then the solvent in the region around the complex was
implicitily described. Simulations of the UV–Vis spectra conducted at
the time-dependent density functional theory level yielded results con-
sistent with the experiemental ones and the features in the absorbance
were primarily associated to the electron transitions from the highest
occupied molecular orbital to the lowest unoccupied molecular orbital
in the complexes.

The NMR analysis of the solid samples, obtained during the titra-
tion experiments, is consistent with the presence of a mixture of
more than one complex thus, highlighting the tendency of quercetin
to bind the three cations at different coordination sites, agreeing
with the comparatively similar stability of the various possible

complexes. Specifically, aluminum and iron show no clear preference
towards any of the three complexation sites while, for copper the
4–5 site could be excluded based on experimental findings, computa-
tional results and literature data.

The use of quercetin in chelation therapy could be advantageous for
the following reasons: its high ability in sequestering different metal
ions deriving from its three coordination sites with different character-
istics and the high stability of the complexes formed; its lipophilicity
that could likely allow it to pass the cell membranes.
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Table S1 

 

 Al(H)-2(H5Que)+ Fe(H)-4(H5Que)- Cu(H)-1(H5Que)+ 

site Al(OH)H4Que+ Al(H3Que)+ Fe(OH)2H3Que- Cu(H4Que)+ 

4,5 s-trans -70.9   -24.3 

4,5 s-cis -71.2 -55.8  -24.2 

3-4 s-trans -68.3   -22.7 

3-4 s-cis -68.6 -57.6  -22.9 

3'-4' s-trans  -55.9 -98.8  

3'-4' s-cis   -99.4  

3'H-4 -57.7   -16.7 

3'-4H -60.1   -14.3 

3'   -85.9 -15.7 

3 -51.1    

7 -51.8 -7.9   

Gibbs free energy of formation (kcal/mol) 
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Figure S2 
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Figure S3 
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Figure S4 
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Table S2 

 

Proton Free Que 
Al(III)-Que 

complex 
Shift Carbon Free Que 

Al(III)-Que 

complex 
Shift 

H 6 6.1867 6.236 0.0493 C8 93.3333 93.4003 0.067 

 6.1908 6.24 0.0492 C6 98.1765 98.2726 0.0961 

H 8 6.4014 6.494 0.0926 C10 103.0275 102.8863 -0.1412 

 6.4055 6.4981 0.0926 C2' 115.1221 115.1427 0.0206 

H 5' 6.8807 6.9073 0.0266 C5' 115.6 115.7525 0.1525 

 6.8976 6.9243 0.0267 C6' 119.9746 119.9648 -0.0098 

H 6' 7.5286 7.5259 -0.0027 C1' 121.9857 121.9416 -0.0441 

 7.5331 7.5304 -0.0027 C3 135.6844 135.6064 -0.078 

 7.5456 7.5428 -0.0028 C3' 145.0514 145.0833 0.0319 

 7.55 7.5473 -0.0027 C2 146.8551 146.8181 -0.037 

H 2' 7.671 7.6583 -0.0127 C4' 147.6954 147.714 0.0186 

 7.6754 7.6627 -0.0127 C9 156.1646 156.0874 -0.0772 

OH 3 9.1694 9.1461 -0.0233 C5 160.7272 160.5722 -0.155 

OH 3' 9.199 9.2678 0.0688 C7 163.8718 164.1508 0.279 

OH 4' 9.4511 9.6043 0.1532 C4 175.8286 175.7677 -0.0609 

OH 7 10.6646 11.0099 0.3453     

OH5 12.4467 12.4065 -0.0402     
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Table S3 

 

Atom 
Free Que 

s-cis 

Free 

Que 

s-trans 

Al(III) – Que 

3-4 complex 
Shift 

Al(III) – Que 

4-5 complex 
Shift 

Al(III) – Que 

3'-4' complex 
Shift 

OH 3 6.83 7.02   6.72 -0.11 7.24 0.22 

OH 5 12.06 12.04 10.58 -1.48   12.38 0.34 

H 6 6.64 6.65 6.71 0.07 6.55 -0.09 6.69 0.04 

OH 7 5.56 5.56 5.60 0.04 5.53 -0.03 6.27 0.72 

H 8 6.91 6.94 7.01 0.10 6.85 -0.06 6.97 0.03 

H 2’ 8.47 8.12 9.33 0.86 8.62 0.14 7.85 -0.27 

OH 3' 5.25 5.31 5.23 -0.02 5.27 0.01   

OH 4' 6.03 6.03 6.00 -0.04 6.12 0.09   

H 5' 7.56 7.52 7.54 -0.02 7.58 0.02 7.17 -0.36 

H 6' 8.09 8.62 8.17 0.08 8.24 0.15 8.32 -0.30 

C2 154.86 154.00 156.56 1.70 156.77 1.91 157.70 3.70 

C3 144.60 145.26 151.14 6.54 143.55 -1.05 143.91 -1.35 

C4 182.04 181.91 181.81 -0.24 175.66 -6.38 180.97 -0.94 

C5 171.85 171.86 169.79 -2.06 174.34 2.49 171.01 -0.85 

C6 104.78 104.83 105.33 0.55 108.98 4.21 105.15 0.32 

C7 173.48 173.52 173.69 0.21 175.04 1.57 173.10 -0.43 

C8 100.24 100.24 100.79 0.55 98.48 -1.76 100.65 0.41 

C9 166.14 165.74 165.19 -0.95 166.25 0.12 165.80 0.05 

C10 110.64 110.60 109.25 -1.39 112.34 1.70 110.77 0.18 

C1' 131.91 132.00 133.29 1.38 131.29 -0.62 127.98 -4.02 

C2' 122.67 118.36 122.58 -0.10 123.10 0.43 116.50 -1.85 

C3' 150.96 152.75 151.92 0.96 152.07 1.11 164.50 11.75 

C4' 157.05 157.26 156.58 -0.47 157.87 0.82 169.88 12.62 

C5' 123.60 123.60 123.62 0.02 123.88 0.27 120.63 -2.96 

C6' 129.89 132.24 128.28 -1.60 130.43 0.55 130.59 -1.65 
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Table S4 

 

Proton 
Fe(III) – Que 

complex 
Shift 

Cu(II) – Que 

complex 
Shift 

H 6 6.2415 0.0548 6.1811 -0.0056 

 6.2455 0.0547   

H 8 6.5014 0.1 6.3959 -0.0055 

 6.5055 0.1   

H 5' 6.9111 0.0304 6.8719 -0.0088 

 6.928 0.0304 6.8893 -0.0083 

H 6' 7.526 -0.0026 7.5234 -0.0052 

 7.5307 -0.0024 7.5261 -0.007 

 7.5431 -0.0025 7.5399 -0.0057 

 7.5474 -0.0026 7.5414 -0.0086 

H2' 7.6583 -0.0127 7.6641 -0.0069 

 7.6626 -0.0128 7.6657 -0.0097 

OH 3 9.1469 -0.0225 9.1675 -0.0019 

OH 3' 9.2779 0.0789 9.1892 -0.0098 

OH 4' 9.6218 0.1707 9.4505 -0.0006 

OH 7 11.0396 0.375 10.6624 -0.0022 

OH5 12.4035 -0.0432 12.4357 -0.011 
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Figure S5 
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Table S5 

 

Atom 
Fe(III) – Que 

3-4 complex 
Shift 

Fe(III) – Que 

4-5 complex 
Shift 

Fe(III) – Que 

3'-4' complex 
Shift 

OH 3   7.2 0.4 6.9 0.1 

OH 5 11.0 -1.0   12.2 0.2 

H 6 6.7 0.1 6.3 -0.3 6.6 0.0 

OH 7 5.6 0.1 5.3 -0.2 5.5 -0.1 

H 8 7.0 0.1 6.7 -0.2 6.9 0.0 

H 2' 9.3 0.8 8.6 0.1 7.8 -0.7 

OH 3' 5.4 0.1 5.2 0.0   

OH 4' 6.1 0.0 6.0 0.0   

H 5' 7.5 0.0 7.5 0.0 6.7 -0.8 

H 6' 8.2 0.1 8.2 0.1 8.1 0.0 

C2 151.1 -3.7 153.2 -1.6 156.2 1.3 

C3 153.9 9.3 144.3 -0.3 144.0 -0.6 

C4 184.7 2.6 178.4 -3.6 181.3 -0.8 

C5 168.8 -3.0 179.3 7.4 171.7 -0.1 

C6 105.6 0.8 105.1 0.3 104.4 -0.4 

C7 173.7 0.2 174.1 0.7 173.1 -0.4 

C8 100.7 0.4 97.6 -2.7 99.9 -0.3 

C9 165.5 -0.6 167.2 1.1 165.9 -0.3 

C10 110.0 -0.7 114.6 4.0 110.5 -0.2 

C1' 132.5 0.6 131.9 0.0 129.9 -2.0 

C2' 124.9 2.2 122.4 -0.3 117.6 -5.1 

C3' 152.2 1.3 152.1 1.1 165.9 15.0 

C4' 156.9 -0.2 156.9 -0.1 170.8 13.7 

C5' 123.7 0.1 123.6 0.0 119.4 -4.2 

C6' 129.8 -0.1 129.2 -0.6 128.9 -1.0 
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Figure S6 
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Table S6 

 

Atom 
Cu(II) – Que 

3-4 complex 
Shift 

Cu(II) – Que 

4-5 complex 
Shift 

Cu(II) – Que 

3'-4' complex 
Shift 

OH 3   10.8 3.8 6.8 -0.2 

OH 5 10.6 -1.4   12.2 0.2 

H 6 6.7 0.0 6.3 -0.3 6.6 -0.1 

OH 7 5.6 0.0 5.3 -0.3 5.4 -0.1 

H 8 6.9 0.0 6.7 -0.2 6.8 -0.1 

H 2' 8.2 -0.2 8.1 0.0 7.6 -0.5 

OH 3' 5.2 0.0 5.3 0.0   

OH 4' 6.0 -0.1 6.0 0.0   

H 5' 7.5 0.0 7.5 -0.1 6.9 -0.6 

H 6' 7.9 -0.2 8.8 0.2 8.2 -0.4 

C2 158.8 3.9 153.7 -0.3 156.4 2.4 

C3 151.8 7.2 147.6 2.3 143.6 -1.6 

C4 186.7 4.6 177.9 -4.0 180.8 -1.1 

C5 170.3 -1.5 176.0 4.2 171.6 -0.3 

C6 105.5 0.7 107.6 2.8 104.3 -0.5 

C7 173.3 -0.2 173.5 -0.1 172.8 -0.7 

C8 100.1 -0.2 97.1 -3.2 99.9 -0.3 

C9 165.4 -0.8 166.5 0.7 165.6 -0.2 

C10 110.6 -0.1 113.2 2.6 110.3 -0.3 

C1' 132.8 0.9 132.5 0.5 127.6 -4.4 

C2' 122.5 -0.2 118.6 0.3 117.9 -0.5 

C3' 151.5 0.6 152.7 -0.1 165.4 12.7 

C4' 156.7 -0.4 156.9 -0.4 170.1 12.8 

C5' 123.7 0.1 123.3 -0.3 121.7 -1.9 

C6' 130.3 0.4 133.7 1.5 129.6 -2.6 
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Tomasz Jeliński and Maciej Przybyłek

Received: 7 October 2021

Accepted: 27 October 2021

Published: 28 October 2021

Publisher’s Note: MDPI stays neutral

with regard to jurisdictional claims in

published maps and institutional affil-

iations.

Copyright: © 2021 by the authors.

Licensee MDPI, Basel, Switzerland.

This article is an open access article

distributed under the terms and

conditions of the Creative Commons

Attribution (CC BY) license (https://

creativecommons.org/licenses/by/

4.0/).

1 Department of Chemistry and Chemical Technologies, University of Calabria,
87036 Arcavacata di Rende (CS), Italy; emilia.furia@unical.it (E.F.); luana.malacaria@unical.it (L.M.)

2 Department of Pharmacy, Health and Nutritional Sciences, University of Calabria,
87036 Arcavacata di Rende (CS), Italy; alessia.fazio@unical.it (A.F.); latorre.chiara@libero.it (C.L.T.);
pierluigi.plastina@unical.it (P.P.)

* Correspondence: amerigo.beneduci@unical.it

Abstract: In this work, the solubility of vanillic, gallic, syringic, p-coumaric, ferulic and caffeic acids
was determined at 37 ◦C under different conditions, namely pure water and two different ionic
media, NaCl(aq) and NaClO4(aq), at different ionic strengths (i.e., 0.16, 0.50, 1.0, 2.0 and 3.0 M).
The solubility in water of all the acids was found to be higher than that in both of the ionic media.
Moreover, the solubility of hydroxycinnamic acids was lower than that of hydroxybenzoic acids. The
activity coefficients of neutral species were calculated from these data; this knowledge is necessary
when modeling the dependence of equilibrium constants on the ionic strength. Results obtained in
this work can be useful for further studies regarding complex formation equilibria between these
ligands and bioavailable metal cations.

Keywords: solubility; phenolic acids; activity coefficients; salting out constant; ionic medium

1. Introduction

A variety of phenolic compounds are currently among the most studied categories of
natural antioxidants [1]. Phenolic acids contain one or more hydroxyl groups (polar part)
attached to an aromatic ring (non-polar part) and are often found in plants as esters or
glycosides [1–6]. Due to their ubiquitous presence in plant-based foods (fruit, vegetables,
grain, tea, coffee, spices), the intake of phenolic acids is estimated as 25 × 10−3–1 g per
day, depending on diet [7]. The interest in phenolic compounds lies mainly in their
known health benefits, including their antioxidant activity and ability as free radical
scavengers [8–11]. These properties give them great potential as active principles in the
pharmaceutical industry as well as antioxidants in the food industry. For this reason, there
is increasing interest in isolating these compounds from their natural matrices [12–14]. The
efficient design of any extraction process requires the knowledge of the solute’s solubility.
Aqueous solubility is a parameter of particular importance for assessing the environmental
partitioning of different compounds. It has been reported that the low solubility of some
solutes in water can be modified by the presence of co-solutes such as salts or by increasing
the temperature [15–21]. Two phenomena related to solubility changes caused by the
presence of co-solutes can be observed: salting-in and salting-out. In general, the solubility
of a non-electrolyte can increase or decrease by the addition of an electrolyte, but the effect
is dependent on the solvent salt used. Equation (1) relates the solubility of the neutral
species, S◦, to its activity coefficients, γ:

log γ = log (S◦
0/S◦) (1)
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where S◦
0 is the solubility at zero ion concentration. The activity coefficient of the neutral

species is related to the molality, m, of the solvent electrolyte by Equation (2), also valid for
weak electrolytes:

log γ = k·m (2)

where k is the salting-out (positive) or salting-in (negative) coefficient, also known as
the Setschenow coefficient, which may depend on the ionic strength [22]. For a generic
non-electrolyte, the effect depends upon the solvent salt; in general, for a given solvent
salt, it depends upon the saturating non-electrolyte. According to Debye [23], the salting-
out constant generally increases as the polar properties of the non-electrolyte decrease.
This theory does not clarify how certain electrolytes salt-out a specified non-electrolyte
while others do the opposite. A possible explanation has been proposed by Kruyt and
Robinson [24]: in a solution of a non-electrolyte in water, the water dipoles are arranged
around a molecule of the non-electrolyte, with their positive or negative end towards the
non-electrolyte depending upon the polar properties of the latter. When an electrolyte
is added to the solution, due to the hydration of the ions, less water is available to the
saturating non-electrolyte and salting-out of the non-electrolyte is expected. There is an
opposite effect: water molecules are organized in a manner differing to the arrangement
about the non-electrolyte. The result of the approach of the ion to the non-electrolyte is the
packing-in of water molecules about the non-electrolyte, i.e., salting-in. The present work
represents the continuation of efforts concerning the evaluation of the effect of salt addition
on the solubility of organic compounds [25–29]. We report here on the solubility at 37 ◦C
of six phenolic acids of both subclasses, i.e., hydroxybenzoic and hydroxycinnamic acids,
generically indicated as HnPh—vanillic (VA), gallic (GA), syringic (SA), p-coumaric (p-CA),
ferulic (FA) and caffeic (CafA) acids (Scheme 1)—in pure water as well as in aqueous
solutions of different ionic strength in sodium chloride and in sodium perchlorate.
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blank. Three replicates were run for each point. The typical spectra recorded for hy-
droxybenzoic (Figure 1a–c) and hydroxycinnamic (Figure 1d–f) acids are reported. 

  

Scheme 1. Chemical structure of (a) hydroxybenzoic acids (vanillic acid: R1 = OCH3, R2 = H; syringic
acid: R1 = R2 = OCH3; gallic acid: R1 = R2 = OH); (b) hydroxycinnamic acids (caffeic acid: R = OH;
ferulic acid: R = OCH3; p-coumaric acid: R = H).

Previous literature data report on the solubility of these phenolic acids in pure organic
solvents, in mixed organic–aqueous solutions [10,30–43], or in aqueous media but under
experimental conditions far from biological. The interaction of these acids with aqueous
media is important because such compounds display their antioxidant activity in the
biological systems involving water as the natural solvent.

2. Results

The determination of phenolic acid solubility was achieved by measuring the ab-
sorbance values between 200 and 300 nm, every 1 nm, taking the ionic medium as a blank.
Three replicates were run for each point. The typical spectra recorded for hydroxybenzoic
(Figure 1a–c) and hydroxycinnamic (Figure 1d–f) acids are reported.
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Figure 1. Absorption spectra of vanillic (a), syringic (b), gallic (c), caffeic (d), ferulic (e) and p-
coumaric (f) acids.

For the solubility determination of vanillic, syringic and gallic acids, peaks at 251,
at 262 and at 258 nm, respectively, were considered. Concerning hydroxycinnamic acids,
peaks at 287 for the quantitative determination of caffeic and ferulic acids and at 288 nm
for p-coumaric acid were considered. The absorbance, Aλ, of phenolic acids, generically
HnPh, was expressed according to Equation (3):

Aλ = l ελ [HnPh] (3)

where l is the optical path and ελ is the molar absorptivity. The total solubility in pure
water, ST

◦, as well as in aqueous solutions of different ionic strength in sodium chloride
and in sodium perchlorate, generically ST, was deduced by interpolation on a calibration
curve, based on standard solutions prepared in the range 2.0 × 10−3 and 25.0 × 10−3

molal for hydroxybenzoic acids and in the range 1.0 × 10−3 and 10.0 × 10−3 molal for
hydroxycinnamic acids. In all cases, the correlation coefficient, R2, was ≥0.999 and the
limit of detection was 0.50 × 10−3 molal. The total solubility values obtained at 37 ◦C are
reported in Table 1, along with the outcomes of the statistical analysis.

As a general trend, the solubility in water of all the acids was higher than that in
both ionic media at each of the electrolyte concentrations. The hydroxybenzoic acids were
more soluble than the hydroxycinnamic ones and, among them, gallic acid showed the
highest solubility, more than one order of magnitude higher. As expected, among the
hydroxybenzoic acids, syringic acid was the least soluble, due to the presence of two
methoxy groups, and the solubility of the hydroxycinnamic acids was generally lower
than that of the hydroxybenzoic acids in all the media investigated. The salting-out effect
is related to the strong tendency of ionic solutes to form hydration shells. In fact, as the
concentration of the ionic salt increased, more and more water molecules were bound
up in the hydration shells, and therefore the solubility decreased. The solubility trend of
hydroxybenzoic and hydroxycinnamic acids as a function of the ionic strength can be better
appreciated in Figure 2, in the two electrolyte media.



Molecules 2021, 26, 6500 4 of 14

Table 1. Total solubility at 37 ◦C of phenolic acids in water and in aqueous solutions of NaCl and NaClO4 at different ionic
strengths.

ST 103, Molal

VA SA GA CafA FA p-CA

H2O z12.47 ± 0.01 a y8.8 ± 0.3 a x114.5 ± 0.3 a w6.4 ± 0.2 a v5.47 ± 0.01 a w6.61 ± 0.01 a

I , molal NaCl

0.16 z11.52 ± 0.06 b y8.62 ± 0.03 ab x104.6 ± 0.3 b w6.26 ± 0.03 ab v5.35 ± 0.01 a w6.24 ± 0.01 a

0.51 z9.74 ± 0.03 c y8.36 ± 0.06 ab x104.2 ± 0.4 bc w5.67 ± 0.04 bc v4.59 ± 0.09 b w5.31 ± 0.01 b

1.02 z7.7 ± 0.6 d z7.99 ± 0.05 bc y101.1 ± 0.1 d x4.76 ± 0.01 d w3.82 ± 0.03 c xw4.19 ± 0.01 cg

2.09 z7.42 ± 0.05 d z7.5 ± 0.1 cde y98.7 ± 0.2 e x3.50 ± 0.01 e xw3.24 ± 0.01 cd w2.64 ± 0.02 d

3.20 z7.36 ± 0.03 d z7.36 ± 0.03 ce y94.4 ± 0.5 f x2.11 ± 0.03 f w3.15 ± 0.01 d x1.92 ± 0.08 e

I, molal NaClO4

0.16 z11.92 ± 0.04 ab y8.42 ± 0.03 ab x104.6 ± 0.3 b w5.79 ± 0.04 bc w5.37 ± 0.01 a w6.12 ± 0.01 af

0.51 z11.66 ± 0.04 b y8.33 ± 0.04 ab x103.7 ± 0.3 c w5.41 ± 0.01 c w5.32 ± 0.01 a w6.05 ± 0.05 af

1.05 z11.33 ± 0.03 b y8.10 ± 0.09 bd x102.6 ± 0.8 g w5.18 ± 0.06 cd w5.16 ± 0.01 ab w5.59 ± 0.04 bf

2.21 z10.1 ± 0.1 c y7.12 ± 0.02 e x97.1 ± 0.1 h w4.65 ± 0.04 d w4.54 ± 0.07 b w4.65 ± 0.04 c

3.50 z8.9 ± 0.3 e y6.27 ± 0.01 f x95.1 ± 0.1 i w3.98 ± 0.02 e w3.78 ± 0.03 cd w3.75 ± 0.07 g

The values with different superscripts (a, b, c, d, e, f, g, h and i) in the same column are significantly different (p < 0.05). The values with
different superscripts (v, w, x, y and z) in the same row are significantly different (p < 0.05).
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Figure 2. Total solubility in the logarithmic scale of the hydroxybenzoic and hydroxycinnamic acids
as a function of the solvent salts and of the ionic strength.

In both sets of acids, the solubility was affected by the -OH and -OCH3 substituents on
the phenyl moiety, with the hydroxy and methoxy groups contributing to an increase and
a decrease in the solubility, respectively, especially at lower ionic strengths. The following
order of solubility, that holds up to approximately I = 1 m, was found: GA > VA > SA and
CafA > p-CA > FA. The effect of the substituents on the total solubility was more evident
on the benzoic acid series. If we look at the dependence of ST on the ionic strength for the
benzoic acid series, the salting-out effect of the electrolyte was different for the two salts.
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In sodium chloride, the solubility dropped to low values in a smoothed way, at low ionic
strength, and then it tended towards a plateau value. In perchlorate, instead, the solubility
decreased almost linearly with I (except for GA).

In the hydroxycinnamic acid series the solubility decreased quite linearly with the
ionic strength, independently of the ionic medium used, except for the least soluble ferulic
acid, which showed a nonlinear dependence of its ST vs. I (Table S1 in Supplementary
Material). The solid lines are the best fitting curves obtained by Equation (5) or by a line.
The related fitting parameters are reported in Table S1.

The order of solubility traced above seems to be related to a polarity decrease in
the acids as the hydroxyl groups are replaced by either a hydrogen or a methoxy group,
and to the decrease in the capability of the molecule to make hydrogen bonds with water.
This argument may explain why gallic acid has the highest solubility, almost one order of
magnitude higher than the other acids of both series, at all ionic strengths, and why its
solubility is slightly affected by the increase in the molality of the solvent salt.

However, this consideration is mostly important for the benzoic acids, while, in the
hydroxycinnamic ones, the unsaturated alkyl chain plays a major role in determining the
overall solubility behavior.

In a recent computational study, it was shown that the free energy of solvation in
water is negative for gallic and caffeic acids and positive for ferulic acid, with gallic acid
having the most negative solvation free energy [44], indicating that the highest solubility
of gallic acid is due to the high polar interaction density formed between the phenolic
and carboxylic hydroxyl groups with water. In the same study, the authors showed also
that the phenolic hydroxyl and the carboxyl functions tend to form hydrogen bonds
with water, giving rise to a twist in the molecule structure close to the carboxyl group
in the case of ferulic and caffeic acids. The effects of the phenyl hydroxy and methoxy
substituents on the solid–liquid equilibrium of syringic and vanillic acids in water was
recently investigated by the Abraham solvation model [45]. It was found that vanillic
acid, with two hydroxyl substituents, had the highest value for the H-bond acidity (solute
acidity descriptor), which described the tendency of the solute to form hydrogen bonds
with its acid hydrogens, followed by syringic acid, which had one hydroxyl and two
methoxy substituents. Moreover, the H-bond acidity of the carboxyl group increased by
the electron-donating resonance effect of the methoxy substituents in the aromatic ring. In
contrast, the H-bond acidity decreased due to the intramolecular hydrogen bond between
two adjacent OH-OR substituents [46].

These acids may also form hydrogen bonds by sharing an oxygen lone electron pair
of one of their substituents, i.e., they have hydrogen bond basicity. This is the highest
for syringic acid due to the higher number of available lone electron pairs, even though
intramolecular H-bonds may lead to a decrease in this parameter for vanillic acid [46].
Analogous results were obtained for ferulic and p-coumaric acids, the latter showing the
highest value for the H-bond acidity parameter, which is partially reduced in ferulic acid
due to the intramolecular hydrogen bond between the hydroxyl group and the methoxy
group in the meta position. In contrast, the H-bond basicity character decreases from ferulic
acid to p-coumaric acid, according to the increase in the number of hydrogen acceptors in
the molecules [47].

Thus, the presence of hydroxyl groups increases the H-bond acidity, i.e., the strength of
the hydrogen bonds formed by the donor hydroxyl groups with water, whereas the H-bond
basicity descriptor, related to the strength of the hydrogen bonds formed by the acceptor
groups in the molecules with water, increases with the number of methoxy substituents on
the ring. On the other hand, when the hydroxy and/or the methoxy groups are absent, the
above solute descriptors significantly decrease in value, such as in the case of veratric and
cinnamic acids [46,47].
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The largest salting-out effect calculated at the highest ionic strength is reported in
Figure 3 in terms of the percentage decrease in the total solubility with respect to the value
in pure water (Equation (4)).

Salting − out % =
(

S0
T − ST

)
× 100/S0

T (4)

Molecules 2021, 26, x FOR PEER REVIEW 6 of 13 
 

 

The largest salting-out effect calculated at the highest ionic strength is reported in 
Figure 3 in terms of the percentage decrease in the total solubility with respect to the value 
in pure water (Equation (4)). 

𝑆𝑎𝑙𝑡𝑖𝑛𝑔 − 𝑜𝑢𝑡 % = (𝑆்
଴ − 𝑆்) × 100/𝑆்

଴ (4)

 

  
Figure 3. Salting-out effect calculated at the highest ionic strength for the two series of acids and in 
both electrolytes. 

The salting-out effect is remarkable especially for the hydroxycinnamic acids, with 
values ranging from 40 up to 70% and mostly in NaCl. The strong decrease in the 
solubility with the ionic strength determines this result and highlights the low tendency 
of the hydroxycinnamic acids to interact with water, which becomes worse in the presence 
of highly polar salts such as sodium chloride. On the other hand, the salting-out effect 
seems to depend less on the type of electrolyte in the hydroxybenzoic acid series. It is 
interesting to note that in both ionic media and for both the acid series, the maximum 
salting-out occurs for the acids that have intermediate solubility in each series (i.e., vanillic 
and p-coumaric), which are the ones that respond mainly to ionic strength changes (Figure 
2) mostly in NaCl medium. 

3. Discussion 
The knowledge of the activity coefficients of the neutral species is useful when 

modeling the dependence of equilibrium constants on the ionic strength [48,49]. For 
example, to evaluate the sequestering ability of these acids towards biological metal 
cations in a natural system, such as the ocean or biological fluids, the activity coefficients 
must be used to extrapolate their equilibrium constants at the infinite dilution reference 
state from those determined in constant ionic medium [50,51].  

The activity coefficients of the neutral species as a function of I and of the solvent 
electrolyte are plotted in Figures 4 and 5. The solubility of the neutral species at all the 
ionic strengths investigated is reported in Table S2 in the Supplementary Material. 

GA VA SA
0

10

20

30

40

50

60

70

80

90

100

Hydroxybenzoic acids

 NaCl
 NaClO4

S
al

tin
g

-o
u

t (
%

)

CafA pCA FA
0

10

20

30

40

50

60

70

80

90

100

S
al

tin
g-

ou
t 

(%
)

Hydroxycinnammic acids

 NaCl
 NaClO4

Figure 3. Salting-out effect calculated at the highest ionic strength for the two series of acids and in
both electrolytes.

The salting-out effect is remarkable especially for the hydroxycinnamic acids, with
values ranging from 40 up to 70% and mostly in NaCl. The strong decrease in the solubility
with the ionic strength determines this result and highlights the low tendency of the
hydroxycinnamic acids to interact with water, which becomes worse in the presence of
highly polar salts such as sodium chloride. On the other hand, the salting-out effect seems
to depend less on the type of electrolyte in the hydroxybenzoic acid series. It is interesting
to note that in both ionic media and for both the acid series, the maximum salting-out
occurs for the acids that have intermediate solubility in each series (i.e., vanillic and p-
coumaric), which are the ones that respond mainly to ionic strength changes (Figure 2)
mostly in NaCl medium.

3. Discussion

The knowledge of the activity coefficients of the neutral species is useful when model-
ing the dependence of equilibrium constants on the ionic strength [48,49]. For example,
to evaluate the sequestering ability of these acids towards biological metal cations in a
natural system, such as the ocean or biological fluids, the activity coefficients must be used
to extrapolate their equilibrium constants at the infinite dilution reference state from those
determined in constant ionic medium [50,51].

The activity coefficients of the neutral species as a function of I and of the solvent
electrolyte are plotted in Figures 4 and 5. The solubility of the neutral species at all the
ionic strengths investigated is reported in Table S2 in the Supplementary Material.
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Figure 4. log γ of the hydroxybenzoic acids as a function of the solvent salt and of the ionic strength.
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Figure 5. log γ of the hydroxycinnamic acids as a function of the solvent salt and of the ionic strength.

The activity coefficient of the neutral species of all the acids increases with the ionic
strength in both the solvent electrolytes (Figures 4 and 5). However, some of them show a
linear trend that can be well fitted by Equation (1), with Setschenow coefficients ranging
from 0.7 up to 0.53 kg mol−1, while others show a nonlinear trend that is modeled by
Equation (7) (Table S3 in Supplementary Material). In the latter cases, the Setschenow
coefficient depends on the concentration of the solvent electrolyte and the log γ tends
towards a plateau value for ionic strengths larger than around 2 molal. These data show
that a salting-out effect in the total solubility corresponds to a salting-in effect on the activity
coefficients, as already observed for other acids in aqueous solution [48].

Therefore, while, in NaCl medium, the solubility of the phenolic acids tends towards
zero (and the activity coefficient tends towards infinity) at infinite I, in NaClO4, the solu-
bility tends towards a minimum value (and the activity coefficient towards a maximum
value) at very high I. This different behavior in the two electrolyte media is intriguing and
deserves further study to be explained by changing the experimental conditions (i.e., the
nature of inert salt) and extending the evaluation to other classes of analytes.

Table 2 collects literature data [6,30,32,34,39,41,43,46,52–55] for a comparison with our
solubility results. All data are expressed as mass fraction (χ).
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Table 2. Solubility of phenolic acids, as mass fraction (χ), in water and in 1 molal NaCl at 37 ◦C from this work and from the literature.

χ·103

Phenolic
Acids

This
Work Ref. [6] Ref. [30] Ref. [32] Ref. [34] Ref. [39] Ref. [41] Ref. [43] Ref. [46] Ref. [52] Ref. [53] Ref. [54] Ref. [55]

H2O

VA 0.23 0.22 b 0.24 c

0.26 d 0.24

GA 2.10 1.33 2.79 2.16 2.50 2.66 1.31 c

1.38 d 1.40

SA 0.16 0.36 0.84 0.22 b 0.79 c

0.92 d 0.85

CafA 0.12 0.19

FA 0.10 0.14 0.11 b 0.113 c;
0.079 d

0.0807 c;
0.109 d 0.90

p-CA 0.12 0.086 0.12 b

χ·103

Phenolic
Acids

This
Work

1 m NaCl 1 m
KNO3

1 m
NaNO3

VA 0.14 0.19 c

0.23 d
0.17 c

0.20 d

GA 1.85 0.98 a 1.27 c

1.34 d
1.15 c

1.21 d

SA 0.14 0.76 c

0.88 d
0.71 c

0.88 d

FA 0.07

a Calculated at 37 ◦C in 1 m Na2SO4; b Calculated from the experimental solubility values at 40 ◦C expressed as g solute/100 solvent by the equation: χ =
( m

M )acid
( m

M )acid+(
m
M )water

; b Measured at 35 ◦C; c Measured at

35 ◦C; d Measured at 40 ◦C.
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Our results are in line with previous literature data for vanillic, gallic, caffeic and
p-coumaric acids. The agreement is also satisfactory for syringic and ferulic acids in pure
water. There is less agreement with the data at 1 m NaCl and those reported previously in
sulphate [30] and nitrate media [54], where the salting-out effect is higher than in chloride
for syringic and vanillic acid and lower for gallic. This behavior has been already observed
previously for syringic acid at room temperature [54] and clearly highlights the significant
effect of the anion of the electrolyte salt. Moreover, the above discrepancies may be related
to a substantial difference in the preparation of the saturated solutions: in our experimental
approach, the direct contact of the analytes with the magnetic stirring is avoided and this
is mainly reflected in the less soluble analytes.

4. Materials and Methods
4.1. Materials

All solutions were prepared by means of analytical-grade reagents and ultrapure
water (Millipore MilliQ system). Vanillic (J&K Scientific, Beijing, China, 99%), syringic
and gallic (Sigma Aldrich, St. Louis, MI, USA, ≥98% and ≥99%, respectively), p-coumaric
(Sigma, St. Louis, MI, USA, ≥98%), ferulic and caffeic (Aldrich, St. Louis, MI, USA, 99%)
acids were used without further purification. Sodium perchlorate and sodium chloride
stock solutions were prepared and standardized according to previous works [56,57].

4.2. Solubility Apparatus and Procedure

The absorption spectra in the UV region were recorded with a Varian Cary 50 Scan UV–
Visible spectrophotometer on a series of hydroxybenzoic and hydroxycinnamic acid test
solutions, prepared by 100-fold dilution of 50 microliters of saturated solutions. These were
prepared with a leaching apparatus suitable to prevent solid particles from coming into
contact with the magnetic stirrer. To prevent grinding by the stirrer, hydroxybenzoic and
hydroxycinnamic acids were wrapped in highly retentive filter paper (Whatman 42) bags.
These were retained in glass cylinders containing pure water as well as sodium chloride and
sodium perchlorate solutions at pre-established ionic strength values while continuously
stirring with a magnetic bar. The cylinders were then placed in a thermostatic water bath
at (37.0 ± 0.1) ◦C, and the hydroxybenzoic and hydroxycinnamic acid concentrations were
monitored over time, until they reached a constant value, which usually occurred in around
4 days. Matched quartz cells of thickness 1 cm and 100 microliter volume were employed.
The absorbance, Aλ, was recorded to ±0.001 units. The formulations of the parameters
and the acquisition of data were achieved with the aid of a computer connected to the
instrument.

4.3. Thermodynamic Modeling

Total solubility data in the molal concentration scale were fitted by the smoothing
empirical Equation (5):

log(ST) = log
(

S0
T

)
+

[
a∞ +

a0 − a∞

1 + m

]
m (5)

where S0
T is the total solubility in pure water, and a∞ and a0 are empirical parameters at

infinite and at zero ionic strength, respectively. Equation (5) becomes linear for a∞ = a0 ≡ a.
The solubility of the neutral species, S0, was calculated by Equation (6), considering the

deprotonation equilibrium of the phenolic acids (Equation (7)), behaving as a monoprotic
acid with constant KI (Equation (8)):

S0 =
ST [H+]

[H+] + KI
(6)

HA � H+ + A− (7)
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KI =
[H+][A−]

[HA]

γH+γA−

γHA
(8)

where, according to the specific ion interaction model (SIT) [58,59], the activity coeffi-
cients of the ionic species γ± and of the neutral one are given by Equations (9) and (10),
respectively.

logγ± = −z2
±

0.4565I0.5

1 + 1.11I0.5 + b± I (9)

logγHA = kI (10)

with b+ = b
(

H+, Cl−/ClO−
4
)
, b− = b(A−, Na+) and k is the Setschenow coefficient.

The dependence of the ionization constant of the acids on the ionic strength was
explicitly considered in the calculation. Unfortunately, data on the protonation constant
of these acids are only reported at a few ionic strengths and in the low molal range (up to
0.1 mol/kg) [60–66]. Therefore, here, the KI for each acid was measured at 0.16 mol/kg
and 0.51 mol/kg and its values at higher ionic strength, up to 3.5 mol/kg, were estimated
by the SIT model at 37 ◦C (Equations (8)–(11)).

pKI = pK0 − 2D + (b+ + b− − k)I (11)

where K0 is the value of KI at infinite dilution and D = 0.4565I0.5

1+1.11I0.5 is the extended Debye
term. K0 was calculated by Equation (11) using the experimental values at I = 0.51 mol/kg.

In the SIT model (Equation (9)), the specific ion interaction coefficients relative to
the proton with the anion of the electrolyte salt (i.e., Cl−, ClO4

−) and that relative to the
conjugate base of the acid (A−) with Na+ were kept constant in the iterations used for
fitting the experimental data, respectively, at 0.12 (in NaCl)/0.14 (in NaClO4) [58] and 0.06
(in both media) [67]. For the specific ion interaction coefficient of A− with Na+, we chose a
value identical to that of the hydrogen salicylate ion with Na+, by considering the similarity
of the anion structures. Figure S1 displays the dependence of the first ionization acidic
constant vs. the ionic strength for all the investigated acids.

Equations (2) and (12), which consider the dependence of the Setschenow coefficients
k on the ionic strength, were used to fit the activity coefficient data:

log γ = k∞ +

[
k∞ +

k0 − k∞

1 + m

]
m (12)

where k∞ and k0 are the Setschenow coefficients at infinite and at zero ionic strength,
respectively.

4.4. Statistical Analysis

All the experiments were performed in triplicate, and the data were expressed as
means ± standard deviation. To test statistical differences among solubility values of each
compound under different experimental conditions, data were evaluated with one-way
ANOVA followed by Tukey’s multiple comparison test. A p value of < 0.05 was considered
statistically significant.

5. Conclusions

The study of the solubility of benzoic and cinnamic acid derivatives is important
for at least two aspects: one is on a fundamental thermodynamic basis, and concerns the
knowledge of the solubility behavior at different temperatures and in different aqueous
media, such as those containing electrolyte salts that may act as co-solvents. Calculation
of the activity coefficients from the solubility values allows us to obtain a more complete
picture of different aspects of the thermodynamic properties of hydroxybenzoic and hy-
droxycinnamic acids. Solubility measurements were analyzed to determine the Setschenow
coefficients at infinite and at zero ionic strength and the solubility of the neutral species in
pure water. Knowledge of these data simplifies the calculation of the activity coefficients of
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the charged and uncharged species. For instance, environmental partitioning of these acids
in the aqueous phase is determined by their solubility in different conditions. Therefore,
solubility studies of these compounds are of crucial interest for modeling the behavior of
natural aquatic systems. The other aspect is of practical interest because the acids studied
here are biologically active compounds that find applications in different industrial fields,
such as pharmaceutical, cosmetic, food and biological wastewater treatment applications.
In these cases, it is important to know the solubility in water and in other media in order to
better design, for instance, processes aimed at their extraction from different matrices.

In this work, the solubility of hydroxybenzoic and hydroxycinnamic acids was studied
in aqueous solutions of different ionic strengths at 37 ◦C. Here, we have verified that the
higher polarity of the first class of phenolic acids reflects their higher solubility in aqueous
solutions, independently of the ionic medium and the ionic strength. According to Kruyt
and Robinson [24], this trend is due to the lower availability of the water molecules to the
solvation of the phenolic acids because they are mainly involved in the ion’s hydration.
The solubility of hydroxybenzoic acids decreases linearly when the inert salt is NaCl,
while in NaClO4, the dependence on the ionic strength is smoothed. The behavior of
hydroxycinnamic acids is different; in fact, the solubility of this class of acids decreases
linearly with the ionic strength independently of the ionic medium.

Supplementary Materials: The following are available online, Figure S1. Dependence of the ion-
ization constant on the ionic strength in the two salts media. Experimental values (symbols) and
values modeled by the SIT theory (lines) with the equation 11. For all of the fitting, an adjusted R2 >
0.998 and a reduced χ2 as low as 10−5 were obtained. Table S1. Smoothed total solubility data as a
function of the ionic strength in NaCl and NaClO4. Table S2. Solubility of the neutral species at 37 ◦C
of phenolic acids in water and in aqueous solutions of NaCl and NaClO4 at different ionic strength.
The uncertainties represent standard deviation. Table S3. Setschenow coefficients of hydroxybenzoic
and hydroxycinnamic acids in NaCl and NaClO4.

Author Contributions: Conceptualization, validation, writing—review and editing, supervision,
A.B., E.F. and P.P.; Methodology, software, visualization, data curation, formal analysis, investigation,
A.B., E.F., L.M. and C.L.T.; Writing—original draft preparation, A.B., E.F., A.F. and P.P. All authors
have read and agreed to the published version of the manuscript.

Funding: This research received no external funding.

Institutional Review Board Statement: Not applicable.

Informed Consent Statement: Not applicable.

Data Availability Statement: Not applicable.

Acknowledgments: The authors thank the University of Calabria for financial support.

Conflicts of Interest: The authors declare no conflict of interest.

Sample Availability: Samples of the compounds are not available from the authors.

References
1. Malacaria, L.; Corrente, G.A.; Beneduci, A.; Furia, E.; Marino, T.; Mazzone, G. A review on coordination properties of Al(III) and

Fe(III) towards natural antioxidant molecules: Experimental and theoretical insights. Molecules 2021, 26, 2603. [CrossRef]
2. Furia, E.; Beneduci, A.; Russo, N.; Marino, T. Structural characterization of aluminium (III) and iron (III) complexes of coumarinic

acid in aqueous solution from combined experimental and theoretical investigations. New J. Chem. 2018, 42, 11006–11012.
[CrossRef]

3. Beneduci, A.; Corrente, G.A.; Marino, T.; Aiello, D.; Bartella, L.; Di Donna, L.; Napoli, A.; Russo, N.; Romeo, I.; Furia, E. Insight
on the chelation of aluminum(III) and iron(III) by curcumin in aqueous solution. J. Mol. Liq. 2019, 296, 111805–111814. [CrossRef]

4. Corrente, G.A.; Malacaria, L.; Beneduci, A.; Furia, E.; Marino, T.; Mazzone, G. Experimental and theoretical study on the
coordination properties of quercetin towards aluminum(III), iron(III) and copper(II) in aqueous solution. J. Mol. Liq. 2021, 325,
115171–115182. [CrossRef]

5. Boskou, D. Sources of natural phenolic antioxidants. Trends Food Sci. Technol. 2006, 17, 505–512.
6. Queimada, A.J.; Mota, F.L.; Pinho, S.P.; Macedo, E.A. Solubilities of Biologically Active Phenolic Compounds: Measurements and

Modeling. J. Phys. Chem. B 2009, 113, 3469–3476. [CrossRef]

http://doi.org/10.3390/molecules26092603
http://doi.org/10.1039/C8NJ01244J
http://doi.org/10.1016/j.molliq.2019.111805
http://doi.org/10.1016/j.molliq.2020.115171
http://doi.org/10.1021/jp808683y


Molecules 2021, 26, 6500 12 of 14

7. Du, L.; Yu, P.; Rossnagel, B.G.; Christensen, D.A.; McKinnon, J.J. Physicochemical Characteristics, Hydroxycinnamic Acids
(Ferulic Acid, p-Coumaric Acid) and Their Ratio, and in Situ Biodegradability: Comparison of Genotypic Differences among Six
Barley Varieties. J. Agric. Food Chem. 2009, 57, 4777–4783. [CrossRef]

8. Robbins, R.J. Phenolic Acids in Foods: An Overview of Analytical Methodology. J. Agric. Food Chem. 2003, 51, 2866–2887.
[CrossRef]

9. Cione, E.; La Torre, C.; Cannataro, R.; Caroleo, M.C.; Plastina, P.; Gallelli, L. Quercetin, epigallocatechin gallate, curcumin and
resveratrol: From dietary sources to human microRNA modulation. Molecules 2020, 25, 63. [CrossRef] [PubMed]

10. Galanakis, C.M.; Goulas, V.; Tsakona, S.; Manganaris, G.A.; Gekas, V. A Knowledge Base for The Recovery of Natural Phenols
with Different Solvents. Int. J. Food Prop. 2013, 16, 382–396. [CrossRef]

11. Petrucci, R.; Astolfi, P.; Greci, L.; Firuzi, O.; Saso, L.; Marrosu, G. A spectroelectrochemical and chemical study on oxidation of
hydroxycinnamic acids in aprotic medium. Electrochim. Acta 2007, 52, 2461–2470. [CrossRef]

12. Fernandes, C.I.S.; Rebelo, M.J.F. Polyphenolic Biosensors. Application in Red Wines. Port. Electrochim. Acta 2009, 27, 457–462.
[CrossRef]

13. Arribas, A.S.; Martìnez-Fernàndez, M.; Chicharro, M. The role of electroanalytical techniques in analysis of polyphenols in wine.
Trends Anal. Chem. 2012, 34, 78–96. [CrossRef]

14. Clifford, M.N. Chlorogenic acids and other cinnamates–nature, occurrence and dietary burden. J. Sci. Food Agric. 1999, 79,
362–372. [CrossRef]

15. Singh, S.K.; Kundu, A.; Kishore, N. Interactions of some amino acids and glycine peptides with aqueous sodium dodecyl sulfate
and cetyltrimethylammonium bromide at T = 298.15 K: A volumetric approach. J. Chem. Thermodyn. 2004, 36, 7–16. [CrossRef]

16. Soto, A.; Arce, A.; Khoshkbarchi, M.K. Thermodynamics of Diglycine and Triglycine in Aqueous NaCl Solutions: Apparent
Molar Volume, Isentropic Compressibility, and Refractive Index. J. Sol. Chem. 2004, 33, 11–21. [CrossRef]

17. Poulson, S.R.; Harrington, R.R.; Drever, J.I. The solubility of toluene in aqueous salt solutions. Talanta 1999, 48, 633–641. [CrossRef]
18. Gorgényi, M.; Dewulf, J.; Van Langenhove, H.; Héberger, K. Aqueous salting-out effect of inorganic cations and anions on

non-electrolytes. Chemosphere 2006, 65, 802–810. [CrossRef]
19. Bullister, J.L.; Wisegarver, D.P.; Menzia, F.A. The solubility of sulfur hexafluoride in water and seawater. Deep Sea Res. Part I

Oceanogr. Res. Pap. 2002, 49, 175–187. [CrossRef]
20. Falcone, G.; Giuffrè, O.; Sammartano, S. Acid-base and UV properties of some aminophenol ligands and their complexing ability

towards Zn2+ in aqueous solution. J. Mol. Liquids 2011, 159, 146–151. [CrossRef]
21. Bretti, C.; Giuffrè, O.; Lando, G.; Sammartano, S. Solubility, protonation and activity coefficients of some aminobenzoic acids in

NaClaq and (CH3)4NClaq, at different salt concentrations, at T = 298.15K. J. Mol. Liq. 2015, 212, 825–832. [CrossRef]
22. Long, F.A.; McDevit, W.F. Activity coefficients of nonelectrolyte solutes in aqueous salt solutions. Chem. Rev. 1952, 50, 119–169.

[CrossRef]
23. Debye, P. Das elektrische Ionenfeld und das Aussalzen. Z. Phys. Chem. 1927, 130, 56–65. [CrossRef]
24. Kruyt, H.R.; Robinson, C. The Stability of Suspensoids under Influence of Electrolyte Mixture on Lyotropie. Proc. Acad. Sci. Amst.

1926, 29, 1244.
25. Porto, R.; Furia, E. On the complexation of copper (II) ion with 2-hydroxybenzamide. Ann. Chim. 2007, 97, 187–198. [CrossRef]

[PubMed]
26. Furia, E.; Falvo, M.; Porto, R. Solubility and Acidic Constants of L-Cystine in NaClO4 Aqueous Solutions at 25 ◦C. J. Chem. Eng.

Data 2009, 54, 3037–3042. [CrossRef]
27. Furia, E.; Nardi, M.; Sindona, G. Standard Potential and Acidic Constants of Oleuropein. J. Chem. Eng. Data 2010, 55, 2824–2828.

[CrossRef]
28. Furia, E.; Napoli, A.; Tagarelli, A.; Sindona, G. Speciation of 2-Hydroxybenzoic Acid with Calcium(II), Magnesium(II), and

Nickel(II) Cations in Self-Medium. J. Chem. Eng. Data 2013, 58, 1349–1353. [CrossRef]
29. Furia, E.; Sindona, G.; Tagarelli, A. Solubility and acidic constants at 25 ◦C in NaClO4 aqueous solutions of 1-(2-

hydroxyphenyl)ethenone. Monatsh. Chem. 2016, 147, 1009–1014. [CrossRef]
30. Noubigh, A.; Cherif, M.; Provost, E.; Abderrabba, M. Solubility of Gallic Acid, Vanillin, Syringic Acid, and Protocatechuic Acid in

Aqueous Sulfate Solutions from (293.15 to 318.15) K. J. Chem. Eng. Data 2008, 53, 1675–1678. [CrossRef]
31. Calado, M.S.; Branco, A.S.H.; Najdanovic-Visak, V.; Visak, Z.P. Solubility of high-value compounds in environmentally friendly

solvents-liquid poly(ethylene glycol) and ionic liquids: Experimental study and thermodynamic analysis. J. Chem. Thermodyn.
2014, 70, 154–159. [CrossRef]

32. Mota, F.L.; Queimada, A.J.; Pinho, S.P.; Macedo, E.A. Aqueous Solubility of Some Natural Phenolic Compounds. Ind. Eng. Chem.
Res. 2008, 47, 5182–5189. [CrossRef]

33. Alevizou, E.I.; Voutsas, E.C. Solubilities of p-coumaric and caffeic acid in ionic liquids and organic solvents. J. Chem. Thermodyn.
2013, 62, 69–78. [CrossRef]

34. Lu, L.-L.; Lu, X.-Y. Solubilities of Gallic Acid and Its Esters in Water. J. Chem. Eng. Data 2007, 52, 37–39. [CrossRef]
35. Murga, R.; Sanz, M.T.; Beltrán, S.; Cabezas, J.L. Solubility of three hydroxycinnamic acids in supercritical carbon dioxide. J.

Supercrit. Fluids 2003, 27, 239–245. [CrossRef]
36. Murga, R.; Sanz, M.T.; Beltrán, S.; Cabezas, J.L. Solubility of Syringic and Vanillic Acids in Supercritical Carbon Dioxide. J. Chem.

Eng. Data 2004, 49, 779–782. [CrossRef]

http://doi.org/10.1021/jf803995p
http://doi.org/10.1021/jf026182t
http://doi.org/10.3390/molecules25010063
http://www.ncbi.nlm.nih.gov/pubmed/31878082
http://doi.org/10.1080/10942912.2010.522750
http://doi.org/10.1016/j.electacta.2006.08.053
http://doi.org/10.4152/pea.200904457
http://doi.org/10.1016/j.trac.2011.10.015
http://doi.org/10.1002/(SICI)1097-0010(19990301)79:3&lt;362::AID-JSFA256&gt;3.0.CO;2-D
http://doi.org/10.1016/j.jct.2003.09.010
http://doi.org/10.1023/B:JOSL.0000026642.07518.43
http://doi.org/10.1016/S0039-9140(98)00292-6
http://doi.org/10.1016/j.chemosphere.2006.03.029
http://doi.org/10.1016/S0967-0637(01)00051-6
http://doi.org/10.1016/j.molliq.2011.01.003
http://doi.org/10.1016/j.molliq.2015.10.043
http://doi.org/10.1021/cr60158a004
http://doi.org/10.1515/zpch-1927-13008
http://doi.org/10.1002/adic.200790004
http://www.ncbi.nlm.nih.gov/pubmed/17822227
http://doi.org/10.1021/je900116h
http://doi.org/10.1021/je901005x
http://doi.org/10.1021/je400105c
http://doi.org/10.1007/s00706-016-1728-4
http://doi.org/10.1021/je800205e
http://doi.org/10.1016/j.jct.2013.10.036
http://doi.org/10.1021/ie071452o
http://doi.org/10.1016/j.jct.2013.02.013
http://doi.org/10.1021/je0601661
http://doi.org/10.1016/S0896-8446(02)00265-6
http://doi.org/10.1021/je034129a


Molecules 2021, 26, 6500 13 of 14

37. Manic, M.S.; Villanueva, D.; Fornari, T.; Queimada, A.J.; Macedo, E.A.; Najdanovic–Visak, V. Solubility of high-value compounds
in ethyl lactate: Measurements and modelling. J. Chem. Thermodyn. 2012, 48, 93–100. [CrossRef]

38. Crea, F.; Crea, P.; De Stefano, C.; Giuffrè, O.; Pettignano, A.; Sammartano, S. Thermodynamic Parameters for the Protonation of
Poly(allylamine) in Concentrated LiCl(aq) and NaCl(aq). J. Chem. Eng. Data 2004, 49, 658–663. [CrossRef]

39. Daneshfar, A.; Ghaziaskar, H.S.; Homayoun, N. Solubility of Gallic Acid in Methanol, Ethanol, Water, and Ethyl Acetate. J. Chem.
Eng. Data 2008, 53, 776–778. [CrossRef]

40. Noubigh, A.; Jeribi, C.; Mgaidi, A.; Abderrabba, M. Solubility of gallic acid in liquid mixtures of (ethanol+water) from (293.15 to
318.15)K. J. Chem. Thermodyn. 2012, 55, 75–78. [CrossRef]

41. Noubigh, A.; Aydi, A.; Mgaidi, A.; Abderrabba, M. Measurement and correlation of the solubility of gallic acid in methanol plus
water systems from (293.15 to 318.15) K. J. Mol. Liquids 2013, 187, 226–229. [CrossRef]

42. De Stefano, C.; Foti, C.; Giuffrè, O.; Sammartano, S. Acid–base and UV behavior of 3-(3,4-dihydroxyphenyl)-propenoic acid
(caffeic acid) and complexing ability towards different divalent metal cations in aqueous solution. J. Mol. Liquids 2014, 195, 9–16.
[CrossRef]

43. Noubigh, A.; Mgaidi, A.; Abderrabba, M.; Provost, E.; Fürst, W. Effect of salts on the solubility of phenolic compounds:
Experimental measurements and modelling. J. Sci. Food Agric. 2007, 87, 783–788. [CrossRef]

44. Delmondes, P.H.; Stefani, R. Computational study of natural phenolic acid solubility and their interactions with chitosan.
MOL2NET 2016, 2. [CrossRef]

45. Abraham, M.H. Scales of solute hydrogen-bonding: Their construction and application to physicochemical and biochemical
processes. Chem. Soc. Rev. 1992, 96, 73–83. [CrossRef]

46. Vilas-Boas, S.M.; Vieira, V.; Brandão, P.; Alves, R.S.; Coutinho, J.A.P.; Pinho, S.P.; Ferreira, O. Solvent and temperature effects
on the solubility of syringic, vanillic or veratric acids: Experimental, modeling and solid phase studies. J. Mol. Liq. 2019, 289,
111089–111098. [CrossRef]

47. Vilas-Boas, S.M.; Vieira, V.; Brandão, P.; Alves, R.S.; Coutinho, J.A.P.; Pinho, S.P.; Ferreira, O. Solid-liquid phase equilibrium of
trans-cinnamic acid, p-coumaric acid and ferulic acid in water and organic solvents: Experimental and modelling studies. Fluid
Phase Equilibria 2020, 521, 112747–112756. [CrossRef]

48. Bretti, C.; Cigala, R.M.; Crea, F.; Foti, C.; Sammartano, S. Solubility and activity coefficients of acidic and basic non-electrolytes
in aqueous salt solutions: 3. Solubility and activity coefficients of adipic and pimelic acids in NaCl(aq), (CH3)4NCl(aq) and
(C2H5)4NI(aq) at different ionic strengths and at t = 25 ◦C. Fluid Phase Equilibria 2008, 263, 43–54.

49. Furia, E.; Sindona, G. Interaction of Iron(III) with 2-Hydroxybenzoic Acid in Aqueous Solutions. J. Chem. Eng. Data 2012, 57,
195–199. [CrossRef]

50. Beneduci, A.; Furia, E.; Russo, N.; Marino, T. Complexation behaviour of caffeic, ferulic and p-coumaric acids towards aluminium
cations: A combined experimental and theoretical approach. New J. Chem. 2017, 41, 5182–5190. [CrossRef]

51. Porwal, S.K.; Furia, E.; Harris, M.E.; Viswanathan, R.; Devireddy, L. Synthetic, potentiometric and spectroscopic studies of
chelation between Fe(III) and 2,5-DHBA supports salicylate-mode of siderophore binding interactions. J. Inorg. Biochem. 2015,
145, 1–10. [CrossRef]

52. Bitencourt, R.G.; Cabral, F.A.; Meirelles, A.J.A. Ferulic acid solubility in supercritical carbon dioxide, ethanol and water mixtures.
J. Chem. Thermodyn. 2016, 103, 285–291. [CrossRef]

53. Shakeel, F.; Salem-Bekhit, M.M.; Haqa, N.; Siddiqui, N.A. Solubility and thermodynamics of ferulic acid in different neat solvents:
Measurement, correlation and molecular interactions. J. Mol. Liq. 2017, 236, 144–150. [CrossRef]

54. Noubigh, A.; Cherif, M.; Provost, E.; Abderrabba, M. Solubility of some phenolic compounds in aqueous alkali metal nitrate
solutions from (293.15 to 318.15) K. J. Chem. Thermodyn. 2008, 40, 1612–1616. [CrossRef]

55. Noubigh, A.; Abderrabba, M.; Provost, E. Temperature and salt addition effects on the solubility behaviour of some phenolic
compounds in water. J. Chem. Thermodyn. 2007, 39, 297–303. [CrossRef]

56. Furia, E.; Porto, R. 2-Hydroxybenzamide as a Ligand. Complex Formation with Dioxouranium(VI), Aluminum(III),
Neodymium(III), and Nickel(II) Ions. J. Chem. Eng. Data 2008, 53, 2739–2745. [CrossRef]

57. Cardiano, P.; Giuffrè, O.; Napoli, A.; Sammartano, S. Potentiometric, 1H NMR and ESI-MS investigation on dimethyltin(IV)
cation–mercaptocarboxylate interaction in aqueous solution. New J. Chem. 2009, 33, 2286–2295. [CrossRef]

58. Ciavatta, L. The specific interaction theory in evaluating ionic equilibria. Ann. Chim. 1980, 70, 551–567.
59. Ciavatta, L. The specific interaction theory in equilibrium analysis. Some empirical rules for estimating interaction coefficients of

metal ion complexes. Ann. Chim. 1990, 80, 255–263.
60. Öhman, L.-O.; Sjöberg, S. Equilibrium and structural studies of silicon(IV) and aluminium(III) in aqueous solution. 1. The

formation of ternary mononuclear and polynuclear complexes in the system Al3+-gallic acid-OH-. A potentiometric study in 0.6
M Na(Cl). Acta Chem. Scand. 1981, 35, 201–212. [CrossRef]

61. Sedeh, I.F.; Öhman, L.-O.; Sjöberg, S. Equilibrium and structural studies of silicon(IV) and aluminium(III) in aqueous solution. 30.
Aqueous complexation between silicic acid and some ortho-Di- and triphenolic compounds. Acta Chem. Scand. 1992, 46, 933–940.
[CrossRef]

62. Sandmann, B.J.; Chien, M.H.; Sandmann, R.A. Stability constants of calcium, magnesium and zinc gallate using a divalent
ion-selective electrode. Anal. Lett. 1985, 18, 149–159. [CrossRef]

http://doi.org/10.1016/j.jct.2011.12.005
http://doi.org/10.1021/je0342264
http://doi.org/10.1021/je700633w
http://doi.org/10.1016/j.jct.2012.06.022
http://doi.org/10.1016/j.molliq.2013.07.015
http://doi.org/10.1016/j.molliq.2014.01.027
http://doi.org/10.1002/jsfa.2762
http://doi.org/10.3390/mol2net-02-03862
http://doi.org/10.1039/cs9932200073
http://doi.org/10.1016/j.molliq.2019.111089
http://doi.org/10.1016/j.fluid.2020.112747
http://doi.org/10.1021/je201008x
http://doi.org/10.1039/C7NJ00661F
http://doi.org/10.1016/j.jinorgbio.2014.12.010
http://doi.org/10.1016/j.jct.2016.08.025
http://doi.org/10.1016/j.molliq.2017.04.014
http://doi.org/10.1016/j.jct.2008.06.006
http://doi.org/10.1016/j.jct.2006.06.014
http://doi.org/10.1021/je800142f
http://doi.org/10.1039/b908114c
http://doi.org/10.3891/acta.chem.scand.35a-0201
http://doi.org/10.3891/acta.chem.scand.46-0933
http://doi.org/10.1080/00032718508068758


Molecules 2021, 26, 6500 14 of 14

63. Kipton, H.; Powell, J.; Taylor, M.C. Interactions of Iron(II) and Iron(III) with Gallic Acid and its Homologues: A Potentiometric
and Spectrophotometric Study. Aust. J. Chem. 1982, 35, 739–756.

64. Ambulkar, R.S.; Marathe, D.G.; Munshi, K.N. Complexes of gallium(III) with pyrocatechol, pyrogallol & protocatechuic, α-
resorcylic, gallic & 2,3-dihydroxynaphthalene-6-sulphonic acids in aqueous medium. Ind. J. Chem. 1981, 20, 1044–1046.

65. Ozkorucuklu, S.P.; Beltrán, J.L.; Fonrodona, G.; Barrón, D.; Alsancak, G.; Barbosa, J. Determination of Dissociation Constants of
Some Hydroxylated Benzoic and Cinnamic Acids in Water from Mobility and Spectroscopic Data Obtained by CE-DAD. J. Chem.
Eng. Data 2009, 54, 807–811. [CrossRef]

66. Beltrán, J.L.; Sanli, N.; Fonrodona, G.; Barrón, D.; Özkan, G.; Barbosa, J. Spectrophotometric, potentiometric and chromatographic
pKa values of polyphenolic acids in water and acetonitrile–water media. Anal. Chim. Acta 2003, 484, 253–264. [CrossRef]

67. Furia, E.; Porto, R. The effect of ionic strength on the complexation of copper (II) with salicylate ion. Ann. Chim. 2002, 92, 521–530.
[PubMed]

http://doi.org/10.1021/je800595x
http://doi.org/10.1016/S0003-2670(03)00334-9
http://www.ncbi.nlm.nih.gov/pubmed/12125457


Modelling the solubility of phenolic acids in aqueous 
media at 37 °C 
Emilia Furia1, Amerigo Beneduci1,*, Luana Malacaria1, Alessia Fazio2, Chiara La Torre2 and Pierluigi 
Plastina2 

1 Department of Chemistry and Chemical Technologies, University of Calabria, Arcavacata di 
Rende (CS), Italy; emilia.furia@unical.it (E.F.); luana.malacaria@unical.it (L.M.) 

2 Department of Pharmacy, Health and Nutritional Sciences, University of Calabria, Arcavacata di 
Rende (CS), Italy; alessia.fazio@unical.it (A.F.); chiara.latorre@unical.it (C.L.T.); 
pierluigi.plastina@unical.it (P.P.) 

* Correspondence: amerigo.beneduci@unical.it (A.B.) 
  



Table S1. Smoothed total solubility data as a function of the ionic strength in NaCl and NaClO4a. 

 𝐥𝐨𝐠 (𝑺𝑻𝟎) 𝒂𝟎 𝒂ஶ 𝒂 (𝐟𝐨𝐫 𝐥𝐢𝐧𝐞𝐚𝐫 𝐟𝐢𝐭) 
Reduced 
χ2×104 Adj. R2 

NaCl 
VA -1.89 (0.02) -0.43 (0.062) 0.03 (0.02) 4 0.96135 
SA -2.054 (0.004) -0.078 (0.01) -0.009 (0.004) 0.18 0.98234 
GA -0.95 (0.01) -0.09 (0.04) -0.002 (0.001) 3 0.97818 

CafA -2.18 (0.01)  -0.145 (0.008) 0.1 0.9903 
FA -2.315 (0.009)  -0.050 (0.005) 5 0.98635 
p-CA -2.19 (0.01)  -0.172 (0.008) 4 0.99048 

 𝐥𝐨𝐠 (𝑺𝑻𝟎) 𝒂𝟎 𝒂ஶ 𝒂 (𝐟𝐨𝐫 𝐥𝐢𝐧𝐞𝐚𝐫 𝐟𝐢𝐭) 
Reduced 
χ2×104 Adj. R2 

NaClO4      
VA -1.911 (0.006) -0.04 (0.02) -0.041 (0.006) 0.4 0.98455 
SA -2.054 (0.004) -0.078 (0.01) -0.009 (0.004) 0.18 0.98234 
GA -0.946 (0.004) -0.096 (0.008) 0b 0.3 0.9598 

CafA -2.21 (0.01) -0.13 (0.04) -0.03 (0.01) 0.2 0.96067 
FA -2.267 (0.004) -0.53 (0.03) -0.071 (0.008) 1 0.98718 
p-CA  -2.187 (0.005)  -0.067 (0.003) 0.9 0.98977 

aValues in parentheses are the standard deviations of the data as determined by the fit; bThe 
parameter 𝒂ஶhas been kept fixed to zero during the iteration because it is more than one order of 
magnitude smaller than 𝒂𝟎. 

 

Table S2. Solubility of the neutral species at 37°C of phenolic acids in water and in aqueous solutions 

of NaCl and NaClO4 at different ionic strength. The uncertainties represent standard deviation. 𝑆଴ 103. mol kg-1 
 VA SA GA CafA FA p-CA 

I mol kg-1 NaCl       
0 12±3 8±2 113±15 6.1±0.9 5±1 6.2±0.9 

0.16 11±2 8±2 102±13 5.8±0.8 5±1 5.8±0.8 
0.51 9±1 8±2 102±13 5.3±0.7 4±1 4.8±0.6 
1.02  7±1 7±2 98±12 4.4±0.6 3±1 3.7±0.5 
2.09 7±1 7±2 96±12 3.2±0.4 3±1 2.2±0.3 
3.20  7±1 7±2 92±12 1.9±0.3 3±1 1.5±0.2 

I mol kg-1 NaClO4       
0 12±3 8±2 113±16 6.1±0.9 5±1 6.2±0.9 

0.16  11±2 8±1 106±15 5.4±0.8 5.0±0.7 5.6±0.8 
0.51 11±2 8±1 101±14 5.0±0.7 4.9±0.7 5.6±0.8 
1.05  11±2 8±1 100±14 4.8±0.7 4.8±0.7 5.1±0.7 
2.21 10±1 7±1 95±13 4.3±0.6 4.2±0.6 4.2±0.6 
3.50 9±1 6±1 93±13 3.7±0.6 3.6±0.5 3.4±0.5 

 

 

 



Table S3. Setschenow coefficients of hydroxybenzoic and hydroxycinnamic acids in NaCl 

and NaClO4a. 

 𝒌𝟎 𝒌 (for linear fit) 
𝒌ஶ 

 Reduced χ2×104 Adj. R2 

NaCl 
VA 0.57 (0.01) -0.05 (0.06) 82 0.97706 
SA 0.106 (0.003) 0b 0.11 0.98948 
GA 0.11 (0.01) 0b 2 0.92014 

CafA 0.151 (0.005)  5 0.99278 
FA 0.35 (0.02) 0b 4 0.97025 
p-CA 0.199 (0.006)  4 0.99486 

 𝒌𝟎 𝒌 (for linear fit) 
𝒌ஶ 

 Reduced χ2×104 Adj. R2 

NaClO4 
VA 0.044 (0.002)  1 0.96640 
SA 0.044 (0.002)  5 0.98505 
GA 0.108 (0.005) 0b 0.4 0.95551 

CafA 0.17 (0.05) 0.02 (0.01) 3 0.95770 
FA 0.044 (0.002)  0.82 0.97809 
p-CA 0.076 (0.004)  2 0.97401 

aValues in parentheses are the standard deviations of the data as determined by the fit; bThe 
parameter 𝒌ஶhas been kept fixed to zero during the iteration because it is more than one 
order of magnitude smaller than 𝒌𝟎. 

 

 

 



  

  

Figure S1. Dependence of the ionization constant on the ionic strength in the two salts media. Experimental 
values (symbols) and values modeled by the SIT theory (lines) with the equation 11. For all of the fitting, an 
adjusted R2 > 0.998 and a reduced χ2 as low as 10-5 were obtained. 
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a b s t r a c t

In this work complexation of luteolin (H4Lu) with Al(III), Fe(III) and Cu(II) at 37 �C and in 0.16 M NaCl is
discussed. To evaluate the competition of the ligand for the metal cations and H+, the protonation
constant of luteolin was also determined under the same experimental conditions. Speciation profiles
obtained by potentiometric titrations show that in aqueous solution a complexation occurs at 1:1
ligand-to-Al(III) ratio, and at 1:1 and 2:1 ligand-to-cation ratios for Fe(III) and Cu(II). The coordination sites
of luteolin to the different metal ions were determined by a computational approach, displaying that cop-
per ion shows no selective preference towards any of the complexation sites of luteolin, while the six-
membered chelate ring of the 4–5 site (i.e., the 4-carbonyl-5-hydroxyl site of the A and C rings of the ligand)
is the preferred one for aluminum and iron ions. Additionally, we have evaluated the antioxidant and anti-
inflammatory properties of free luteolin and of the luteolin-metal ion complexes. The complex with iron
was found to have a higher activity than the other complexes (i.e., Fe(III)-Lu > Cu(II)-Lu > Al(III)-Lu), and
its DPPH radical scavenging ability was even higher than that of free luteolin. Finally, all luteolin metal
complexes were found to significantly reduce lipopolysaccharide (LPS)-induced interleukin (IL)-6 levels
in monocyte-derived macrophages with the following order: Fe(III)-Lu > Al(III)-Lu > Cu(II)-Lu > free Lu.

� 2021 Elsevier B.V. All rights reserved.

1. Introduction

Over the last decades, an increasing interest has been shown
towards flavonoids, the largest class of phenolic compounds. More
than 8000 flavonoids have been characterized so far, and this num-
ber is continuously growing [1–2]. The basic structure of flavonoids
contains two aromatic rings (labeled as ring A and ring B) linked by
a C3 spacer, which is usually part of another ring (labeled as ring
C). Flavonoids are sub-divided into six main subgroups: flavones,
isoflavones, flavonols, flavanones, anthocyanins, and flavan-3-ols,
depending on the oxidation state of ring C (Fig. 1). The substitution
patterns of hydroxy and methoxy groups on rings A and B deter-
mine the specific flavonoid. Moreover, these compounds may exist
in the free form as well as in the esterified, prenylated, and glyco-
sylated forms [1]. Interest on flavonoids is mainly due to their
potent antioxidant activity [2–8], which is essential in preventing
and treating oxidation damage [9–10]. Besides being able to act

as primary antioxidants, donating an H atom to stabilize a radical
species, flavonoids can act as secondary antioxidants due to their
ability to chelate pro-oxidant metal ions. This second antioxidant
mechanism may result from the interactions between metal ions
and flavonoids to produce complexes. The pro-oxidant ion is
sequestered, thus preventing its participation in free radical gener-
ating reactions [11–13]. Moreover, flavonoids have been reported
to possess many beneficial pharmacological properties, such as
antibacterial, antitumor, antimutagenic activity and cardiovascular
protection [14–15].

Among the various classes of flavonoids, flavones, widely
present in herbaceous plants, are characterized by a 2-phenyl-
1,4-benzopyrone skeleton and are usually classified by the number
and position of their hydroxy and methoxy substituents. Luteolin
(3ꞌ,4ꞌ,5,7-tetrahydroxyflavone, H4Lu, Fig. 2) occurs in the leaves,
blossoms, and stems of various plants [16–17] and has been
recently used in many areas of medicine [18–19], food chemistry
[20] and biochemistry [15,21].

Luteolin-rich extract is utilized as a natural yellow dye, which is
stable and resistant to fading [22]. Moreover, experimental data
indicate that luteolin may prevent diabetes, cardiovascular and

https://doi.org/10.1016/j.molliq.2021.117895
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neurodegenerative diseases and shows anti-allergic activity in vitro
and in vivo [23].

Luteolin possesses two possible chelating sites: the 5-hydroxy-
4-oxo and 3ꞌ,4ꞌ-dihydroxyl (catechol) groups (Fig. 2); the 5-
hydroxy-4-oxo group is superior to 3ꞌ,4ꞌ-dihydroxyl group in
the complexation process [24]. The chelation of metal ions can
be crucial in preventing radical generation, which can cause dam-
age to biomolecules. Moreover, natural metal chelators, such as fla-
vonoids, should be preferred to other synthetic sequestering agents
that present associated toxicity problems [25–26]. Due to the
importance of metal chelation for the characterization of antioxi-
dant behavior of compounds, we aimed to study luteolin’s ability
to chelate iron, aluminum, and copper ions.

Following our previous studies on the sequestering ability of
quercetin towards the same metal cations [27–29], herein we pre-
sent an experimental investigation (potentiometric and UV–Vis
spectrophotometric measurements) on the complexation ability
of luteolin towards aluminum(III), iron(III) and copper(II) at 37 �C
and in 0.16 M NaCl, evaluating the stability constants of the com-
plexes and the corresponding structures. Metal-flavonoid com-
plexes display free radical scavenging activity [9–12,30].
Moreover, anti-inflammatory effects of flavonoids are well known
[31] and there is the evidence that luteolin per se has the capability
to reduce interleukin (IL)-6 levels in both peripheral blood and dis-
crete brain areas after peripheral injection of LPS [32]. In this frame,

here we have also evaluated the antioxidant and anti-inflammatory
effects of luteolin-metal ion complexes on IL-6 levels.

2. Experimental section

2.1. Materials

Sodium chloride, hydrochloric acid and sodium hydroxide
titrant solutions were prepared and standardized as previously
described [33]. Aluminum(III), iron(III) and copper(II) chloride
stock solutions were prepared and standardized as reported previ-
ously [28]. Luteolin (Sigma, �98%) was kept at 4 �C and used with-
out further purification. All solutions were freshly prepared with
bidistilled water. Dimethylsulphoxide (DMSO), absolute ethanol
and methanol were purchased from Carlo Erba (Milan, Italy). 2,2-
Azinobis(3-ethylbenzothiazoline-6-sulfonic) acid (ABTS), 2,2-
diphenyl-1-picrylhydrazyl (DPPH), potassium persulfate (K2S2O8),
FeCl3, sodium acetate and 2,4,6-tris-pyridyl-S-triazine (TPTZ) were
purchased from Sigma Aldrich (Milan, Italy).

2.2. Potentiometric and spectrophotometric measurements

The potentiometric apparatus and the set-up of the titrations
were described in a previous work [28]. To avoid carbonate inter-
ference, a slow stream of nitrogen gas was passed through the gas
inlet tube into the test solutions, kept under continuous stirring
during titrations. During the EMF measurements, the cell assembly
was placed in a thermostatic water bath kept at 37.0 ± 0.1 �C. Spec-
trophotometric measurements were carried out with a Varian Cary
50 Scan UV Visible Spectrophotometer by measuring the absor-
bance values, Ak, (to 0.001 units) between 200 and 500 nm each
1 nm. Matched quartz cells of thickness 1 cm were employed.
The temperature of the cell holder was maintained at 37.0 ± 0.3 �
C by a Grant circulating water bath. The acquisition of data and
the formulations of the parameters were managed with the aid
of a computer connected to the instrument.

2.3. Antioxidant and anti-inflammatory measurements

2.3.1. DPPH assay
The DPPH assay was performed according to a previously

reported protocol [34]. An aliquot (0.1 mL) of each sample (from

O

O

A

B

C

O

O

O

O
OH

Flavone Isoflavone Flavonol 

O

O

O

OH

+
O

OH

Flavanone Anthocyanin Flavan-3-ol 

Fig. 1. Structure of the six main subgroups of flavonoids.
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1 to 0.01 mg mL�1 DMSO) was added with 0.1 mL of DPPH (1 mM)
solution and MeOH to obtain a total volume of 3 mL. The final con-
centrations of the different solutions were 33.33, 16.67, 3.3 and
0.33 lg mL�1. The mixtures were let to stir vigorously and allowed
to incubate at room temperature (25 ± 3 �C) for 30 min and in the
absence of light. The experiments were conducted against a blank
(3 mL of MeOH) and a control (3 mL solution obtained by diluting
0.1 mL of DPPH with MeOH), and the scavenging activity of each
solution was quantified spectrophotometrically using an UV–Vis
spectrophotometer (model V-550, Jasco Europe) at 517 nm. The
antioxidant activity is expressed as % of DPPH inhibition and was
calculated using the following equation:

%IDPPH ¼ ½ðAcontrol � AsampleÞ=Acontrol�Â � 100 ð1Þ
Trolox (6-hydroxy-2,5,7,8-tetramethylchroman-2-carboxylic

acid) was used as a positive control and the results were also
expressed as lg of Trolox equivalent (TEAC). All analyses were con-
ducted in triplicate. The percentages obtained were used to calcu-
late EC50 values for each sample using GraphPad Prism 8 software
(GraphPad Inc., San Diego, CA).

2.3.2. ABTS assay
The radical scavenging effects of samples on ABTS�+ radical

cation were estimated according to a known protocol [35]. An ali-
quot (50 mL) of 2 mM ABTS and 0.5 mL of 70 mM K2S2O8 were
mixed, followed by incubation in the dark for 16 h at room temper-
ature to prepare ABTS�+ radical solution. An aliquot (0.030 mL) of
each sample (from 1 to 0.01 mg mL�1 DMSO) was mixed with
3 mL of the ABTS�+ solution and then stirred vigorously at room
temperature (25 ± 3 �C) for 5 min, in the dark. The control was pre-
pared by diluting 3 mL of the ABTS�+ solution with 0.030 mL of
DMSO. The ABTS scavenging activity of each solution was quanti-
fied spectrophotometrically at 734 nm using a UV–Vis spectropho-
tometer (model V-550, Jasco Europe). The ABTS radical scavenging
was expressed as % of ABTS inhibition of each compound compared
to the initial concentration of ABTS (control) according to the
formula:

%IABTS ¼ Acontrol � Asample

� �
=Acontrol

� � � 100 ð2Þ
The percentages obtained were used to calculate EC50 values for

each sample using GraphPad Prism 8 software (GraphPad Inc., San
Diego, CA). The results were also expressed as lg of Trolox equiv-
alent (TAEC), used as positive control.

2.3.3. FRAP assay
The ferric reducing antioxidant power (FRAP) method measures

the change in absorbance that occurs when the TPTZ (2,4,6-
tripyridyl-S-triazine)–Fe(III) complex is reduced to the TPTZ-Fe2+

form in the presence of antioxidant compounds [36]. Briefly, the
FRAP reagent contained 10 mM tripyridyl-triazine (TPTZ) solution
in 40 mM HCl plus 20 mM FeCl3 and 0.25 M sodium acetate buffer
(pH 3.6) in a ratio 1:1:10. Extracts were dissolved in DMSO at a
concentration of 0.1 mg mL�1. An aliquot (0.1 mL) of solution
was mixed with 2 mL of FRAP reagent and 0.9 mL of H2O and the
absorption of the reaction mixture was measured at k = 593 nm.
A solution of FeSO4 (1 mM) were used to obtain the calibration
curve.

2.3.4. Monocyte-Derived Macrophages (MDMs) isolation
Peripheral blood mononuclear cells (PBMCs) were obtained

from healthy donors. Buffy coat preparations were diluted 1:1 with
phosphate-buffered saline (PBS) solution and centrifuged over
Ficoll–Hypaque mixture (Pharmacia LKB Biotechnology Inc., Upp-
sala, Sweden). Monocytes were separated from lymphocytes by
adherence, as described in literature [37]. Monocyte isolation tech-

niques significantly impact the phenotype of both isolated mono-
cytes and derived macrophages in vitro. Mononuclear cells were
counted and plated at a concentration of 2�106 /well in 24-well
plates (Falcon, MA, USA). PBMCs were cultured at 37 �C under
humidified atmosphere enriched with 5% CO2 in Roswell Park
Memorial Institute (RPMI) medium with 10% of fetal calf serum
(FCS) heat-inactivated and endotoxin-free (Thermo Fisher Scien-
tific, USA), 50 Units/mL penicillin, 50 mg mL�1 streptomycin,
2 mM glutamine (complete medium). Non-adherent cells were
then removed by repeated gentle washing with warm medium
after 5 days of culture. More than 90% of the adherent cells were
monocyte-derived macrophages (MDMs) as revealed through mor-
phology by esterase non-specific technique. Adherent MDMs were
then cultured for an additional day in RPMI complete medium sup-
plemented with 5% endotoxin- and mycoplasma-free FCS. Each
experiment was run with primary MDMs from a single blood
donor.

2.3.5. Cell viability assay
Cell viability was estimated by evaluating the reduction of 3-(

4,5-dimethylthiasol-2-yl)-2,4-diphenyltetrazolium bromide (MTT)
by mitochondrial succinate dehydrogenase [38]. The absorbance,
A, was measured with a microtiter plate reader (Synergy H1 by Bio-
Teck, Winooski, VT, USA) at the test wavelength (tw, 570 nm) and
at the reference wavelength (rw, 690 nm). The optical density (OD)
was calculated as Arw � Atw.

2.3.6. IL-6 determination
Cells were pre-treated with luteolin or luteolin-metal com-

plexes for an incubation period of 20 h and stimulated with LPS
for further 4 h. IL-6 secretion was measured by enzyme-linked
immunosorbent assay (ELISA). The concentration of IL-6 in super-
natants from primary M/M cells stimulated with LPS was
40 ± 5 pg mL�1. After twenty-four hours of incubation conditioned
media were collected and IL-6 production was analyzed using
ELISA Kit (Thermo Fisher Scientific, USA) following the manufac-
turer’s instructions. Briefly, the medium was spun 5 min at
2500 rpm, 4 �C, to pellet down cellular debris and either immedi-
ately assayed or frozen in liquid N2 first and �80 �C successively,
for no longer than one week. The sensitivity of the assay was
5 pg mL�1. Results were read with a microtiter plate reader (Syn-
ergy H1 by BioTeck, Winooski, VT, USA).

2.3.7. Statistical analysis
Prism GraphPad Prism version 5.0 for Windows (GraphPad Soft-

ware, San Diego, CA, USA) was used to build graphs. Differences
were evaluated by one-way ANOVA, followed by multi-
comparison Dunnett’s test (*p < 0.05, **p < 0.02, ***p < 0.01, with
respect to controls).

2.4. Computational details

All the electronic calculations were performed using the Gaus-
sian 16 computational package [39]. The geometries of all the inves-
tigated compounds, including radicals, radical cations and anions,
were fully optimized employing the hybrid functional M05-2X
[40] combined with the standard 6–31 + G(d) basis set for C, H, O
andAl except for Cu and Fe atoms, forwhich the relativistic compact
Stuttgart/Dresden effective core potential with its related split
valence basis set was used. All the optimizations were performed
in solvent applying the Solvent Model based on Density (SMD) to
mimic the environment of the experimental measurements (dielec-
tric constant of 78.0) [41]. The hybridmeta-GGA functionalM05-2X
proved to better describe short- and medium-range interatomic
interactions than traditional DFT methods [42].
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Such a functional was also suggested, together with other
hybrid functionals, for kinetic data calculations in radical-
molecule reactions, including scavenging ones [43].

All the optimized structures in solvent were confirmed to be
real minima by harmonic vibrational frequencies calculation. Ther-
modynamic corrections at 25 �C were included in the calculations
of relative energies. The unrestricted open-shell approach was
used for radical species. In these cases, no spin contamination
was found. The energies were refined by single point calculations
on the optimized geometries at the same level of theory employing
a larger standard basis set, 6–311++G(d,p), for all atoms unless Fe
and Cu described as above reported.

In order to compare the ability of the luteolin to bind Al(III), Fe
(III) and Cu(II), metal binding affinity has been also considered by
calculating the reaction free energies of the complexation reaction
for the substitution of water molecules in the hexaaquo complex
and considering the overall process in solution, as already applied
for other systems.

There are three major antioxidant mechanisms for exercising
the free radical scavenging activity as outlined in the Scheme 1:
hydrogen atom transfer (HAT), single electron transfer (SET) and
sequential proton loss electron transfer (SPLET). The theoretical
evaluation of some key thermochemical parameters can be helpful
to gain more insight on their preferred action mechanism, there-
fore BDE, IP, PDE, PA and ETE were calculated in water at 25 �C
by the same procedure already applied on similar systems [44–
47], according to the following expressions:

BDE: H(ArO.) + H(H.) –H(ArOH)
IP: H(ArOH+.) + H(e-) –H(ArOH)
PDE: H(ArO.) + H(H-) –H(ArOH+.)
PA: H(ArO-) + H(H+) –H(ArOH)
ETE: H(ArO.) + H(e-)–H(ArO-)
The calculated H(H+) and H(e-) enthalpy values are 1.48 and

0.75 kcal/mol, respectively [42].
The above-mentioned protocol was used to themost stable open

shell species for computations of single-point spin densities. This
computational procedurewas already successfully applied to inves-
tigate the antioxidant properties of a large series of polyphenols.

3. Results and discussion

In this study, we evaluated the stability constants of the com-
plexes between luteolin and Al(III), Cu(II) and Fe(III) cations, and
the antioxidant and anti-inflammatory behavior of these species.

3.1. Chelating properties of luteolin and stability of formed complexes

The complex formation equilibria between H4Lu and Al(III), Cu
(II) and Fe(III) cations were studied at 37 �C and in 0.16 M NaCl.
Luteolin is essentially insoluble in water, for this reason, all the

experiments were carried out by adding an accurately weighed
quantity of solid luteolin in the titration apparatus. After the addi-
tion of the other reagents, the pH of test solutions was stepwise
increased from 2 to 7.5 by adding NaOH standard solutions. When
the general equilibrium reported in Eq. (3) takes place, luteolin dis-
solves into the aqueous medium to form complexes.

pMnþ þ rH4Lu¢Mp Hð Þ�q H4Luð Þðnp�qÞ
r þ qHþ log bp;q;r ð3Þ

This equilibrium considers all the possible complexes formed in
solution. The most probable p, q, and r values and the correspond-
ing constants log bp,q,r were obtained by a numerical procedure
[48], and results obtained are reported in the Table 1. To evaluate
complex stability, which is also affected by the acid-base proper-
ties of the ligand, preliminarily it was necessary to determine the
first acidic constant of luteolin (Eq. (4)) under the same experimen-
tal conditions. According to literature this could be related to the
deprotonation of the 7-OH group [49].

H4Lu¢H3Lu� þ Hþ pKa1 ¼ 8:93 � 0:09 ð4Þ
The uncertainty represents 3r. No additional attempts were

made to determine the acidity of the other hydroxy groups as we
have experienced that luteolin undergoes degradation in aqueous
alkaline medium, which occurs more rapidly than potentiometric
measurement time. The constants of main cationic hydrolysis
products [28] (i.e., Al(OH)2+ and Al(OH)2+, Cu(OH)+ and Cu2(OH)22+,
Fe(OH)2+ and Fe(OH)2+) and the acidic constant of the ligand were
kept invariant in the numerical treatment to determine stability
constants bp,q,r [49].

The measurements were performed as potentiometric titrations
with cell (G):

Reference Electrode=Test Solution=Glass Electrode ðGÞ
The general composition of Test Solution was CM M MCln, CL M

H4Lu, CA M HCl, CB M NaOH, and (0.16-nCM-CA-CB) M NaCl. Metal
and ligand concentrations were ranged from (0.1�10-3) to (1.0�10-
3) M and the ligand to metal ratio was varied between 1 and 5.
The pH was ranged from 2 for Fe(III), from 2.5 for Al(III) and from
3 for Cu(II), to the precipitation of a neutral species, which takes
place at different pH depending not only on the nature of metal
but also on the specific ligand to metal ratio investigated.

Speciation profiles show that in aqueous solution a complexa-
tion occurs at 1:1 Al(III) to ligand ratio, and at 1:1 and 1:2 Fe
(III)- and Cu(II)- to ligand ratios. It was not possible to make any
comparison with previous literature data as this study is the first
one entirely carried out in aqueous medium. The distribution dia-
grams in Fig. 3 a-c show the percentage of metal cations into the
luteolin complexes with respect to pH. As can be seen in Fig. 3a,
the complexation between luteolin and Al(III) starts at pH higher
than 3.5 and the complex Al(H)-3(H4Lu) reaches a percentage not
more than 50%, confirming that the sequestering ability of luteolin
towards Al(III) is not so efficient. The speciation diagram of the sys-
tem Cu(II)-Lu (Fig. 3b) shows that the neutral complex Cu(H)-
2(H4Lu)2 starts to form at pH 4 and reaches a maximum at pH 5,
while the other species, Cu(H)-3(H4Lu)-, starts to form at pH 4.5
and is the predominant one at pH 5.5, with percentage higher than
75%. Finally, regarding the system Fe(III)-Lu (Fig. 3c) the complexes
Fe(H)-2(H4Lu)+ and Fe(H)-3(H4Lu) reach significant percentages.
The complexation starts from acidic pH for the species Fe(H)-
2(H4Lu)+ which is the predominant in the whole investigated pH
range. As can be seen, the complex Fe(H)-4(H4Lu)2- is a minor
species, but its existence is confirmed by a significant decrease of
the statistical parameters of the numerical evaluation. Interest-
ingly, the distribution of the hydrolysis complexes, of all the inves-
tigated metal cations, shows that their percentages decrease or
disappear drastically in the presence of luteolin. This led us toScheme 1. Major antioxidant mechanisms of the free radical scavenging activity.
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hypothesize that the complexes between metal ions and ligand
could be mixed species also involving hydroxyl ion.

A comparison of the UV–Vis spectra of free ligand (H4Lu) and
the coordinated species (Fig. 4) supports the effective formation
of the complexes. The UV–Vis spectrum of free luteolin shows
two characteristic absorption bands of flavonoid compounds
[50]: the band at 355 nm is due to the conjugation between B
and C ring (cinnamoyl system), and the band at 250 nm deriving
from the A-C ring (benzoyl system). Moreover, there are two other
less intense absorption bands at 295 and at 267 nm. The UV–Vis
spectra recorded on the solutions containing metal cations show
a significant shift of luteolin’s characteristic bands, confirming
the occurred complexation. Regarding the Cu(II)- and Fe(III)-
luteolin systems the band related to the benzoyl portion (i.e., at
250 nm) undergoes an hypsochromic shift (D � 15 nm). On the
contrary, the Al(III)-luteolin spectrum shows an evident batho-
chromic shift (D � 60 nm) of the cinnamoyl band (i.e., 355 nm),
suggesting that the coordination sites depend on the specific metal
cation. All the solids gained at the end of each titration were also
analyzed after their solubilization in EtOH. As can be seen in

Fig. 4, the difference between these spectra and that of free ligand
is not so pronounced, suggesting that the majority of the solid may
be unreacted luteolin.

Following the indications arising from the speciation profiles
and those acquired under the same conditions for similar systems
[27–29,33], we attributed the loss protons to both ligand and water
and considered metal coordination to the luteolin occurring mainly
via the 4-carbonyl-5-hydroxyl site of the A and C rings (4–5 site) or
via the catechol moiety of the B ring (30-40 site) (see Fig. 5). It is well
known that the binding site is strictly related to the nature of both
ligand and metal ion and to the pH value. In fact, despite the huge
number of experimental and theoretical studies on the coordina-
tion properties of flavonoids, no confluence on same outcomes is
observed regarding the binding site and metal/ligand stoichiome-
try owing dependent on the variation in experimental conditions
in the different studies [50].

In the present work, two complexes (Fig. 5) were obtained for
the Al(III)-Lu system considering the loss of protons from both
ligand and water molecules coordinated to the metal, as suggested
by potentiometric analysis of Table 1. They were enclosed in about
5 kcal/mol (see Table 2) indicating the complex with Al coordinat-
ing to the 4–5 site to be the most stable one for the Al(OH)2(H3Lu).
Similar findings occurred considering the quercetin as ligand [28],
evidencing that, also for the luteolin, the six-membered chelate
ring of the 4–5 site is preferred to the five-membered chelate ring
of the catechol moiety (B ring).

Regarding the Fe(III)-Lu system, since the Fe(OH)(H3Lu)+ and Fe
(OH)2(H3Lu) showed significant percentages in the monitored
acidic pH range (Fig. 3c), four complexes (Fig. 5) were analyzed
considering the catechol moiety and the 4–5 site for both consid-
ered species. Irrespective of the species, the complex having the
4–5 site implicated in the coordination of metal ion results to be

Table 1
Formation of complexes of luteolin with Al(III), Cu(II), and Fe(III) according to general
Eq. (3). Values of log bp,q,r in NaCl 0.16 M at 37 �C were obtained by numerical
procedure (standard deviations are reported as 3 r).

Species log bp,q,r ± 3 r

Al(III) Al(H)-3(H4Lu) �9.5 ± 0.1
Cu(II) Cu(H)-3(H4Lu)- �11.88 ± 0.09

Cu(H)-2(H4Lu)2 �3.3 ± 0.2
Fe(III) Fe(H)-2(H4Lu)+ �0.42 ± 0.09

Fe(H)-3(H4Lu) �6.1 ± 0.2
Fe(H)-4(H4Lu)2- �6.1 ± 0.1
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Fig. 3. Distribution diagrams in the presence of H4Lu of: (a) Al(III) (CM = 0.12 mM and CL = 0.3 mM); (b) Cu(II) (CM = 0.25 mM and CL = 0.5 mM) and (c) Fe(III) (CM = 0.1 mM and
CL = 0.5 mM).
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just over stable than the 3ꞌ-4ꞌ site on ring B by 2.8 kcal/mol and
1.4 kcal/mol for Fe(OH)(H3Lu)+ and Fe(OH)2(H3Lu), respectively.

The deviation from the planarity of ring B is less pronounced
than that observed in the case of Al(III)-Lu. Similar findings
occurred in the analog quercetin complexes under the same
conditions.

The Cu(II)-Lu showed a very distinctive behavior compared
with that of the Al(III)- and Fe(III)-Lu species. For this system, no
substantial energy difference characterizes the two examined com-
plexes (see Table 2) proposing both species as equally populated in
the considered environment, in agreement to available data [51].
As observed in a previous work [28], copper assumes a square pla-
nar geometry with two water molecules not coordinated to copper
but retained in the outer coordination shell by H-bond (see Fig. 5).

In all the considered species the hydroxy groups are oriented in
such a way to retain the maximum number of hydrogen bond
interactions.

The change of the UV–Vis spectra (Fig. 4) displaying a batho-
chromic (red) shift can be also rationalized looking the HOMO-
LUMO energy gaps related to the first absorption band having p-
> p * character. The bathochromic shift can be associated to a
strong charge transfer from the flavonoid to the metallic center
(Ligand to Metal Charge Transfer, LMCT), or to a decrease in the
HOMO-LUMO gap [52]. Fig. 6 reports the energy diagram of the
HOMO and LUMO orbitals for Lu and its complexes with Al(III),
Fe(III) and Cu(II) on the 4–5 preferred site along with the graphical
representation of the frontier orbitals. It is possible to note that the
Al(OH)2(H3Lu) (4–5) complex having a lower value of HOMO-
LUMO energy gap than that of Lu alone, well reflects the UV–Vis
spectra behavior while the effect is less evident in the case of Cu
(II) and Fe(III) complexes. This finding indicates that the nature
of the metal ion plays an additional role in influencing the
electronic spectra, as ligand and coordination site being equal,
suggesting a LMCT major contribution for Cu(II) and Fe(III) in the
luteolin complexes. However, in agreement with previous works
[53], in all the three examined complexes a decrease of the
HOMO-LUMO gap was observed. Furthermore, a different behavior
in the UV–Vis spectrum by Lu complexes with respect to the ana-
log with quercetin [28] remarks the selective role of the OH free 3
position on the C ring in luteolin.

3.2. Antioxidant properties

Results of the scavenging activity against DPPH radical are
reported in Table 3 and graphically in Fig. 7. Data show the antiox-
idant activities of free luteolin, as well as of Al(III)-Lu, Cu(II)-Lu and
Fe(III)-Lu complexes. Cu(II)-Lu complex exhibits the same antioxi-
dant activity as Trolox, a standard used as the positive control, fol-
lowed by Fe(III)-Lu complex (i.e., 89.5 ± 0.6% and 88.4 ± 0.2%,
respectively), at the highest concentration tested (i.e., 33.3 mgmL�1).
On the other hand, at the lowest concentrations (from 3.3 to
0.3 mg mL�1) the antioxidant activity of Fe(III)-Lu complex predom-
inates (from 56.7 ± 0.7 to 45.1 ± 5.6%, respectively), even in higher
percentages than the free ligand (from 34.2 ± 0.6 to 1.0 ± 0.1%,
respectively). Table 4 shows the results of the EC50 relative to the
percentages of inhibitions against DPPH. Results are also expressed
as Trolox equivalents (TEAC, Table 5), and were obtained by using a
suitable calibration curve (from 0.1 to 66.7 mg mL�1).

The antioxidant activity of free and metal-complexed luteolin
samples was also tested spectrophotometrically by ABTS assay.
Results are reported in Table 6 and graphically represented in
Fig. 8. Trolox was used as a positive control also for this assay.
These data show a positive response to the assay, but with a lower
percentage of inhibition of the ABTS.+ radical cation compared to
the DPPH radical at all tested concentrations (i.e., 10, 5, 1 and
0.1 mg mL�1). At the highest concentration tested (10 mg mL�1),
luteolin complexed with Fe(III) exerts the highest antioxidant
activity (i.e., 17.9 ± 0.9%) compared to that exhibited by Cu(II)-Lu
and Al(III)-Lu complexes (i.e., 9.2 ± 0.9 and 5.5 ± 0.8%, respectively).
However, free luteolin exerts, in this assay, a greater antioxidant
activity than the complexes, except at the lowest concentration
(0.1 mg mL�1) where Cu(II)-Lu and Fe(III)-Lu exert a greater antiox-
idant activity (i.e., 3.9 ± 0.4 and 4.4 ± 0.1%, respectively) with
respect to free luteolin (2.7 ± 0.2%). The percentages of inhibition
obtained with the ABTS assay were used to calculate the EC50 val-
ues (Table 7). In agreement with the trend observed with
previously shown inhibitory results, data in Table 7 underline
antioxidant activity of the standard and of the complex with Fe
(III), albeit in a lower percentage than the values obtained against
DPPH. Results obtained are also expressed as Trolox equivalents
(TEAC, Table 8), for which it was necessary to construct a suitable

Free Lu

Solid Al(III)-Lu

Solution Al(III)-Lu Free Lu

Solid Cu(II)-Lu

Solution Cu(II)-Lu

Free Lu

Solid Fe(III)-Lu

Solution Fe(III)-Lu

Fig. 4. UV–Vis spectra of the free ligand and of the complexes.
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calibration curve (from 0.1 to 20 mg mL�1). At the highest concen-
trations the data obtained are completely comparable, at the low-
est concentrations tested the activity of inhibition of the Fe(III)-Lu

complex prevails. Results obtained towards the free radical is fur-
ther confirmed by an EC50 value of 1.4 for the Fe(III)-Lu complex
(Table 4). Free luteolin was found to be more active against the free

Fig. 5. Optimized Structures for the most plausible complexes of Lu with Al(III), Fe(III) and Cu(II). In parenthesis is reported the coordination site.
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radical in the first three concentrations tested. Only at the lowest
concentration Fe(III)-Lu complex appears to show more significant
activity than free luteolin. However, luteolin shows to have an
excellent response against the cationic radical, as it is also by the
EC50 values (Table 7).

The FRAP assay treats the antioxidants in the sample as reduc-
ing agents in a colorimetric reaction linked to oxidation. As
reported in Table 9, Fe(III)-Lu complex demonstrated highest
reducing power with a FRAP value of 143.2 mmol g�1 (r2 = 0.983),
almost comparable to butylated hydroxytoluene (BHT), a standard
used as a positive control (i.e., 145.8 mmol g�1), while free luteolin
shows a reducing capacity of 500.5 mmol g�1.

The reactivity to the FRAP test by luteolin and the complexes
was found to be comparable to the responses obtained by the
DPPH and ABTS assays. The complexed compounds’ activity is

lower than that of free luteolin, even if the complex with iron
showed, also in this test, to have a higher ability than the other
complexes (Fe(III)-Lu > Cu(II)-Lu > Al(III)-Lu) and to perform an
activity comparable to the positive control.

The antioxidant activity parameters for all the species, includ-
ing radicals and anions of the Lu and the most stable species for
the Al, Cu and Fe complexes are reported in Table 10.

From a first glance to this table emerges that the energy values
referred to the considered parameters are of a very different mag-
nitude, this can be a suggestion of the mechanism favored over
another.

Among the investigated species, the Cu(OH)2(H2O)2(H3Lu)-(4–
5) provides a slightly lower BDE value than that characterizing
the other species including the ligand alone, thus suggesting a bet-
ter action as a scavenger following the HAT mechanism, even if
they are enclosed in a very close range of energy. In fact, the BDE
represents the best reliable thermochemical parameter to describe
the HAT mechanism involving the hydrogen transfer from hydro-
xyl group that in the complexes occurs at the site 7, the most likely
DH reaction the greatest antioxidant activity. This means that the
radicalization of the hydroxyl group in position 7 of the ring A close
the metalation site can take place.

Analyzing the IP values of Table 10 it is possible to note that the
energy amount required to form the radical cation is lower for cop-
per than for iron and aluminum complexes, proposing the copper
containing luteolin as species more susceptible to ionization and
with a stronger antioxidant property. This finding can be related
to the fact that Cu(II)-Lu species is more reactive for both HAT
and electron transfer than luteolin and well fits the observed
behavior of the radical scavenger activity studied by ABTS.+ assay
previously discussed [51].

The stepwise mechanisms, SET-PT and SPLET (see Scheme 1),
are both associated to the tendency of chemical species to donate
electrons. In the SET-PT an electron is given from the antioxidant to
the free radical generating the ArOH+. radical cation that succes-

Table 2
Gibbs free energy differences (DE) and free energy formation (DGf) in kcal/mol of the
considered complexes between the luteolin and Al(III), Fe(III) and Cu(II) calculated
according to equations below reported.a

Complex DE DGf

Al(OH)2(H2O)2(H3Lu) (30-40)
Al(OH)2(H2O)2(H3Lu) (4–5)

4.9
0.0

�89.9
�94.8

Fe(OH)2(H2O)2(H3Lu) (30-40)
Fe(OH)2(H2O)2(H3Lu) (4–5)
[Fe(H2O)3(OH)(H3Lu)](30-40)
[Fe(H2O)3(OH)(H3Lu)](4–5)

1.4
0.0
2.8
0.0

�82.4
�83.9
�61.7
�64.4

Cu(OH)2(H2O)2(H3Lu)(30-40)
Cu(OH)2(H2O)2(H3Lu)(4–5)

0.2
0.0

�61.1
�61.2

a {Lu}c + [M(H2O)6]z ? [MLu(OH)n]z+c + (6-t)H2O
where c is the total formal charge of luteolin, in this case equal to �1; z is the charge
of the hexaaquo complex; n is the OH– number equal to 1,2; and t = 2 takes into
account the possibility that the luteolin is bidentate. Therefore, the formation
energies of these complexes were calculated as:
DGf = DG([MLu(OH)n]z+c) + (6-t) DG(H2O)- DG(Lu)c-DG(OH–)n-DG([M(H2O)6]z).

Fig. 6. Energy diagram of the HOMO and LUMO orbitals for the most representative complexes of Al(III)-Lu, Cu(II)-Lu and Fe(III)-Lu with respect to those of Lu alone as
reference with different color. Energy gaps (eV) between HOMO and LUMO are reported.
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sively releases a proton. Hence the most relevant properties useful
to measure the feasibility of this mechanism are IP and PDE, while
PA and ETE those to establish the viability of SPLET.

Since in all the considered species the higher deprotonation of
radical cation ArOH+. limits the reaction rate of SET-PT in water,
the required lower energy to produce the radical cation (low IP val-

ues) makes the species more susceptible to ionization conversely
to what happens in the SPLET mechanism.

Anyhow, to unequivocally determine the reasons favoring one
particular mechanism, it is mandatory to deeply explore all the
possible mechanisms. This goes beyond the comparative analysis
of the potential antioxidant properties of the species examined in
the present theoretical investigation, mainly based on the evalua-

Table 3
%IDPPH of luteolin and its metal complexes.

Trolox Lu Al(III)-Lu Cu(II)-Lu Fe(III)-Lu
mg mL�1 %IDPPH ± SD %IDPPH ± SD %IDPPH ± SD %IDPPH ± SD %IDPPH ± SD

33.3 100.0 ± 0.1 89.5 ± 0.8 88 ± 1 89.5 ± 0.6 88.4 ± 0.2
16.7 99.0 ± 0.1 88 ± 1 76.2 ± 0.1 79.4 ± 0.1 79.7 ± 0.9
3.3 96.0 ± 0.1 34.2 ± 0.6 24.6 ± 0.8 20.2 ± 0.1 56.7 ± 0.7
0.3 89.0 ± 0.1 1.0 ± 0.1 20.7 ± 0.7 13 ± 1 45.1 ± 5.6

Fig. 7. Histogram of the percentages of inhibition against DPPH. In black the
positive control (Trolox), followed by Lu (luteolin), Lu-Al(III) (luteolin-aluminum
complex), Lu-Cu(II) (luteolin-copper complex) and finally Lu-Fe(III) (luteolin-iron
complex).

Table 4
EC50 values of luteolin and its
metal complexes.

Samples mg mL�1 ± SD

Trolox 0.04 ± 0.01
Lu 4.8 ± 0.2
Al(III)-Lu 6.4 ± 0.2
Cu(II)-Lu 6.7 ± 0.3
Fe(III)-Lu 1.4 ± 0.1

Table 5
Trolox equivalents or TEAC of luteolin and its metal complexes.

Lu Al(III)-Lu Cu(II)-Lu Fe(III)-Lu
mg mL�1 TEDPPH ± SD TEDPPH ± SD TEDPPH ± SD TEDPPH ± SD

33.3 12.0 ± 0.1 11.9 ± 0.2 12.1 ± 0.1 11.94 ± 0.03
16.7 11.8 ± 0.1 10.27 ± 0.01 10.73 ± 0.01 10.7 ± 0.1
3.3 4.49 ± 0.08 3.2 ± 0.1 2.59 ± 0.02 7.58 ± 0.09
0.3 0 2.64 ± 0.09 1.6 ± 0.2 6.0 ± 0.8

Table 6
%IABTS of luteolin and its metal complexes.

Trolox Lu Al(III)-Lu Cu(II)-Lu Fe(III)-Lu
mg mL�1 %IABTS ± SD %IABTS ± SD %IABTS ± SD %IABTS ± SD %IABTS ± SD

10 100 ± 0.2 90.1 ± 0.6 5.5 ± 0.8 9.2 ± 0.9 17.9 ± 0.9
5 96 ± 1.7 56.9 ± 0.3 4.2 ± 0.5 7.5 ± 0.9 10.8 ± 0.1
1 95 ± 1.5 15.4 ± 0.2 4.1 ± 0.2 6.2 ± 0.1 5.2 ± 0.1
0.1 90 ± 1.2 2.7 ± 0.2 2.3 ± 0.1 3.9 ± 0.4 4.4 ± 0.1

Fig. 8. Histogram of the percentages of inhibition against ABTS. In black the positive
control (Trolox), followed by Lu (luteolin), Lu-Al(III) (luteolin-aluminum complex),
Lu-Cu(II) (luteolin-copper complex) and finally Lu-Fe(III) (luteolin-iron complex).

Table 7
EC50 values of luteolin and its
metal complexes.

Samples mg mL�1 ± SD

Trolox 0.10 ± 0.01
Lu 3 ± 1
Al(III)-Lu 146 ± 2
Cu(II)-Lu 82 ± 1
Fe(III)-Lu 43 ± 1

L. Malacaria, C. La Torre, E. Furia et al. Journal of Molecular Liquids 345 (2022) 117895

9



tion of their known descriptors for Lu and their Al(III), Fe(III) and
Cu(II) complexes.

All the antioxidant measurements performed in the present
work are electron transfer based assays in particular the FRAP
assay is governed by SET, TEAC or ABTS assays involve both SET
and HAT, even if they are frequently classified as SET assays [54–
56], so the trend of the above mentioned antioxidant descriptors
collected in Table 10 can be helpful to better rationalize the exper-
imentally observed behavior that cannot be unequivocally
assigned to a particular mechanism but rather to a combinations
of several mechanisms depending also on the environment they
are conducted in. Likewise, the ABTS and DPPH methods although
based on the PA and IP, not always retain the same trend.

The antioxidant activity of flavonoids can be also related to the
change in the energetic state as a consequence of metal ion chela-
tion [56]. For this purpose, the frontier orbital energies EHOMO and
ELUMO and in particular their difference (DEH-L), reported in Fig. 6,
can be connected also with antioxidant activity. The higher the
HOMO energy the better the electron donor, as a consequence
the higher HOMO value present in copper system indicates the
best donor among the studied compounds, followed by aluminum,
iron and luteolin, in agreement with the IP trend. This means that
since the H-abstraction reaction involves the electron transfer, the
HOMO composition of the flavone allows to qualitatively indicate
the sites easily attacked by free radicals and other reactive
molecules.

Analyzing the H-L energy gaps, the electron promotion from
HOMO to LUMO is easier in Fe(III)-Lu followed by Al(III)-Lu and
Cu(II)-Lu than in the ligand.

On the basis of these results, it is noteworthy that the different
charge of the ions as in Fe(III) and Cu(II) can play also a role in the
different applied assays.

Moreover, the HAT mechanism represents the crucial reaction
mechanism in the antioxidant activity of several compounds and
metal complexes [42,57]. This does not mean that other reaction

mechanisms generating the same products as HAT must be
excluded by the scavenging activity but the present calculations
in conjunctions with the experimental measurements can concur
to discriminate among them.

3.3. Anti-inflammatory activity

Luteolin and the three luteolin-metal complexes were investi-
gated as potential anti-inflammatory agents by verifying their abil-
ity to suppress lipopolysaccharide (LPS used at 10 ng mL�1)
induced IL-6 secretion in primary adherent MDMs. The production
profile of IL-6 monitored with ELISA technique in conditioned
medium of human MDMs cultures after LPS treatment was exam-
ined. We found that the exposure of human MDMs to LPS led to an
increase of IL-6 production compared to control cultures. Treat-
ment of LPS primed MDMs with luteolin or luteolin-metal com-
plexes significantly reduced IL-6 production compared to LPS
stimulation with a remarkable effect in the case of Fe(III)-Lu
(14 ± 2 pg mL�1) exposed cultures (Fig. 9). IL-6 is a cytokine known
to promote the innate inflammatory response. Controlling its levels
is crucial for the treatment of several diseases; it is fundamental for
CAR T-cell therapy and for the current infection giving COVID-19
[58–60]. In vivo studies demonstrated that luteolin per se has the
capability to reduce IL-6 levels in both peripheral blood and dis-
crete brain areas after peripheral injection of LPS [32]. Here we
showed that chelation with metal ions significantly enhances its
ability.

Table 8
Trolox equivalents or TEAC of luteolin and its metal complexes.

Lu Al(III)-Lu Cu(II)-Lu Fe(III)-Lu
mg mL�1 TEABTS ± SD TEABTS ± SD TEABTS ± SD TEABTS ± SD

10 6.77 ± 0.05 0.15 ± 0.06 0.44 ± 0.07 1.12 ± 0.07
5 4.17 ± 0.02 0.05 ± 0.04 0.31 ± 0.07 0.56 ± 0.01
1 0.93 ± 0.02 0.04 ± 0.02 0.21 ± 0.01 0.13 ± 0.01
0.1 0 0 0.02 ± 0.04 0.07 ± 0.01

Table 9
FRAP assay of luteolin and its metal
complexes.

Samples Fe(III) (mmol g�1)

BHT 145.8 ± 0.1
Lu 500.5 ± 0.1
Al(III)-Lu 21.8 ± 0.2
Cu(II)-Lu 38.1 ± 0.1
Fe(III)-Lu 143.2 ± 0.1

Table 10
M05-2X/6–31 + G(d) bond dissociation enthalpies (BDE), proton dissociation enthalpies (PDE), proton affinities (PA), electron transfer enthalpies (ETE) and adiabatic ionization
potentials (IP) for the most stable complexes are reported in kcal/mol.

Species BDE PDE IP PA ETE*

Luteolin 403 513 158 521 139
Al(OH)2(H2O)2(H3Lu) (4–5) 403 517 154 532 139
[Fe(H2O)3(OH)(H3Lu)] (4–5) 404 517 155 656 140
Cu(OH)2(H2O)2(H3Lu) (4–5) 402 526 143 525 119

*Values obtained without considering the H(e-) that is the same in all of the cases.

LPS Lu Lu-Al(III) Lu-Cu(II) Lu-Fe(III)
0

20

40

60

80

100

120

Fig. 9. Effect of luteolin and its metal complexes at 10 mM on IL-6 release by human
macrophage. Data are presented as percentage of IL-6 release compared with IL-6
level of LPS alone treatment (100%). Bars represent the mean ± SD from three
independent experiments.
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4. Conclusions

The coordination properties of luteolin towards Al(III), Fe(III)
and Cu(II) in aqueous solution at 37 �C and in 0.16 M NaCl were
discussed. Speciation profiles from potentiometric titrations show
that a complexation occurs at 1:1 ligand-to-Al(III) ratio and at 1:1
and 2:1 ligand-to-Fe(III) and -Cu(II) ratios. The favorite coordina-
tion sites of luteolin, determined by a computational approach,
depend on the different metal ions. In particular, copper ion shows
no selective preference towards any of the complexation sites of
luteolin, while the six-membered chelate ring of the 4–5 site (i.e.,
the 4-carbonyl-5-hydroxyl site of the A and C rings of the ligand)
is the preferred one for aluminum and iron ions. On the contrary,
redox behavior of ligands in complexes depends on the presence
of hydroxy groups in their structure [61]. Metal-flavonoid com-
plexes have been reported to possess higher antioxidant against
free radicals than free flavonoid [62]. Among these reactions, the
chelation of iron is of particular interest since the binding of iron
improves the antioxidant activity of flavonoids [62]. Accordingly,
in this work we found that the complex with iron had a higher
activity than the other complexes (Fe(III)-Lu > Cu(II)-Lu > Al(III)-L
u), and its DPPH radical scavenging ability was even higher than
that of free luteolin. Chelation of luteolin leads to the formation
of complexes with enhanced anti-inflammatory properties. In fact,
all the complexes tested were found to significantly reduce LPS-
induced IL-6 levels in monocyte-derived macrophages with the fol-
lowing order: Fe(III)-Lu > Al(III)-Lu > Cu(II)-Lu > free Lu.
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a b s t r a c t

Here complexation of coumarin-3-carboxilic acid (HCCA) with Cr(III), Co(II), Ni(II), Cu(II) and Zn(II) at
37 �C and in 0.16 M NaClO4 is discussed. Speciation profiles obtained by potentiometric titrations show
that in aqueous solution a complexation occurs at a ligand-to-Cr(III), -Ni(II) and -Cu(II) ratio of 1:1, and at
a ligand-to-Co(II) and -Zn(II) ratio of 1:1, 2:1 and 3:1. For Co(II)-HCCA system also a polynuclear species is
formed (i.e., Co2(OH)(CCA)2

+). The coordination sites of HCCA to the different metal ions were determined
with the aid of UV–Vis, IR and X-ray diffraction. Solid state chemistry of HCCA was enriched of two new
X-ray resolved structures for cobalt and nickel metal cations, which are also reported and discussed. From
crystal packing analysis results the intricate motif of weak interactions that leads to a supramolecular
interesting arrangement, not yet disclosed and argued in the previous literature about coumarin-3-
carboxilic acid isostructural coordination compounds.

� 2021 Elsevier B.V. All rights reserved.

1. Introduction

Coumarin and its derivatives have attracted the interest of
researchers in consideration of their antibiotic, anticoagulant, anti-
cancer and anti-inflammatory properties [1–5]. The coordination
chemistry and biological activity of coumarin derivatives and some
metal cations have been reported in previous studies [6–12].
Among these, several coumarin-3-carboxylic acid-derived com-
plexes were synthesized, and bidentate coordination through the
lactone carbonylic oxygen and the deprotonated carboxylic oxygen
atoms has been proposed [13,14]. Coumarin-3-carboxilic acid
(HCCA, Fig. 1) ligand, when reacting with metals, can exhibit differ-
ent coordination modes [15–22]. It can acts as monodentate via
carboxylic moiety involving one or both oxygen atoms
[16,17,18], as well as bidentate ligand through the lactone and
the carboxylic oxygen to realize a high stabilized 6-membered
metallocycle [5,19–22]. Furthermore, simultaneous bidentate and
monodentate coordination mode by the free carbonyl oxygen has
been shown in presence of lanthanides [23]. Recently, gold
mononuclear complex [16] exhibiting biological activity and

ruthenium binuclear [18] have been synthesized to obtain
secondary building units (SBUs) for metal–organic fraimworks
(MOFs) design, exploiting CCA- as ligand. In 2001, attempts to
determine structure of copper(II) complex of HCCA, analyzing
spectroscopic data, suggested a binuclear structure [5]. Synthesis
was carried out using copper(II) chloride as the salt yielding a very
insoluble product. Ten years later, the slow solvent diffusion of
aqueous solutions of Cu(NO3)2�6H2O salt and HCCA afforded crys-
tals suitable to be analyzed by single crystal X-ray diffraction
(SCXRD). Its crystal structure unveiled a mononuclear complex in
which copper (II) cation binds two anions of CCA- in chelating coor-
dination mode. Two water molecules occupy the trans positions of
the Jahn-Teller elongated octahedral environment [19]. Overall
complexes of Ni(II), Co(II), Zn(II) and Mn(II) with HCCA have been
studied at experimental and theoretical levels. The complexes
were characterized by elemental analyses, FT-IR, 1H NMR, 13C
NMR and UV–Vis spectroscopy and by magnetic susceptibility
measurements [24]. For each one an arrangement isostructural to
the one previously reported for Cu(II) was suggested. However as
far as we know, only for Mn(II) [20] and Zn(II) [22] crystallographic
characterizations have been previously reported.

Recently, we have described the complexation of coumarin-3-
carboxylic acid with Al(III) and Fe(III), and with Nd(III) and uranyl,
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in aqueous solutions at 37 �C and in 0.16 M NaCl and NaClO4,
respectively, to evaluate the selectivity of this ligand towards
bioavailable metal cations [15,25,26]. With the same purpose,
herein we present a study on the complexation ability of HCCA
towards Cr(III), Co(II), Ni(II), Cu(II) and Zn(II) at 37 �C and in
0.16 M NaClO4, evaluating the stability constants of the complexes
by potentiometric measurements and the corresponding struc-
tures by UV–Vis and IR characterizations. Furthermore, the crystal
structures of two new Co(II) and Ni(II) coumarinic acid adducts
were solved by single-crystal X-ray diffraction for the first time.

2. Experimental section

2.1. Materials

The sodium hydroxide titrant solutions, the perchloric acid and
sodium perchlorate stock solutions were prepared and standard-
ized as previously described [27]. The chromium(III), cobalt(II),
nickel(II), copper(II) and zinc(II) perchlorate stock solutions were
prepared and standardized as reported previously [28–32]. HCCA
(Sigma, �99%), kept in a desiccator over silica gel, was used with-
out further purification. All solutions were freshly prepared with
bidistilled water.

2.2. Potentiometric and spectrophotometric measurements

The complex formation equilibria between investigated cations
[Cr(III), Co(II), Ni(II), Cu(II) and Zn(II)] and HCCA were studied by
performing potentiometric titrations with cell (G) and measuring
the competition of the ligand for the metal cations and H+ with a
glass electrode, GE, at 37 �C and in 0.16 M NaClO4.

This background salt was chosen to control the ionic strength
due to its high inertia towards complexation and was preferred
to NaCl, which it is not suitable for the metals investigated that
belong to the borderline category. Moreover, in the case of NaClO4

it is possible to prepare solutions with a high degree of purity.

RE=TestSolution=GE

where RE, reference electrode, = Ag / AgCl / 0.01 M NaCl / (0.16 –
0.01) M NaClO4 / 0.16 M NaClO4 and Test Solution = CM M M(ClO4)-
n, CA M HClO4, CB M NaOH, (0.16 – n CM – CA – CB) M NaClO4. The
metal (CM) and ligand (CL) concentrations were varied from 1.0 to
5.0 mM. The ligand-to-metal ratio was varied between 1 and 5.
The hydrogen ion concentration was varied from 10 mM (pH 2.0)
to incipient precipitation of a neutral salt, which takes place in
the range [H+] = 0.6–3�10-5 mM (pH 3.2–7.5) depending on the
specific metal ion and on the ligand-to-metal ratio. As an example,
some primary data for the Co(II)-HCCA system are reported in the
Supplementary Material (i.e., Table S1 and Fig. S1).

The glass electrode by Metrohm acquired, after the addition of
the reagents, a constant potential within 30–40 min which
remained unchanged within 0.1 mV.

The EMF of cell (G) can be written, in mV, at the temperature of
37 �C, as (1):

E ¼ E0 þ 61:54log½Hþ� þ Ej ð1Þ

where E0 is constant in each series of measurements and Ej, whose
value was taken from literature [25], is the liquid junction potential
which is a function of [H+] only. In the first part, E0 was determined
for each titration in the absence of ligand and metal cations. In par-
ticular, the acidity of test solution (i.e., 20 mL 0.16 M NaClO4) was
varied by adding 2.5 mL of 10 mM HClO4 titrant solution. In the
[H+] range 10-4 – 10-2 M constant values in the range from 310 to
350 mV, to within 0.1 mV, were calculated. In the second part the
acidity was decreased stepwise by adding NaOH standard solution
by using a manual burette. The titrant’s concentration was varied
from 5.0 to 25.0 mM and the final titrant volume from 10 to
50 mL, depending on the specific metal-to-ligand ratio investigated.
To avoid carbonate interference, a slow stream of nitrogen gas was
passed into the test solutions, stirred magnetically during titrations.
The cell assembly was placed in a thermostat kept at (37.0 ± 0.1) �C.

Spectrophotometric measurements were carried out with a
Varian Cary 50 Scan UV Visible Spectrophotometer by measuring
the absorbance values, Ak, (to 0.001 units) between 200 and
550 nm each 1 nm. Matched quartz cells of thickness 1 cm were
employed. The temperature of the cell holder was maintained at
(37.0 ± 0.3) �C by a Grant circulating water bath. The acquisition
of data and the formulations of the parameters were managed with
the aid of a computer connected to the instrument.

2.3. Synthesis

2.3.1. Co(CCA)2(H2O)2 (1)
The reaction of an aqueous solution of Co(ClO4)2�6(H2O)

(0.0182 g, 0.05 mmol) added to an ethanolic solution of HCCA
(0.0190 g, 0.1 mmol), under magnetic stirring, leads to a final light
orange solution. After a week for slow evaporation at room tem-
perature were obtained cubic light orange crystals adapt for SCXRD
(Single Crystal X-Ray Diffraction). Yield: 77%; Anal. calc. (%) for C20-
H14CoO10 (473.24): C, 50.76; H, 2.98; O, 33.81; found: C, 50.26; H,
2.38; O, 33.92.

2.3.2. Ni(CCA)2(H2O)2 (2)
Similarly, to the previous synthesis, an aqueous solution of Ni

(ClO4)2�6(H2O) (0.0182 g, 0.05 mmol) reacts with HCCA in ethanol
(0.0190 g, 0.1 mmol), under magnetic stirring, to give a pale green
solution. Cubic light green crystals suitable for SCXRD characteri-
zation were grown in a month after a process of slow evaporation
at room temperature. Yield: 78%; Anal. calc. (%) for C20H14NiO10

(473.02): C, 50.78; H, 2.98; O, 33.82; found: C, 50.12; H, 3.20; O,
31.82.

2.4. Single-Crystal X-ray diffraction

A Crystal of 1 and 2 was selected and mounted on a MITIGEN
holder in Paratone oil. Diffraction data were collected at room tem-
perature on a Bruker-Nonius X8APEXII CCD area detector diffrac-
tometer using graphite-monochromated Mo-Ka radiation (k = 0.
71073 Å). The data were processed through the SAINT [33] reduc-
tion and SADABS [34] multi-scan absorption software. The struc-
ture was solved with the SHELXT [35] structure solution
program, using the direct method. The model was refined with ver-
sion 2018/3 of SHELXL against F2 on all data by full-matrix least
squares [36].

All non-hydrogen atoms were refined anisotropically, the
hydrogen atoms of the ligand were set in calculated positions

Fig. 1. Chemical structure of HCCA.
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and refined as riding atoms. Water hydrogen atoms in 1 and 2were
assigned and refined with restrained distances.

A summary of the crystallographic data and structure refine-
ment for crystal structure is given in Table 1. Cambridge Crystallo-
graphic Data Centre (CCDC) reference numbers are 2,015,450 and
2,015,451 for 1 and 2, respectively.

The final geometrical calculations on free voids and the graph-
ical manipulations were carried out with PLATON [36] imple-
mented in WinGX [37] and CRYSTAL MAKER [38] programs,
respectively.

3. Results and discussion

3.1. Chelating properties of HCCA and stability of formed complexes

The experimental data were explained according to the follow-
ing general equilibrium (eq. (2)):

pMðnþÞ þ qOH� þ rCCA�¢MpðOHÞqðCCAÞðnp�q�rÞ
r bpqr ð2Þ

The most probable p, q and r values and the corresponding con-
stants bpqr were obtained by a least square fitting of the potentio-
metric data [39]. This computer program has been developed to
determine formation constants of species in solution equilibria
from data obtained by potentiometric titration, in particular, by
minimization of an error-square sum based on measured electrode
potentials. There exists a model of the equilibrium system, which
adequately accounts for the experimental observations. The model
is specified by a set of coefficients, one for each species formed, and
all least-squares refinements are performed in terms of an
assumed model. Examination of a sequence of models should yield
that best which is not significantly different from that true. Choice
of the best model is known as species selection.

Hydrolysis equilibria of Cr(III) were also studied according to a
method already reported [40], as they were unknown under our

experimental conditions from literature, and were kept invariant
in the numerical evaluation of the stability constants. The equilib-
rium constants Kp,q, where p and q are the stoichiometric coeffi-
cients for the metal species and protons, respectively, for the
formation of Cr(OH)2+, Cr(OH)2+ and Cr3(OH)45+ (Eqs. (3)–(5)) were
reported with the corresponding standard deviations (3r).

Cr3þ þ H2O¢CrðOHÞ2þ þ Hþ logK1�1

¼ �4:19� 0:06 ð3Þ

Cr3þ þ 2H2O¢CrðOHÞþ2 þ 2Hþ logK1�2 ¼ �9:6� 0:2 ð4Þ

3Cr3þ þ 4H2O¢Cr3ðOHÞ5þ4 þ 4Hþ logK3�4

¼ �11:0� 0:3 ð5Þ
The constants of the predominant hydrolysis products of the Co

(II), Ni(II), Cu(II) and Zn(II) cations under our experimental condi-
tions were taken from the literature [41–44] and were kept also
invariant, as well as the acidic constant of the ligand, determined
in a previous work [15]. The stability constants of a chosen ternary
species (p,q,r) were allowed to vary systematically to seek the best
data fitting. Results obtained for the metal ions–HCCA systems are
reported in Table 2. As can be seen, the sequestering ability of HCCA
towards the Cu(II) cation is comparable with that of Cr(III), and
stronger than that towards the other metal cations. This behavior
was unexpected by considering the different nature of the metal
cations; chromium belongs to the hard metal groups with higher
affinity with oxygen donor ligands, while copper is a borderline
metal, and it is expected to form more stable complexes with bor-
derline ligands. However, this tendency has been already revealed
in a previous work [15] in which was highlighted that HCCA forms
more stable complexes with Al(III) ion respect to Fe(III).

In the numerical evaluation for the chromium–, nickel– and
copper–HCCA systems, we have tried to explain experimental data
with one complex; the best minimum was obtained with the Cr
(OH)2(CCA), Ni(OH)2(CCA)- and Cu(OH)2(CCA)- species, respec-
tively. The square error sum U decreased by taking into account
also Cr(OH)(CCA)+, Ni(OH)(CCA) and Cu(OH)3(CCA)2- species. No
other complexes, introduced to improve the fit, were retained for
these systems. The distribution diagrams reported in Fig. 2 a-c
show that all the complexes reach significant percentages and start
to form in acidic pH range.

Regarding the cobalt– and zinc–HCCA systems we have tried to
explain theexperimentaldatawitha twocomplexesmodel. Thebest
fit was achieved with the species Co(CCA)3- and Co2(OH)(CCA)2+, and
Zn(CCA)+ and Zn(CCA)3- , respectively. A significant improve to the fit
was obtained by considering the presence of theM(OH)(CCA) andM

Table 1
Crystallographic data for compound 1 and 2.

1 2

CCDC 2,015,450 2,015,451
Formula C20H14CoO10 C20H14NiO10

Fw / g mol-1 473.24 473.02
Crystal system Triclinic Triclinic
Space group P-1 P-1
a/Å 6.6343(4) 6.6973(7)
b/Å 6.8527(4) 6.9594(7)
c/Å 10.4094(6) 10.4750(11)
a/� 85.253(4) 85.928(6)
b/� 89.491(4) 88.973(6)
c/� 66.118(3) 65.388(5)
V/Ǻ3 431.08(4) 442.72(8)
Z 2 2
Dc/g cm -3 1.823 1.774
T/K 296(2) 296(2)
l/mm�1 1.061 1.160
F(000) 241 242
Reflec. Collected26.278�. Reflec.

Collected
7010 7638

Indep. Reflections [R(int)] 1747 1796
Data/restraints/ parameters 1747 /3 / 148 1796 / 2 / 150
Goodness-of-fit (Goof)c 1.112 1.071
Final R indices a,b [I > 2r(I)] R1 = 0.0349

wR2 = 0.0876
R1 = 0.03457
wR2 = 0.0776

R indices (all data) R1 = 0.0430
wR2 = 0.0920

R1 = 0.0453
wR2 = 0.0824

Largest diff. peak/hole, Å-3 0.614/-0.401 0.367/-0.483

a R1 =
P

||Fo| – |Fc||/
P

|Fo|.
b wR2 = {

P
w(Fo2 – Fc

2)2/
P

[w(Fo2)2}1/2 and w = 1/[r 2(Fo)2 + (mP)2 + nP] with P =
(Fo2 + 2Fc2)/3.

Table 2
Survey of the log b, according to eq.(2), for Cr(III)–, Co(II)–, Ni(II)–, Cu(II)– and Zn(II) –
HCCA complexes. The uncertainties represent 3 r.

Mn+ Species log bp,q,r ± 3r

Cr(III) Cr(OH)(CCA)+

Cr(OH)2(CCA)
15.1 ± 0.9
26.5 ± 0.2

Co(II) Co(OH)(CCA)|
Co(OH)(CCA)2-

Co(CCA)3-

Co2(OH)(CCA)2+

9.8 ± 0.3
12.44 ± 0.03
8.2 ± 0.2
16.59 ± 0.02

Ni(II) Ni(OH)(CCA) 8.46 ± 0.02
Ni(OH)2(CCA)- 15.13 ± 0.02

Cu(II) Cu(OH)2(CCA)- 24.28 ± 0.06
Cu(OH)3(CCA)2- 34.08 ± 0.09

Zn(II) Zn(CCA)+

Zn(HCCA)(CCA)+

Zn(CCA)3-

Zn(OH)(CCA)
Zn(OH)(CCA)2-

5.2 ± 0.2
9.1 ± 0.3
10.31 ± 0.09
11.8 ± 0.2
14.4 ± 0.2
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(OH)(CCA)2- species, for both systems. No other complexes intro-
duced to improve thefitwere retained forCo(II)-HCCAsystem,while
for Zn(II)-HCCA the best agreement with the experimental data was
obtained by considering also the presence of Zn(HCCA)CCA+ species.
In the distribution diagrams reported in Fig. 3 a–c the percentage of
Co(II) andZn(II) on the complexeswithHCCA versuspHare depicted.

Considering the different existence regions of the various zinc com-
plexes, it was necessary to report two different concentration ratios
(i.e., Fig. 3b and 3c).

As can be seen in the Figs. 2 and 3, none of the metal hydrolytic
species reaches significant percentages. The formation of the com-
plexes between Co(II)-HCCA is relevant from pH 3.0, while for Ni
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Fig. 2. Distribution diagrams in the presence of HCCA of: a) Cr(III) (CM = 1.0 mM and CL = 5.0 mM); b) Ni(II) (CM = 0.1 mM and CL = 1.0 mM) and c) Cu(II) (CM = 0.1 mM and
CL = 1.0 mM).
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CL = 5.0 mM).
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(II)- and Zn(II)-HCCA from pH 2.5. For Cr(III)- and Cu(II)-HCCA sys-
tems the formation of the complexes is relevant from pH 2.0, high-
lighting the different nature of these metal ions which form high
stability species with the ligand, as evident from results reported
in Table 2. Co(CCA)3- and Ni(OH)CCA have similar stability constant
values and reach high concentrations in a more acidic pH range;
similarly, Cr(OH)2(CCA) and Cu(OH)2(CCA)- have comparable sta-
bility and reach high percentages at a pH range between 3 and
3.5. Co2(OH)(CCA)2+, Ni(OH)2CCA-, Cu(OH)3(CCA)2- and Zn(CCA)3-

complexes are predominant at less acidic pH values (i.e., pH > 6).
The other Zn(II)-HCCA species are distributed in a wide pH range,
between 2.5 and 6.5, depending on the specific ligand to metal
ratio considered.

Information about structural features and binding modes were
obtained from UV–Vis, IR and crystallographic characterizations.

3.2. UV–Vis and IR characterization

In order to verify the effective formation of the complexes and to
obtain useful insight on the coordination properties, all solutions
and solids gained at the end of each titration were analyzed by
UV–Vis spectroscopy, and the solids by IR spectroscopy too. The
UV–Vis spectrum of HCCA shows two distinctive absorption bands,
one peaked at 291nm (band I) and a broader one at 342nm (band II).
These bands correspond to two p-p* transitions, from a HOMO-1 –
LUMO (band I) and from a HOMO – LUMO (band II) [15,24]. The
UV–Vis spectra of the complexes (Fig. 4) can be separated into two
groups based on the differences with respect to that of the free
ligand: Co(II)/Zn(II) and Cr(III)/Ni(II)/Cu(II). It is clear from Fig. 4,
and from the deconvolution analysis reported in the Supplementary
Material (i.e., Fig. S2), that the overall effect caused by the metal
complexation is a relatively modest blue spectral shift (up to

16 nm), more evident for Co(II) and Zn(II) where, both bands I and
II, shift at lower wavelengths (Table 3). This effect is less marked
for the other three metals, where the blue shift occurs mainly on
the band II. Table 3 reports also the area percentage of each absorp-
tionband, highlighting that the relative contributionof the band II to
the overall spectrum increases slightly in all the complexes with
respect to the free ligand. According to previous reports [15], the
band at 330 nm (band II) of the complexes may be attributed to
either ligand-to-mixed metal/ligand charge transfer transitions or
tometal-to-ligand charge transfer transitions, which occur at lower
wavelengthwith respect to the vertical excitation energy of the first
excited state 1Aꞌ(pp*) of the free ligand.While, the band at 290 nm
mainly arises from intraligand charge transfer contribution, almost
similar to the vertical excitation energy of the second excited state
1Aꞌ(pp*) of the free ligand [24].

For Co(II), Ni(II), Cu(II) and Zn(II) a solid was also obtained dur-
ing titration (Fig. 5). The deconvolution analysis of the absorption
spectra of these compounds (Fig. S3) shows a general slight
decrease of the peak wavelength, especially of the band II, com-
pared to the free ligand (Table 3). However, the appearance of a
new broad band in the range 375–475 nm can be observed for
the complexes with Co and Cr, while a strong absorption band at
238 nm is found for the Ni-HCCA complex (Fig. S3). The latter
may be interpreted as a significant red shift of the strong p-p* tran-
sition characteristic of HCCA in the UV range, which is only par-
tially displayed in Fig. 5b.

The solid compounds obtained during the titrations were also
analyzed by FT-IR spectroscopy. The vibrational analysis of HCCA
and metals-HCCA complexes is very useful for the assignment of
the ligand structural changes upon complexation. All the IR data
and assignments for HCCA and the M(II)-HCCA (M = Co, Cu, Ni,
Zn) complexes are reported in Table 4. The IR spectra are reported

Fig. 4. UV–Vis spectra of the free ligand (HCCA) and of the solutions: (a) Co-HCCA and Zn-HCCA; (b) Cr-HCCA, Ni-HCCA and Cu-HCCA.

Table 3
Relative contribution of each absorption band to the overall absorption spectrum of HCCA and of the complexes, calculated by spectral deconvolution.

Area % (k nm)

UV Band Band I Band II Band III R2 Χ2 (/10-4)

Solution HCCA 89 (291) 12 (342) 0.9821 20
Co-HCCA 73 (281) 27 (326) 0.9906 13
Cr-HCCA 76 (293) 24 (333) 0.999 22
Ni-HCCA 82 (291) 17 (332) 0.9923 0.9
Cu-HCCA 78 (291) 22 (331) 0.998 0.7
Zn-HCCA 75 (287) 25 (329) 0.9982 2

Solid Co-HCCA 62 (285) 28 (335) 10 (416) 0.9976 1
Ni-HCCA 50 (238) 36 (290) 14 (335) 0.9954 0.02
Cu-HCCA 84 (291) 16 (341) 0.9884 2
Zn-HCCA 72 (290) 28 (334) 0.9974 0.7
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in Fig. 6, where the two spectral regions, in which significant differ-
ences between the complexes and the free ligand were observed,
are highlighted by vertical red lines. The strong IR bands observed
in all the complexes, in the range 3150–3550 cm�1, were assigned
to the m(OH) stretching vibration of the hydroxyl groups belonging
to the coordination sphere of the metal ion. The most important

and distinctive changes in the IR spectra were detected on the car-
bonyl stretching vibration m(C1O2)carbonyl, on the in-plane m(COH)ip
bending vibration of the acid group and on the stretching vibration
of the C-O bond relative to carboxylic acid group (Table 4). In con-
trast, no significant changes were observed on the C = O stretching
vibration of the carboxyl double bond. All these features strongly

Fig. 5. UV–Vis spectra of the solids: (a) Co-HCCA; (b) Ni-HCCA; (c) Cu-HCCA; (d) Zn-HCCA with respect to that of the free ligand (HCCA).

Table 4
IR frequencies (cm�1) and band assignment of HCCA and metals-HCCA complexes.

Vibration Frequencies (cm�1)

HCCA Co-HCCA Cu-HCCA Ni-HCCA Zn-HCCA

m(OH) / 3356
3217

3179 3410 3564

m(C3O4)carbonyl 1744 1743 1744 1744 1744
m(C1O2)carbonyl 1682 1666 1690 1677 1681
m(C = C) 1612 1612 1612 1612 1612
m(COH)ip 1419 1419

1396
1419
1396

1419
1396

1419

d(CCH)ip 1374 1373 1373 1373
1350

1373

m(CO1) 1227 these bands changes and there
are many new bands:
1188
1141
1141
1087

these bands changes and there
are many new bands:
1180
1149
1118
1087

these bands changes and there
are many new bands:
1165
1141
1118
1087

these bands changes and there
are many new bands:
1144
1114
1087

m(C3O3) 1203
d(CCH)ip 1042

ringip 833 833 833 833 833
d(COH)op 802 802 802 802 802
d(CCC)ip 648 624 640

624
648 640

624
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indicate that the complexation between the HCCA ligand and the
investigated metal ions occurs by chelation through the involve-
ment of the carbonyl group of the lactone and the hydroxyl of
the acidic group. A strong support to this hypothesis comes from
the single crystal X-ray diffraction characterization of that com-
plexes which we were able to isolate as single crystals, i.e., Co
(CCA)2(H2O)2 and Ni(CCA)2(H2O)2.

3.3. Single crystal X-ray diffraction characterization

Compound 1 of formula Co(CCA)2(H2O)2 and compound 2 of
formula Ni(CCA)2(H2O)2 crystallize in P-1 space group of the tri-
clinic system. These compounds are isostructural and consist of a
metal ion M(II) residing in a distorted octahedral geometry, bond
to two CCA- ligands and two water molecules in trans conforma-
tion (Fig. 7).

Molecular moiety is reproduced by inversion symmetry opera-
tion on the central atom of the crystallographic asymmetric unit.
Coordination environment for compound 1 is denoted by cobalt

oxygen distances of 2.143(2) and 2.025(2) Å for Co-O2 and Co-
O3, respectively. Water molecules reside at a bond distance for
Co-O1w of 2.101(2) Å. For compound 2, nickel oxygen distances
are 2.322(2) Å for Ni-O2 and 1.926(2) Å for Ni-O3 with the coordi-
nated water molecule at a distance of 2.001(2) Å. A very robust
packing is built by means p���p stacking (Figs. 8-9) and H-bond
interactions (Fig. 10). Each molecular unit takes part in six H-
bonds, involving water molecules as H-donor and carbonyl oxygen
as H-acceptor. Water molecules build strong intermolecular inter-
actions with oxygen atoms of the carboxylic moiety of two mole-
cules related by symmetry [O���O distances of 2.702(3) Å and
2.752(3)] (Table 5). Furthermore, the carboxylic group interacts
with four adjacent units [O4. . .H(2wa) and O4. . .H(1wb); symmetry
codes a = -x + 1, -y + 1, -z + 1 and b = x-1, y, z] yielding a pretty
hydrogen bonded cluster.

Additional p stacking interactions, contribute to stabilize the
supramolecular network establishing chains developing along b
crystallographic axes. The mean centroid�centroid distance is of
3.66 Å (Figs. 8-9).

4000 3500 3000 2500 2000 1500 1000 500

 HCCA

 Co-HCCA

 Cu-HCCA

 Ni-HCCA

Wavenumber (cm-1)

 Zn-HCCA

Fig. 6. FT-IR spectra of HCCA and metals-HCCA complexes.

Fig. 7. Crystal structure of M(CCA)2(H2O)2 with M = Co(II) (1) and Ni(II) (2).

Fig. 8. Perspective view of adjacent mononuclear complexes along a crystallo-
graphic axis, perfectly interacting via p���p interactions.

Fig. 9. Representative figure of p stacking interactions between two symmetry
related molecules, generated by translation. Perspective view down b crystallo-
graphic axis.

Fig. 10. Perspective view along c axis of the 3D supramolecular structure.
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4. Conclusion

In this work the formation of the Cr(III), Co(II), Ni(II), Cu(II) and
Zn(II) complexes with coumarin-3-carboxilic acid in aqueous med-
ium for the first time was investigated. From our results the follow-
ing conclusions can be drawn: in the considered pH range, only 1:1
stoichiometric ratio species between ligand and Cr(III), Ni(II) and
Cu(II) in aqueous medium are possible, while Co(II) and Zn(II) form
complexes with stoichiometry 1:1, 1:2 and 1:3 with HCCA. For Co
(II)-HCCA system also a polynuclear species is formed (i.e., Co2(OH)
(CCA)2+). The stability of Cu(II) species is significantly higher than
that of Co(II), Ni(II) and Zn(II) complexes, and it is comparable to
that of hard metal cations as Cr(III), Al(III) and Fe(III) [15]. This
behavior was unexpected by considering the borderline nature of
copper(II) and the hardness of the ligand. The complexation
between HCCA and the investigated metal ions occurs by chelation
through the carbonyl group of the lactone and the hydroxyl of the
acidic group. This hypothesis, based on results obtained from UV–
Vis and IR characterization, was supported by the single crystal X-
ray diffraction analysis of very stable mononuclear structures for
Co(II) and Ni(II) with the CCA- anionic moiety acting as chelating
ligand. Solid state chemistry of coumarin-3-carboxilic acid was
enriched of two new X-ray resolved structures of cobalt and nickel
metal ions. Crystal packing, for both, unveils an extended
supramolecular network of synergistic H-bond and p stacking
interactions.
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Table S1. Some primary data for Co(II)-HCCA system. 

 
VT, mL 

5.01 mM OH- 

E, mV CL, mM CM, mM [H+], mM CH, mM pH ([H+]- CH)/ CL 

0 168.59 0.001197 0.00117 0.001545193 0.00109234 2.811017 0.38 

0.6 166.16 0.001167 0.001141 0.0014109 0.000940415 2.850504 0.40 

1.1 164 0.001143 0.001118 0.001301359 0.000819472 2.885603 0.42 

1.55 162 0.001123 0.001098 0.00120753 0.00071475 2.918102 0.44 

2.1 159.52 0.001098 0.001074 0.001100523 0.000591758 2.958401 0.46 

2.7 156.64 0.001073 0.00105 0.000988098 0.000463473 3.0052 0.49 

3.3 153.58 0.001049 0.001026 0.000881204 0.000340933 3.054924 0.51 

3.8 150.99 0.00103 0.001007 0.000799816 0.00024293 3.09701 0.54 

4.4 147.71 0.001008 0.000986 0.000707443 0.000129964 3.150309 0.57 

4.9 144.8 0.00099 0.000968 0.000634461 3.94718E-05 3.197595 0.60 

5.4 141.67 0.000973 0.000952 0.000564344 -4.78893E-05 3.248456 0.63 

5.8 138.88 0.00096 0.000939 0.000508402 -0.000115631 3.293793 0.65 

6.25 135.65 0.000945 0.000924 0.000450527 -0.000189664 3.346279 0.68 

6.6 132.98 0.000934 0.000914 0.000407694 -0.000245714 3.389665 0.70 

7 129.5 0.000922 0.000902 0.00035792 -0.000308197 3.446214 0.72 

7.35 126.21 0.000912 0.000891 0.000316464 -0.00036154 3.499675 0.74 

7.65 123.46 0.000903 0.000883 0.000285521 -0.000406308 3.544361 0.77 

8 119.82 0.000893 0.000873 0.000249167 -0.00045746 3.60351 0.79 

8.3 116.21 0.000884 0.000865 0.000217685 -0.000500409 3.662171 0.81 

8.55 112.75 0.000877 0.000858 0.000191252 -0.000535585 3.718395 0.83 

8.8 109.27 0.000871 0.000851 0.000167902 -0.000570217 3.774943 0.85 

9 106.08 0.000865 0.000846 0.000149012 -0.000597538 3.826779 0.86 

9.2 102.74 0.00086 0.000841 0.000131506 -0.000624526 3.881053 0.88 

9.4 98.89 0.000855 0.000836 0.000113864 -0.000651185 3.943614 0.90 

9.55 95.68 0.000851 0.000832 0.000100978 -0.000670968 3.995775 0.91 

9.7 92.21 0.000847 0.000828 8.86827E-05 -0.000690572 4.052161 0.92 

9.85 88.15 0.000843 0.000825 7.61843E-05 -0.00071 4.118135 0.93 

10 83.54 0.000839 0.000821 6.41143E-05 -0.000729254 4.193045 0.95 

10.15 78.76 0.000836 0.000817 5.36144E-05 -0.000748336 4.270718 0.96 

10.25 75.33 0.000833 0.000815 4.71569E-05 -0.000760963 4.326454 0.97 

10.35 71.13 0.000831 0.000812 4.02993E-05 -0.000773516 4.394703 0.98 

10.4 68.97 0.000829 0.000811 3.71705E-05 -0.000779764 4.429802 0.98 



S3 

 

10.5 64.01 0.000827 0.000809 3.08745E-05 -0.000792206 4.5104 1.00 

10.55 61.48 0.000826 0.000808 2.80859E-05 -0.000798399 4.551511 1.00 

10.6 58.49 0.000825 0.000806 2.51132E-05 -0.000804575 4.600097 1.01 

10.65 55.37 0.000823 0.000805 2.23462E-05 -0.000810732 4.650796 1.01 

10.7 52.15 0.000822 0.000804 1.98098E-05 -0.000816871 4.70312 1.02 

10.75 48.53 0.000821 0.000803 1.73004E-05 -0.000822993 4.761943 1.02 

10.8 44.67 0.00082 0.000802 1.49738E-05 -0.000829096 4.824667 1.03 

10.85 40.38 0.000819 0.000801 1.27533E-05 -0.000835182 4.894378 1.04 

10.9 35.87 0.000817 0.000799 1.0773E-05 -0.00084125 4.967663 1.04 

10.95 31.4 0.000816 0.000798 9.11383E-06 -0.0008473 5.040299 1.05 

11 26.55 0.000815 0.000797 7.60135E-06 -0.000853333 5.11911 1.06 

11.05 22.01 0.000814 0.000796 6.41383E-06 -0.000859349 5.192883 1.06 

11.15 8.71 0.000812 0.000794 3.8994E-06 -0.000871328 5.409002 1.08 

11.2 2.97 0.00081 0.000793 3.14576E-06 -0.000877291 5.502275 1.09 

 

VT, mL 

20.5 mM OH- 

E, mV CL, mM CM, mM [H+], mM CH, mM pH ([H+]- CH)/ CL 

2.1 168.54 0.0037625 0.001074219 0.001014699 -0.000678945 2.993662658 0.45 

2.5 165.48 0.003704615 0.001057692 0.000904927 -0.000984038 3.043386415 0.51 

2.85 161.92 0.003655408 0.001043643 0.000792073 -0.001243397 3.101234969 0.56 

3.15 159.31 0.003614259 0.001031895 0.000718379 -0.001460281 3.143646409 0.60 

3.5 154.73 0.003567407 0.001018519 0.000605244 -0.001707222 3.218069548 0.65 

3.75 151.04 0.003534679 0.001009174 0.000527193 -0.001879725 3.278030549 0.68 

4.15 147.72 0.003483544 0.000994575 0.000465608 -0.002149241 3.331979201 0.75 

4.35 144.25 0.003458528 0.000987433 0.000408917 -0.002281095 3.388365291 0.78 

4.5 141.33 0.00344 0.000982143 0.000366594 -0.00237875 3.435814105 0.80 

4.65 138.03 0.00342167 0.000976909 0.000324013 -0.002475364 3.489437764 0.82 

4.8 134.4 0.003403534 0.000971731 0.000282863 -0.002570954 3.548423789 0.84 

4.95 130.44 0.003385589 0.000966608 0.000243909 -0.002665536 3.612772181 0.86 

5.1 125.62 0.003367832 0.000961538 0.00020366 -0.002759126 3.691095223 0.88 

5.25 121.26 0.003350261 0.000956522 0.000173004 -0.002851739 3.761943451 0.90 

5.45 112.7 0.003327116 0.000949914 0.000125591 -0.002973731 3.901039974 0.93 

5.55 107.43 0.003315663 0.000946644 0.000103116 -0.003034096 3.986675333 0.95 

5.6 104.46 0.003309966 0.000945017 9.22706E-05 -0.003064124 4.034936627 0.95 

5.65 100.81 0.003304288 0.000943396 8.04919E-05 -0.003094048 4.094247644 0.96 

5.7 95.76 0.00329863 0.000941781 6.66334E-05 -0.00312387 4.176308092 0.97 
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5.75 91.32 0.003292991 0.000940171 5.64344E-05 -0.00315359 4.248456289 0.97 

5.8 86.16 0.003287372 0.000938567 4.6526E-05 -0.003183208 4.332304192 0.98 

5.85 81.81 0.003281772 0.000936968 3.95376E-05 -0.003212726 4.402989925 0.99 

5.9 76.22 0.00327619 0.000935374 3.20756E-05 -0.003242143 4.493825154 1.00 

5.95 62.03 0.003270628 0.000933786 1.88622E-05 -0.00327146 4.72440689 1.01 

6 51.3 0.003265085 0.000932203 1.26251E-05 -0.003300678 4.898765031 1.01 

6.05 39.31 0.00325956 0.000930626 8.06125E-06 -0.003329797 5.09359766 1.02 

6.1 29.72 0.003254054 0.000929054 5.63078E-06 -0.003358818 5.249431264 1.03 

6.15 19.27 0.003248567 0.000927487 3.80856E-06 -0.00338774 5.419239519 1.04 

6.2 8.71 0.003243098 0.000925926 2.56546E-06 -0.003416566 5.590835229 1.05 

6.25 -3.21 0.003237647 0.00092437 1.64236E-06 -0.003445294 5.784530387 1.06 

6.3 -17.72 0.003232215 0.000922819 9.54307E-07 -0.003473926 6.020311992 1.08 

6.35 -36.05 0.003226801 0.000921273 4.80654E-07 -0.003502462 6.318167046 1.09 
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Fig. S1. Average number of protons released by the ligand vs pH. 
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Fig. S2. Deconvolution of UV-Vis spectra of the (a) free ligand (HCCA) and of the complexes (b) Co-

HCCA, (c) Zn-HCCA, (d) Cr-HCCA, (e) Ni-HCCA and (f) Cu-HCCA.  
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Fig. S3. Deconvolution of UV-Vis spectra of the solid compounds obtained during titration (a) Co-

HCCA, (b) Ni-HCCA (c) Cu-HCCA and (d) Zn-HCCA.  
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a b s t r a c t

In this study, the ability of L-ascorbic acid to form complexes with Fe3+ and Cu2+ ions was investigated by
using a combination of potentiometric measurements and DFT computations with the aim to recognize
the coordination modes of the ligand and the most reliable complexes. Speciation profiles obtained by
potentiometric titrations in aqueous solution (i.e., 0.16 M NaCl), and supported by UV–Vis data, show that
a complexation occurs at 1:1 and 1:2 Fe(III)-to-ligand ratios and at 1:1, 1:2 and 1:3 Cu(II)-to-ligand ratios.
The most plausible structures were firstly hypothesized by considering a general equilibrium that consid-
ers the effective ligands which enter in the coordination sphere of the metal ions: the anionic forms of
ascorbic acid and hydroxide ion. Computational tools were, thus, exploited to ascertain the feasibility
of the hypothesized complexes formation.

� 2022 Elsevier B.V. All rights reserved.

1. Introduction

Antioxidants are substances that protect the body from destruc-
tive oxidation reactions by interacting with free radicals and other
reactive oxygen species within the body. Among them, L-ascorbic
acid (vitamin C, H2Asc, Scheme 1) is an extremely interesting mole-
cule that possesses many important biochemical properties.

It is a water-soluble antioxidant that exists in pure form as a
white crystalline solid and it is found naturally in a wide variety
of plants and animals [1,2]. It has also been associated with the
prevention of many degenerative diseases [2]. Vitamin C is the
term frequently used to refer to L-ascorbic acid in a nutritional con-
text, and it also encloses the oxidation product, the dehydroascor-
bic acid, which has similar activity in vivo to the parent compound
[3]. The L-ascorbic acid has a high reactivity that makes the storage
in the liquid and solid phases difficult due to the presence in its
structure of an ene-diol group that boosts a high biological activity
and powerful reducing properties. In aqueous environments, it
exists as an acid that is easily deprotonated to ascorbate anion. L-
Ascorbic acid is essential to man and, such as other vitamins, is
not produced by the human body; thus, the only source is from
diet. A fundamental characteristic of the L-ascorbic acid chemistry

is its redox behavior, and much of the loss of vitamin C from foods
and drinks seems to be due to the oxidation process by dioxygen.
Thus, the degradation of ascorbic acid is related to juice flavor
and color changes [4]. When stored, this substance is very unstable
against moisture, air oxygen, light, heat, metal ions and can be
easily transformed into biologically inactive or harmful products
[5]. In particular, the oxidizing mechanisms of ascorbic acid in
aqueous solutions are known to involve its partially dissociated
forms [6–9].

Particularly interesting in the context of transition metal chem-
istry is the ability of L-ascorbic acid to form chelate complexes with
transition metal ions. The structures of these complexes, deduced
from spectroscopic studies, reveal that a five-membered ring with
the ene-diol part of the molecule can be formed [1]. Many studies
of equilibria occurring between ascorbate and metal ions [10] were
reported and most of them have involved spectroscopic, potentio-
metric and kinetic measurements. The stabilities of metal ion com-
plexes with ascorbic acid and ascorbate anions are in general lower
than might were expected. The combination of problems associ-
ated with rapid redox reactions, hydrolysis and precipitation of
metal ions, very likely, explains why only few studies of complex
formation with ascorbate at pH higher than 7 were performed
[11–19].

In a previous work we have investigated the formation of Al3+

and Ni2+�L-ascorbic acid complexes in aqueous solution by using
a combination of experimental and computational tools [20]. The
metal-to-ligand ratios obtained by a potentiometric approach were
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theoretically examined to obtain the most plausible structures of
the proposed species. DFT computational exploration indicated
that the preferred complexation sites of L-ascorbic acid are the
deprotonated donor oxy-groups at C2 and C3 (see Scheme 1). In
this framework, the present experimental and computational
investigation aims at determining the stoichiometry and the corre-
sponding stability of the complexes formed by Fe3+ and Cu2+ ions
with L-ascorbic acid at 37 �C in aqueous media (i.e., 0.16 M NaCl)
and their structural properties. This background salt was chosen
to control the ionic strength as it is possible to prepare solutions
with a high degree of purity and due to its high inertia towards
complexation with the investigated metals.

Some works reported computational exploration of Cu2+ and
Fe3+ complexes formations with some advanced glycation end
products (AGEs) inhibitors, including ascorbic acid [21–23]. How-
ever, such investigations were based exclusively on the acid-base
properties of the ligands at physiological pH (mono-anionic HAsc-

as the most abundant species of H2Asc) and on the most probable
structural arrangements around the metal centers (square-planar
and octahedral for Cu2+ and Fe3+, respectively). No influences of
the metal nature on the behavior of the ligand were explicitly
taken into consideration. Accordingly, in searching for complexes
with 1:2 and 1:3 metal to ligand stoichiometric ratios for Cu2+

and Fe3+, respectively, the most stable complexes were found to
be square-planar and octahedral with two and three ascorbate
ligands coordinated in an g2 fashion, respectively [22,23]. The
monoanion HAsc- was, thus, considered as a bidentate ligand that
coordinates to the metal through the O� and OH set of donors. A
more recent study traces such exploration, but the obtained com-
plexes are all characterized by a mono-coordination of the HAsc-

ligand and the presence of water molecules used to complete the
coordination sphere of the metal [21]. Our computational explo-
ration aims to detect the most plausible complexes of Cu2+ and
Fe3+ with H2Asc in an aqueous solution using potentiometric titra-
tions as a guide. These redox-active metal ions exert their toxic
action by forming reactive oxygen species (ROS) [24]. Current
treatment options for metal cations overload aim at removing tis-
sue deposits, which cause the toxic effects, by using a selective and
specific natural ligand. In this context, stability of metal-chelator
complexes is extremely important for the choice of the most ade-
quate chelating agent. The knowledge of metal–ligand speciation
profiles at 37 �C in aqueous media (i.e., 0.16 M NaCl) allows to
reveal the chelating agent activity in vitro or in vivo.

2. Experimental section

2.1. Materials

Sodium chloride, hydrochloric acid and sodium hydroxide
titrant solutions were prepared and standardized as reported in a
previous study [20]. Iron(III) and copper(II) chloride stock solutions
were prepared and standardized as reported previously [25]. L-
Ascorbic acid (Sigma-Aldrich p.a., 99.2%) was kept in a desiccator
over silica gel and was used without further purification. The
ligand is susceptible to oxidation thus each experiment was started
from a freshly prepared solution and the measurements were per-
formed under nitrogen atmosphere.

2.2. Potentiometric and spectrophotometric measurements

The potentiometric apparatus was the same described in a pre-
vious work [25]; during the EMF measurements, the cell assembly
was placed in a thermostat kept at (37.0 ± 0.1) �C.

The complex formation equilibria between H2Asc and Fe(III)
and Cu(II) cations were studied by measuring with a glass elec-
trode, GE, the competition of H+ and metal cations for the ascorbate
ion. To minimize activity coefficient changes, test solutions were
made to contain 0.16 M NaCl. Measurements were performed as
potentiometric titrations with cell (G)

RE = Test Solution = GE ðGÞ
where the reference electrode, RE, has the composition

Ag / AgCl / 0.01 M NaCl / (0.16 —0.01) M NaCl / 0.16 M NaCl

and Test Solution = CM M M(Cl)n, CL M H2Asc, CA M HCl, CB M
NaOH, (0.16 – n CM – CA – CB) M NaCl. The metal concentration,
CM, ranged from 0.1 to 1.0 mM, the ligand concentration, CL, was
varied between 1 and 10 mM and 1 � CL/CM � 10.

The hydrogen ion concentration was varied from 10–2 M to
incipient precipitation of basic salts, which takes place in the range
[H+] = 3.55�10–4–1�10–5 M (i.e., pH = 3.45–5) depending on the
metal ion involved and on the specific metal to ligand ratio inves-
tigated. Since the effects of composition changes on activity coeffi-
cients can be considered negligible, the EMF of cell (G) can be
written, in mV and at 37 �C, as equation (1):

E ¼ E
� þ 61:54 log½Hþ� þ Ej ð1Þ

where E� is constant in each series of measurements, Ej is the liquid
junction potential which is a function of [H+] only [26]. In a previous
study we have determined the value of j (mV/M) under the same
experimental conditions [27]. In the first part of each titration E�
was determined in the absence of ligand and metal ions, and the
alkalinization was attained by adding NaOH standard solutions.

To verify the formation of complexes, spectrophotometric mea-
surements, achieved with a Varian Cary 50 Scan UV Visible Spec-
trophotometer, were realized by registering the absorbance
values, Ak, (to 0.001 units) between 200 and 500 nm each 1 nm.
Matched quartz cells of thickness 1 cmwere used. The temperature
of the cell holder was kept at (37.0 ± 0.3) �C by a Grant circulating
water bath. The data acquisition of and the formulations of the
parameters were managed with the aid of a computer directly con-
nected to the spectrophotometer by using the supplied software.

2.3. Computational details

All the electronic calculations involving copper(II) and iron(III)
complexes were carried out at the DFT level of theory using the
hybrid Becke three parameter exchange functional and the Lee-
Yang-Parr correlation functional B3LYP [28,29] by means of the
Gaussian16 software package [30]. Since nonbonding interactions
play a very important role in such case, Grimme’s dispersion cor-
rection [31] were included using atom pair-wise additive scheme,
DFT-D3 method. The standard 6-311G** basis set was adopted to
describe all the atoms. All structures were fully relaxed without
imposing any constrain and were confirmed to be minima by har-
monic vibrational frequencies calculation. In order to simulate the
aqueous environment, the implicit continuum solvation model
based on density (SMD) [32], with a dielectric constant of 78.35,
was employed in all the optimizations. For the assessment of the
final free energy changes, single point calculations at M05
[33]/6–311+G** level in water solvent were carried out. For every
complexation reaction, free energy was computed replacing water
molecules in the reference hexa-aquo complexes. The reference

Scheme 1. Chemical structure of L-ascorbic acid, H2Asc.
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complex is octahedral for Fe(III) and square planar with four water
molecules in the first shell and two water molecules in the second
coordination shell for Cu(II) [34,35].

The whole process in solution is described as follows:

[M(H2O)6]z + nLc ! [MLn]cþz + (6 � n � t)H2O ð2Þ
where L could be the ascorbic acid ligand, in its neutral, deproto-
nated and di-deprotonated forms, or the OH� one, c is the total for-
mal charge of the n ligands and z the charge of the hexa-aquo
complex, whereas the possibility that the ligands are mono or
bidentate is taken into consideration by the parameter t = 0, 1, 2,
3. Therefore, the free energies of formation of these complexes are
calculated as:

DG = DG([MLn]cþz) + (6 � n � t) DG(H2O) - DG([M(H2O)6]z - DG(nL)c

ð3Þ
Enthalpies and Gibbs free energies were obtained using stan-

dard statistical procedures [36] at 298 K and 1 atm from total ener-
gies, including zero-point and thermal corrections. As the free
energy corrections in the Gaussian default standard state corre-
spond to an ideal gas at a standard pressure of 1 atm, the computed
free energies were converted [37] to yield Gibbs energies with a
solution phase standard state of 1 mol L-1 for all the species except
water solvent. For water molecules a standard state of 55.5 M was
used. The most stable spin state of the Cu(II) and Fe(III) complexes
was established through the optimization of the respective hexa-
aquo reference compounds and resulted to be doublet and sextet,
respectively. In order to test and confirm that the spin multiplicity
is conserved after complexation, some of the metal–ligand systems
were also checked for their stability as a function of spin multiplic-
ity. To explore the behavior upon metal complexation, UV–vis
spectra were calculated in water including 50 electronic excita-
tions using the time-dependent extension of DFT, TDDFT. To carry
out TDDFT calculations the B3LYP/6-311G** protocol was adopted.

3. Results and discussion

3.1. Stability of Cu(II) and Fe(III) complexes with L-ascorbic acid

The general equilibrium leading to the formation of the investi-
gated complexes can be written schematically as reported in equa-
tion (4), which considers all the possible complexes formed in
solution (i.e., simple q = r, mixed q – r, mononuclear p and r = 1,
and polynuclear p and r greater than 1 species), and all the poten-
tial chelation sites of ascorbic acid which correspond to a different
number of protons involved in the coordination.

pMnþ + rH2Asc ¢ Mp(H)�q(H2Asc)rðnp�qÞ + qHþ log bp ;q ;r ð4Þ
The ascorbic acid acidic constants, already both computation-

ally and experimentally estimated [20], as well as the constants
of principal cationic hydrolysis products taken from literature
[38,39] (i.e., Fe(OH)2+ and Fe(OH)2+, Cu(OH)+ and Cu2(OH)22+), were
kept invariant in the numerical treatment to determine stability
constants bp,q,r.

The most probable p, q, and r values and the corresponding con-
stants log bp,q,r were computed by a numerical approach [40]. Spe-
ciation profiles show that in aqueous solution a complexation
occurs at 1:1 and 1:2 Fe(III)-to-ligand ratios and at 1:1, 1:2 and
1:3 Cu(II)-to-ligand ratios and results obtained are reported in
the Table 1.

The effective formation of the complexes was verified by ana-
lyzing, by UV–Vis spectrophotometry, all solutions obtained at
the end of each titration. A comparison of the UV–Vis spectra of
the free ligand, free metal ion solutions and coordinated species
is reported in the Supplementary data (Fig. S1 a-b). According to

literature, the UV–Vis spectrum of free ascorbic acid shows a single
band centered at 260 nm [41]. The UV–Vis spectra recorded in
solutions containing metal cations show a significant shift of this
characteristic band, confirming the occurred complexation.

3.2. Identification of the most plausible complexes

In order to identify the most probable complexes between the
titled metal cations and L-ascorbic acid, we have first hypothesized
plausible structures by considering the general equilibrium
reported in equation (5), taking into account the effective ligands
which enter in the coordination sphere of the metal ions. For this
purpose, both the acid-base properties of the ligand [20] and the
nature of metal centers and, thus, their behavior in aqueous envi-
ronment was taken into consideration.

pMnþ + qOH� + rAsc2� ¢Mp(OH)q(Asc)rðnp�q�2rÞ log b ð5Þ
In this equilibrium the di-anionic (Asc2-) form was considered.

The existence of such species is plausible, even at low pH, as con-
sequence of metal coordination due to the ability of the metal ions
to compete with protons for the binding of ascorbate oxy groups.
The stability constants were, thus, calculated according to such
equilibrium and outcomes are summarized in Table 2.

The distribution diagrams in (Fig. 1 a-c) show the percentage of
metal cations into the hypothesized complexes as a function of the
pH. For the Fe(III)-H2Asc system this percentage is independent on
the specific investigated metal to ligand ratio, while for the Cu(II)-
H2Asc system is strongly dependent on the studied ratio. For that
reason, it was necessary to report two different CM/CL ratios (i.e.,
Fig. 1 b-c) for Cu(II).

Since this work is the first one entirely in aqueous medium, any
comparison with previous literature data is not possible. Hence, in
order to confirm the hypothesized structures (Table 2), a computa-
tional study was achieved. Due to the possibility that even the
mono-anionic species could be involved in the complexation of
both metal cations at the working pH, the number of complexes
to take into consideration significantly increased. Indeed, given
the value of the first pKa, H2Asc should easily lose the first proton
to form the ascorbate anion HAsc- which can play a role in the
investigated range of pH, whereas the loss of the second proton
to form the Asc2- species can be hypothesized only upon metal
coordination. Accordingly, even though the hypotheses formulated
from potentiometric measurements consider only the Asc2- species
as plausible ascorbic acid-based ligand, computational exploration
was carried out by taking into account also its mono-anionic form.
Combining the data of Fig. 1 and Table 2 with the p,q,r triads estab-
lished by potentiometric data, we searched for all the plausible
combinations amongst ascorbic acid (mono- and di-anion), OH–

and water ligands and the two metal cations generating the
observed complexes. Several structures corresponding to different
combinations of the named ligands were taken into consideration
and only those considered more plausible on the basis of the

Table 1
Formation of complexes of H2Asc with Fe(III) and Cu(II), according to Eq. (4). Values of
log bp,q,r in NaCl 0.16 M at 37 �C were obtained by numerical procedure (standard
deviations are reported as 3 r).

p,q,r Species log bp,q,r ± 3 r

Fe(III) 1,-2,1 Fe(H)-2(H2Asc)+ �2.4 ± 0.1
1,-3,1 Fe(H)-3(H2Asc) �4.1 ± 0.1
1,-4,1 Fe(H)-4(H2Asc)- �6.90 ± 0.09
1,-4,2 Fe(H)-4(H2Asc)2- �5.0 ± 0.1

Cu(II) 1,-3,1 Cu(H)-3(H2Asc)- �5.11 ± 0.06
1,-4,2 Cu(H)-4(H2Asc)22– �4.0 ± 0.2
1,-6,3 Cu(H)-6(H2Asc)34- �5.6 ± 0.1
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behavior of both metals and ligands in aqueous solution were
reported here. The outcomes of the computational exploration
were collected in Table 3 and Fig. 2.

3.2.1. Fe(III) complexes
The complexation between H2Asc and Fe(III) starts at pH lower

than 2.0 (Fig. 1a) and all the formed complexes reach high percent-
ages, particularly the mixed species Fe(OH)2Asc- which is the pre-
dominant one at pH higher than 3, confirming the strong affinity
between the ligand and this hard metal ion. Interestingly, the per-
centage of the hydrolytical complex Fe(OH)2+ decreases drastically
in presence of ascorbic acid and, furthermore, Fe(OH)2+ is missing in
the distribution diagram reported in (Fig. 1a). This behavior con-
firms the hypothesis that structures including hydroxide ions in
addition to ascorbic acid in the coordination sphere of the metal

ion can be formed. Therefore, considering the equilibrium sketched
in equation (5), in the pH range between 2 and 3, four Fe-H2Asc
complexes can be distinguished. Two complexes involve the pres-
ence of the OH– ligand in the first coordination shell of the metal.
Among the other two species, named as FeAsc+ and Fe(Asc)2- , the
former is mostly present at very low pH and it is characterized
by the lowest stability constant (Table 2).

Computational exploration of the plausible complexes with for-
mula FeAsc+ returns two octahedral complexes in which the metal
is surrounded by four and five water molecules as the Asc2- ligand

Table 2
Stability constants of complexes of H2Asc with Fe(III) and Cu(II), according to Eq. (5).

p,q,r Species log b ± 3 r

Fe(III) 1,0,1 Fe(Asc)+ 9.5 ± 0.2
1,1,1 Fe(OH)(Asc) 21.1 ± 0.1
1,2,1 Fe(OH)2(Asc)- 31.63 ± 0.09
1,0,2 Fe(Asc)2- 18.8 ± 0.2

Cu(II) 1,1,1 Cu(OH)(Asc)- 20.10 ± 0.06
1,0,2 Cu(Asc)22– 19.8 ± 0.3
1,0,3 Cu(Asc)3-4 30.1 ± 0.1
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Fig. 1. Distribution diagrams in the presence of H2Asc of: (a) Fe(III) (CM = 1.0 mM and CL = 10.0 mM); (b) Cu(II) (CM = 1.0 mM and CL = 1.0 mM) and (c) Cu(II) (CM = 1.0 mM and
CL = 10.0 mM).

Table 3
Calculated complexation Gibbs free energies (DG, kcal mol�1) of Fe(III) and Cu(II)
complexes with ascorbic acid in water.

General formula Complexes DG

Fe(III) Fe(Asc)+ [Fe(H2O)4(Asc)]+ �62.6
[Fe(H2O)5(Asc)]+ �52.1
[Fe(OH)(H2O)4(HAsc)]+ �46.9

Fe(OH)(Asc) [Fe(OH)(H2O)3(Asc)] �80.4
Fe(OH)2(Asc)- [Fe(OH)2(H2O)2(Asc)]- �99.6
Fe(Asc)2- [Fe(H2O)2(Asc)2]- �89.4

[Fe(OH)2(H2O)2(HAsc)2]- �68.1
Cu(II) Cu(OH)(Asc)- [Cu(OH)(H2O)(Asc)]- + 2H2O �46.2

Cu(Asc)22– [Cu(H2O)(Asc)2]2- + H2O �46.0
[Cu(OH)(H2O)2(HAsc)(Asc)]2- �46.2

Cu(Asc)34- [Cu(Asc)3]4- �58.3
[Cu(OH)(HAsc)(Asc)2]4- �57.6
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is g2- or g1-coordinated, respectively. The first complex, labeled
[Fe(H2O)4(Asc)]+, is 10 kcal mol�1 more stable than the other
because of chelate effect. Another complex involving coordination
of HAsc- in g1 mode and OH–, which establishes a H-bond with a
coordinated water molecule, was taken into consideration, [Fe
(OH)(H2O)4(HAsc)]+. However, on the basis of the calculated DG
value, its formation is less probable than the others, confirming
the assumption that the OH– ligand is not involved in such forma-
tion. As regards complexes with general formula Fe(Asc)2- , two
complexes were hypothesized: one in which only water molecules
were considered for saturating the coordination sphere of the
metal center together with the di-deprotonated ascorbate, Asc2-,
bi-coordinated, and another where HAsc- and OH– ligands were
supposed to surround the metal ion. The latter was found to be less
stable by more than 20 kcal mol�1 than the first one, corroborating
the involvement of Asc2- species in the complexation process.

Among the species present in solution at higher pH, that with
two OH– ligands and the doubly deprotonated ascorbate bi-
coordinated to the metal center, [Fe(OH)2(H2O)2(Asc)]-, results to
be the most stable for 1:1 complexes, mirroring the highest stabil-
ity constant measured for such combination in iron complexes for-
mation (Table 2). The other plausible 1:1 complex again involves
ascorbate in its di-anionic form coordinated in g2 fashion to the
metal, [Fe(OH)(H2O)3(Asc)].

The computed complexation Gibbs free energies (Table 3)
return relative stabilities of the hypothesized complexes in agree-
ment with the experimental findings (Table 2) that suggest the
complexes with general formula Fe(OH)2(Asc)- and Fe(Asc)+ to be
the most and the less stable, respectively, whereas the stability
of the other two plausible complexes is comparable.

It is expected that all the complexes evidenced in the distribu-
tion diagram at the final pH (Fig. 1a) should contribute to the
recorded UV–vis spectrum for the Fe(III)-H2Asc system (Figure S1a).
Indeed, keeping together the three computationally characterized
complexes, [Fe(OH)2(H2O)2(Asc)]-, [Fe(H2O)2(Asc)2]- and [Fe(OH)
(H2O)3(Asc)], belonging to the general classes Fe(OH)2(Asc)-, Fe

(Asc)2- and Fe(OH)(Asc), respectively, and weighting them on the
basis of their abundance detected by potentiometric studies, the
obtained spectrum reproduces the experimental one with a peak
centered at 279 nm vs 266 nm experimentally found (Figure S2).

3.2.2. Cu(II) complexes
Regarding the system Cu(II)-H2Asc we have reported two differ-

ent CL/CM ratios (Fig. 1b and c). When the ligand and metal concen-
trations are comparable (Fig. 1b) the complexation becomes
meaningful at pH 3.5 and the predominant species is the mixed
complex Cu(OH)Asc- in the whole investigated pH range, whose
percentage is higher than 95%. The other two complexes, i.e., Cu
(Asc)22– and Cu(Asc)34-, reach percentages of almost 15%. When the
ligand concentration is higher than that of the metal (Fig. 1c) the
Cu(Asc)34- species is predominant in the whole investigated pH
range, and the complexation starts from pH 2. The other two spe-
cies, Cu(OH)Asc- and Cu(Asc)22–, reach percentages lower than 25%.

In driving the computational exploration of Cu(II)-H2Asc com-
plexes formation, the two experimental conditions were separately
taken into consideration. As stated above, when the metal and the
ligand have the same concentration (i.e., 1.0 mM), the complexa-
tion process starts at pH slightly higher than 3 with the formation
of three species with different stoichiometry and general formula
Cu(OH)(Asc)-, Cu(Asc)22– and Cu(Asc)34-. However, the presence of
Cu(Asc)22– and Cu(Asc)34- species remains rather low within the
investigated pH range. At the highest considered pH, the Cu(II)
complexation preferentially leads to formation of complexes hav-
ing 1:1 metal to ligand stoichiometric ratio (green line), Cu(OH)
Asc-. For such combination of M:L:OH ratio, exploring various coor-
dination arrangements, the same square-planar complex was
obtained, [Cu(OH)(Asc)(H2O)]-, where the ascorbate is g2 coordi-
nated to the metal center, whereas an OH– ligand and a water
molecule complete the coordination sphere of the metal.

For 1:2 and 1:3 metal-to-ligand stoichiometric ratios, essen-
tially, two types of complexes for each combination were consid-
ered plausible, which differ for the presence or absence of the

1,-2,1

[Fe(H2O)4(Asc)]+ [Fe(OH)(H2O)4(HAsc)]+

1,-3,1

[Cu(H2O)(Asc)2]2-

1,-4,2

[Cu(OH)(H2O)(HAsc)(Asc)]2-

[Cu(OH)(H2O)3(Asc)]-[Fe(H2O)5(Asc)]+

1,-4,2

[Fe(H2O)2(Asc)2]- [Fe(OH)2(H2O)2(HAsc)2]-

1,-4,1

[Fe(OH)2(H2O)2(Asc)]-

1,-3,1

[Fe(OH)(H2O)3(Asc)]

1,-6,3

[Cu(Asc)3]4- [Cu(OH)(HAsc)(Asc)2]4-

Fig. 2. B3LYP-D3/6-311G** optimized structures of Fe(III) and Cu(II) complexes with L-ascorbic acid.
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OH– ligand. For the former ratio, the structure of the complex in
which only two water molecules were placed around the metal
to draw an octahedral structure, during the optimization evolved
to a square-pyramidal geometry, [Cu(Asc)2(H2O)]2-. On the other
side, when OH– was included in the first coordination sphere of
the metal centre, both mono- and di-anionic forms of ascorbic acid
participated in the complexation process. Even in this case a water
molecule was released and the Asc2- remained anchored to the
metal by one site only. The resulted two 1:2 complexes are equally
stable, suggesting that, in this case, the hydroxide complex can be
formed. Even for 1:3 metal to ligand stoichiometric ratio, the two
hypothesized complexes, that is one in which only the ascorbate
chelates the metal center, [Cu(Asc)3]4-, and one where the mono-
anionic ascorbate (HAsc-) together with OH– were considered as
plausible ligands, [Cu(OH)(HAsc)(Asc)2]4-, are characterized by a
similar energy of formation. When the complexation was studied
with an excess of ligand (Fig. 1c) the role of the two species Cu
(OH)Asc- and Cu(Asc)34- is inverted and the latter becomes the only
plausible Cu(II)-H2Asc complex. Therefore, to discern between the
found 1:3 complexes, the absorption spectra were simulated and
compared with the experimental one. A substantial difference
between them is found. Indeed, while [Cu(Asc)3]4- complex essen-
tially exhibits the same behavior experimentally observed (Fig-
ure S1b), the hydroxide-containing complex shows an additional
band around 500 nm suggesting that such complex is absent in
the analyzed solution (Figure S3). Hence, the [Cu(Asc)3]4- complex
should be the most probable 1:3 Cu:H2Asc complex.

Interestingly, Cu(II) complexes retain the octahedral structure
only for 1:3 metal to ligand stoichiometric ratio. The neutral
ligands, water molecules, were automatically released during the
optimization process in all the other cases to afford both square-
planar and square pyramidal structures.

In analogy with Fe(III) complexes, the relative stability of the
hypothesized complexes is confirmed by the computational out-
comes. Indeed, the [Cu(Asc)3]4- complex is characterized by the
highest energy of formation and the other two complexes, labeled
with the general formula Cu(OH)Asc- and Cu(Asc)22–, exhibit the
same stability.

4. Conclusions

The sequestering ability in aqueous solution at 37 �C and in
0.16 M NaCl of L-ascorbic acid towards Fe(III) and Cu(II) cations
is debated in the present paper. Speciation profiles from potentio-
metric titrations show that a complexation occurs at 1:1 and 1:2 Fe
(III)-to-ligand ratios and at 1:1, 1:2 and 1:3 Cu(II)-to-ligand ratios.
To get insights on the binding modes of the examined metal ions
when coordinating the ascorbic acid ligand in its neutral, mono-
and di-anionic forms, a careful and detailed DFT analysis was per-
formed. The most plausible structures were firstly hypothesized
considering the effective ligands which enter the coordination
sphere of the metal ions in the equilibrium reactions for deriving
the stability constants. Computational approaches were, thus, used
to ascertain the feasibility of the hypothesized complexes forma-
tion. The calculations confirmed the relative stability of the various
complexes for different metal-to-ligand stoichiometric ratios
experimentally found and helped in ascertaining whether or not
hydroxido ligand could be involved in the complexation process
of Fe(III) and Cu(II) cations by ascorbic acid.
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Transition metal cations catalyze 16O/18O
exchange of catechol motifs with H2

18O†

Roelant Hilgers, a Judith Bijlsma, a Luana Malacaria,b Jean-Paul Vincken, a

Emilia Furiab and Wouter J. C. de Bruijn *a

Catechol motifs are ubiquitous in nature, as part of plant, animal

and microbial metabolites, and are known to form complexes with

various metal cations. Here, we report for the first time that com-

plexation with transition metal cations, especially Fe(III), results in

rapid 16O/18O exchange of the catecholic hydroxyl groups with

H2
18O. We discuss the implications of this finding for mechanistic

studies using H2
18O and potential relevance for production of 18O-

labeled catechol derivatives.

Isotopic labeling studies are widely used in many fields of
chemistry, typically in combination with mass spectrometric
detection. For example, 18O2 and H2

18O are often used to inves-
tigate chemical, enzymatic and microbial oxidation and degra-
dation reactions.1–4 In addition, when compounds of interest
are available in a stable isotopically labeled form, they can be
used for isotope dilution mass spectrometry,5–7 determination
of kinetic isotope effects,8–10 mass spectrometric monitoring
of reaction kinetics,11,12 and even to follow the metabolic fate
of biologically active compounds in human or animal
studies.13,14 In recent (to be published) work, we employed
H2

18O to investigate degradation reactions of several catechol
derivatives in the presence of metal cations, and observed
unexpected rapid 16O/18O exchange between the H2

18O and the
aromatic hydroxyl groups under mild conditions (37 °C,
neutral or slightly acidic pH). 16O/18O exchange of catecholic
hydroxyl groups with H2

18O has been previously reported, yet
only under harsh catalyst-free conditions (3 M HCl, 150 °C, 20
days).15 To the best of our knowledge, rapid exchange under
mild conditions has not been previously described. We investi-
gated this metal-induced 16O/18O exchange in further detail, as
it may open up a new and simple approach to produce stable

18O-labeled catechol derivatives. Additionally, this communi-
cation serves as a warning for researchers who intend to study
the reactions of catechol derivatives in the presence of metal
cations using H2

18O.
The starting point of our work was the observation that 3,4-

dihydroxybenzoic acid (3,4-DHBA, Fig. 1) showed rapid 16O/18O
exchange of two oxygen atoms in the presence of various metal
cations. These 18O labels were exclusively inserted on the aro-
matic hydroxyl groups, as evidenced by the neutral loss of 44
Da (i.e., unlabeled CO2) in both unlabeled and 18O labeled
catechols (Fig. 2).

Many metal cations are known to form catecholato com-
plexes in the presence of catechol and its derivatives.16

Seemingly, this complexation somehow catalyzes the 16O/18O
exchange with H2

18O. To investigate this phenomenon in
greater detail, we first screened the ability of four metal
cations to catalyze this 16O/18O exchange. Hereto, catechol and
3,4-DHBA were incubated with the chloride salts of Fe(III), Al
(III), Cu(II), and Zn(II) in H2

18O. We selected these metal cations
because they are all able to form catecholato complexes,17,18

but are fundamentally different in terms of redox activity.

Fig. 1 Catechol derivatives and metal cations used for the 18O labeling
study (a) and schematic representation of the observed 18O labeling (b).
Unless stated otherwise, cations and catechols were used in equimolar
concentrations. The R-group in figure (b) represents any of the substitu-
ents shown in figure (a).

†Electronic supplementary information (ESI) available. See DOI: https://doi.org/
10.1039/d2ob01884e
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This journal is © The Royal Society of Chemistry 2022 Org. Biomol. Chem., 2022, 20, 9093–9097 | 9093

O
pe

n 
A

cc
es

s 
A

rt
ic

le
. P

ub
lis

he
d 

on
 1

4 
N

ov
em

be
r 

20
22

. D
ow

nl
oa

de
d 

on
 1

1/
30

/2
02

2 
10

:3
5:

43
 A

M
. 

 T
hi

s 
ar

tic
le

 is
 li

ce
ns

ed
 u

nd
er

 a
 C

re
at

iv
e 

C
om

m
on

s 
A

ttr
ib

ut
io

n-
N

on
C

om
m

er
ci

al
 3

.0
 U

np
or

te
d 

L
ic

en
ce

.

View Article Online
View Journal  | View Issue

http://rsc.li/obc
http://orcid.org/0000-0002-3410-8795
http://orcid.org/0000-0003-3510-0792
http://orcid.org/0000-0001-8540-4327
http://orcid.org/0000-0003-0564-9848
https://doi.org/10.1039/d2ob01884e
https://doi.org/10.1039/d2ob01884e
https://doi.org/10.1039/d2ob01884e
http://crossmark.crossref.org/dialog/?doi=10.1039/d2ob01884e&domain=pdf&date_stamp=2022-11-24
http://creativecommons.org/licenses/by-nc/3.0/
http://creativecommons.org/licenses/by-nc/3.0/
https://doi.org/10.1039/d2ob01884e
https://pubs.rsc.org/en/journals/journal/OB
https://pubs.rsc.org/en/journals/journal/OB?issueid=OB020046


Whereas Fe(III) and Cu(II) have been described to oxidize cate-
chol derivatives,19 Al(III) and Zn(II) are redox inactive.20

Samples of the incubation mixture were taken at 2 and 24 h,
and analyzed using high resolution RP-UHPLC-PDA-ESI-MS to
determine the percentage of single and double 18O labeling.
As complexation of catechol motifs to metal cations has been
reported to be pH-dependent,21 these screening experiments
were performed at both pH 7 and pH 3.

For both catechol and 3,4-DHBA, incubation with FeCl3
resulted in extensive labeling at pH 3 and 7, already after

2 hours (Fig. 3). ZnCl2 at pH 7 and CuCl2 at both pH 3 and 7
were found to catalyze 16O/18O exchange in the case of cate-
chol, but no effect was observed in the case of 3,4-DBHA. The
higher labeling yield at pH 7 as compared to pH 3 is in line
with the expected increased complexation of catechol at elev-
ated pH (Fig. S2†).22 Despite its ability to form catecholato
complexes,23 Al(III) did not catalyze 18O labeling (Fig. 3 and
Fig. S2†). The observed 16O/18O exchange in the presence of Fe
(III) and Cu(II) could be the result of valence tautomerism
within the catecholato complexes. Such tautomerism has,
indeed, been described for several complexes of transition
metal cations with partly filled 3d orbitals.24–26 A H2

18O mole-
cule coordinated to the metal or present in the bulk could
attack the activated keto-tautomer of the catechol and thereby
replace the original 16O hydroxyl group (Fig. 4). Such a mecha-
nism seems, furthermore, fully in line with the lack of 16O/18O
exchange in the presence of the redox-inactive Al(III). The pro-
posed mechanism, however, cannot explain the observation of
16O/18O exchange in the presence of Zn(II). Since Zn(II) has a
completely filled 3d orbital, valence tautomerism, forming Zn
(I), is expected to be highly unfavorable. In addition, when
catechol incubations were performed with Mn(II), rapid
16O/18O exchange was observed at pH 7 (Fig. S3†). As we expect
valence tautomerism between Mn(II) and Mn(I) to be highly un-
likely, this finding also challenges valence tautomerism as the
only mechanism. To explore other potential mechanisms, we
investigated whether molecular oxygen could, somehow,
promote 16O/18O exchange, by repeating the incubations of

Fig. 2 Overlayed Higher-energy Collisional Dissociation (HCD) frag-
mentation patterns of unlabeled (black) and doubly 18O-labeled (blue)
3,4-DHBA obtained using high resolution ESI-MS in negative ionization
mode. The spectrum of doubly labeled 3,4-DHBA was obtained after
incubation with FeCl3 (equimolar, 1 h, 37 °C). Fragmentation patterns of
other (un)labeled catechol derivatives can be found in Fig. S1.†

Fig. 3 Percentages of unlabeled, singly labeled, and doubly labeled catechol (a–d) and 3,4-DHBA (e–h) after equimolar incubations (1 mM) with
FeCl3, CuCl2, AlCl3, or ZnCl2 at 37 °C for 2 or 24 h, as determined by RP-UHPLC-PDA-ESI-MS. Data are presented as average and standard deviation
of two separate incubations.
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catechol with FeCl3, CuCl2, and ZnCl2 after N2 purging of the
H2

18O solvent and headspace. In none of the incubations, a
decrease in 18O labeling was observed after N2 purging
(Fig. S4†), excluding a potential role of O2 in the 16O/18O
exchange. We therefore propose that the exchange in the pres-
ence of Fe(III) and Cu(II) occurs via the mechanism depicted in
Fig. 4, whereas the exact mechanism of the Zn(II)-catalyzed
exchange remains to be elucidated.

As Fe(III) showed the highest extent of 18O labeling in all
cases, we continued our research using only FeCl3. No notable
differences were observed between the labeling percentages at
pH 3 and pH 7 in FeCl3 incubations. Because of the relatively
higher solubility of Fe(III) at acidic conditions,27 further experi-
ments were performed at pH 3.

Since the initial screening showed limited differences
between the timepoints tested, and the 16O/18O exchange of
catechol seemed already complete within 2 h, we proceeded to

follow the exchange kinetics by using time-resolved ESI-MS.
Hereto, catechol, 3,4-DHBA, 4-chlorocatechol, 4-methyl-
catechol, and dopamine solutions in H2

18O (pH 3) were mixed
with equimolar amounts of FeCl3 in H2

18O (pH 3), and
infused for ∼60 min into an ion trap MS. The kinetics were
found to be strongly dependent on the substitution of the aro-
matic ring. Catechol, 4-chlorocatechol, and 3,4-DHBA were
found to undergo near-to-complete 18O labeling within 30 min
(Fig. 5a, b and d), whereas 4-methylcatechol and dopamine
were labeled considerably slower and reached around 60% lab-
elling within the duration of the experiment (Fig. 5c and e).

No labeling was observed in H2
18O in absence of FeCl3, con-

firming that 16O/18O exchange with H2
18O only occurs in the

presence of a suitable catalyst (Fig. 5f). The latter also indi-
cates that the isotopic labeling will be stable after removal of
FeCl3 from the product. When phenol was used instead of the
catechols, no labeling was observed after 24 h, which under-
scores the importance of the catechol motif for the isotope
exchange (data not shown).

Although the above described 16O/18O exchange may
provide an interesting new approach for production of stable
18O-labeled catechols, Fe(III) has been reported to induce oxi-
dative degradation of various catechols.28 Therefore, we simul-
taneously determined the labeling yield and recovery of all
eight catechol derivatives, shown in Fig. 1, at various time
points, using high resolution RP-UHPLC-PDA-ESI-MS. As can
be observed from Table 1, complete (i.e., 100% doubly labeled
compound) or near-to-complete labeling (i.e., >90% doubly
labeled compound) was obtained for catechol, 4-chlorocate-
chol, 4-methylcatechol, 3,4-DHBA and dopamine with high
(i.e., >69%) to very high (i.e., >95%) recoveries. In the case of
catechol and 4-chlorocatechol, complete labeling and very
high recoveries were obtained for incubations at 0.5 and 1 h.
Prolonged incubations (24 h) decreased the recoveries, pre-
sumably due to oxidative degradation. For 4-methylcatechol,

Fig. 4 Proposed mechanism for the Fe(III) or Cu(II) catalyzed 16O/18O
exchange of catechol motifs, here depicted with Fe(III) as an example.
The H2

18O attacking the catecholato ligand may also originate from the
bulk. Examples of valence tautomerism as a mechanism underlying cat-
alysis in Fe and Cu–catecholato complexes have been reported in earlier
research.25,26

Fig. 5 Kinetics of FeCl3 catalyzed
18O labeling of (a) catechol, (b) 4-chlorocatechol, (c) 4-methylcatechol, (d) 3,4-DHBA, and (e) dopamine. Relative

intensities of unlabeled, singly 18O-labeled, and doubly 18O-labeled catechols are shown in black, red, and blue, respectively. In absence of FeCl3, no
labeling was observed as indicated in (f ) for 4-chlorocatechol. Note: the relative intensities shown are not corrected for the fact that 97% 18O-
labeled water was used as solvent.
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3,4-DHBA and dopamine, incubations of 4 h were required to
achieve >90% doubly 18O labeled products. The double label-
ing yields of 3,4-DBHA and dopamine stagnated around 95%,
and addition of extra iron or incubating at 1 : 3 catechol : Fe
ratio did not substantially increase the labeling yield, but
mainly resulted in a decreased recovery. Significantly lower
labeling yields were obtained for 4-nitrocatechol and 3,4-dihy-
droxybenzaldehyde (3,4-DHBZ), even though both compounds
possess an electron withdrawing substituent. No general trend
could be observed on the effect of electron withdrawing and
electron donating substituents on the labeling yield. The
reason for the poor yields of the 16O/18O exchange of 4-nitro-
catechol and 3,4-DHBZ remains to be investigated. For 4-meth-
oxycatechol, 66% 18O labeling was observed after 24 h, along
with a remarkably low recovery. Various new peaks corres-
ponding to compounds of decreased molecular weight were
observed in the RP-UHPLC-PDA-ESI-MS chromatograms,
suggesting extensive oxidative degradation of 4-methoxycate-
chol in the presence of FeCl3 (Fig. S5i†).

Results in Table 1 show that FeCl3 is an excellent catalyst
for the 18O labeling of various catechols. Although isotopically
labeled compounds are mainly used in mass spectrometric
studies, requiring low concentrations, the above described
experiments (at 0.1 mM) would only allow synthesis of
∼10–15 μg of labeled compound per 1 mL of solvent.
Therefore, we investigated whether the 18O labeling of catechol
could be upscaled to concentrations that are more meaningful
for lab-scale synthesis. We note that at increased concentrations
the catecholato-complexes partly precipitated, but could be
completely resolubilized in ethanol after incubation.
RP-UHPLC-PDA-ESI-MS analysis of the resolubilized samples
showed that using 10 and 50-fold higher concentrations (1 and
5 mM) still resulted in complete and near-to complete labeling,
respectively, within 0.5 h (Table 2). Further upscaling to 50 mM,
however, showed a drop in the labeling yield. Presumably this is
caused by the poor water solubility of the catechol–iron mix-
tures at increased concentrations. We are currently investigating
approaches to circumvent this. Nonetheless, even partially 18O-
labeled compounds can be highly valuable as mechanistic
probes and quantification standards.

In summary, we showed that Fe(III), Cu(II), Zn(II) and Mn(II)
cations can catalyze 16O/18O exchange of catechol motifs with
H2

18O. This may provide a new route for facile production of
18O labeled catechol derivatives. At the same time, our findings
indicate that extra caution is required when drawing con-
clusions from studies on the reactions of catechol derivatives
that employ H2

18O labeling in the presence of transition metals.
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Materials and methods

Materials

Catechol (≥99 wt%), 4-chlorocatechol (≥97 wt%), 4-methylcatechol (≥95 wt%), 4-nitrocatechol (≥97 

wt%), dopamine hydrochloride (≥98 wt%). Copper(II) chloride (≥97 wt%), aluminum(III) chloride 

hexahydrate (≥99 wt%), hydrochloric acid (HCl, 37 wt%), sodium hydroxide (NaOH , ≥98 wt%) and 

ethanol (EtOH) were obtained from Merck (St. Louis, MO, USA). 3,4-Dihydroxybenzoic acid (≥98 

wt%) was purchased from TCI Europe NV (Zwijndrecht, Belgium). 4-Methoxycatechol (≥95 wt%) was 

purchased from Toronto Research Chemicals (North York, Canada). Iron(III) chloride (≥97 wt%), 

zinc(II) chloride (≥98 wt%), and 3,4-dihydroxybenzaldehyde (≥95 wt%) were purchased from Fisher 

Scientific (San Jose, CA, USA). H2
18O (GMP grade, 18O ≥ 97 %) was purchased from ABX advanced 

biochemical compounds-Biomedizinische Forschungsreagenzien GmbH (Radeberg, Germany). ULC-

MS grade acetonitrile (ACN) and water, both containing 0.1 vol.% formic acid (FA) were purchased 

from Biosolve (Valkenswaard, the Netherlands). Water for other purposes than UHPLC was prepared 

using a Milli-Q water purification system (Merck Millipore, Billerica, MA, USA).

General experimental procedure

High resolution RP-UHPLC-PDA-ESI-MS of catechol and derivatives 

Stock solutions of catechol and derivatives in acetone were added to an Eppendorf and the acetone was 

evaporated under nitrogen flow. Water (H2
18O) and metal chloride solution (10 mM in H2

18O) were 

added to obtain a final concentration of 1.0 mM of metal (i.e., FeCl3, CuCl2, AlCl3, and ZnCl2) and 

ligand for the initial screening with catechol and 3,4-DHBA and 0.1 mM of FeCl3 and catechol and 

derivatives (i.e., 4-chlorocatechol, 4-methylcatechol, 3,4-DHBA, dopamine, 4-nitrocatechol, 3,4-

DHBZ, and 4-methoxycatechol) for the continuation experiments. The pH was adjusted to 3 or 7 for the 

initial screening and to 3 for the continuation experiments using 0.5 M NaOH or HCl prepared in H2
18O. 

Samples were incubated at 37 °C at 1000 rpm using an Eppendorf Thermomixer® F1.5 (Eppendorf, 

Hamburg, Germany). For UHPLC-MS analysis, 80 μL aliquots of the reaction mixture were taken after 

2 and 24 h for the initial screening and 0.5, 1, 4, and 24 h for the continuation experiments, and 

centrifuged (5 min, 15,000 × g) prior to RP-UHPLC-PDA-ESI-MS analysis. 

RP-UHPLC-PDA-ESI-MSn analysis was performed using a Thermo Vanquish UHPLC system (Thermo 

Scientific, San Jose, CA, USA), equipped with a pump, degasser, and autosampler, coupled to a PDA 

detector and a Thermo Q Exactive Focus hybrid quadrupole-orbitrap mass spectrometer. Samples (1 

μL) were injected onto an Acquity UPLC BEH C18 column (150 × 2.1 mm, particle size 1.7 μm) with 

a VanGuard guard column (5 × 2.1 mm) of the same material (Waters, Milford, MA, USA). The flow 

rate was 400 μL min-1 and the column temperature was 45 ºC. Water (A) and ACN (B), both acidified 

with 0.1% FA, were used as eluents. The following solvent gradient was used: 0-1.09 min at 1% B 

(isocratic), 1.09-6.18 min from 1 to 15% B (linear gradient), 6.18-7.27 min from 15 to 100% B (linear 
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gradient), 7.27-12.72 min at 100% B (isocratic), 12.72-13.81 min from 100 to 1% B (linear gradient) 

and 13.81-19.27 min at 1% B (isocratic). The PDA detector was set to measure the wavelength range of 

190–680 nm. Mass spectrometric data were collected over the m/z range of 100–1,000 in negative and 

positive ionization mode by using source voltages of 2.5 and 3.5 kV, respectively. Nitrogen was used as 

a sheath gas (50 arbitrary units) and auxiliary gas (13 arbitrary units). For both modes, the S-lens RF 

level was set at 50 %, the ion transfer tube temperature was 263 °C and the source heater temperature 

425 °C. Data acquisition and processing were performed using Xcalibur (version 4.1, Thermo 

Scientific). Recoveries of catechol and derivatives were calculated based on integrals of the 

chromatographic UV280 peaks and comparison to an external calibration curve of the corresponding 

authentic standard (0.0125-0.1 mM, in duplicate, R2 >0.99). Labeling yields were determined as the 

average distribution of the accurate masses corresponding to unlabeled, singly labeled and doubly 

labeled compound under the chromatographic peak. The labeling yield was corrected for labeling 

percentage of the used H2
18O (97%), by dividing the uncorrected percentage of doubly 18O labeled 

catechols by 0.941 (the theoretical percentage expected after complete 18O labeling of the two catechol 

hydroxyl groups; 0.972).

Time-resolved ESI-MS of catechol and derivatives in H2
18O in presence of FeCl3

Solutions (400 µL) of catechol and derivatives at 0.2 mM were prepared in H2
18O and placed in a glass 

vial, the pH of the solution was adjusted to 3 by 0.5 M HCl in H2
18O. The solution was stirred at 37 °C 

for 5 minutes after which it was directly infused into the ESI-IT-MS source via a capillary by applying 

a slight overpressure of N2 (approximately 0.25 bar). When the MS signal was stable, the measurement 

was started and after 0.5 min measurement of the ligand, a solution (400 µL) of 0.2 mM FeCl3 in H2
18O 

(pH 3) was added to the glass vial to obtain final concentrations of 0.1 mM catecholate and iron. The 

ESI-IT-MS measurements were acquired using an LTQ Velos Pro linear ion trap mass spectrometer 

(Thermo Scientific) equipped with a heated electrospray ionization (ESI) probe. Data were collected for 

60 min over the m/z range of 100-600 in negative or positive ionization mode by using source voltages 

of 4.0 and 3.5 kV in positive ionization (PI) and negative ionization (NI) mode, respectively. The S-lens 

RF level was set at 67.9% in PI and 69.5% in NI, the ion transfer tube and the source heater temperatures 

were 275 and 45 °C, respectively. Nitrogen was used as a sheath gas (50 arbitrary units) and auxiliary 

gas (13 arbitrary units). Data were processed using Xcalibur 4.1 (Thermo Scientific). 
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HCD fragmentation spectra of unlabeled and doubly 18O labeled catechol derivatives

Fig. S1 HCD fragmentation spectra of unlabeled (black) and doubly 18O-labeled catechol (a), 4-chlorocatechol (b), 4-
methylcatechol (c), 3,4-dihydroxybenzoic acid (d), and dopamine (e). 
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Fig. S2 Predicted concentration of 1:1, 1:2, and 1:3 complexes of catechol with Fe(III), Cu(II), Al(III), Zn(II) and Mn(II) at 
different pH. Visual MINTEQ (version 3.1) was used for the simulation. The metal-catechol and metal hydrolysis species and 
stability constants (log K) were obtained from the standard database in Visual MINTEQ 3.1 and not fixed to a constant ionic 
strength.  
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Fig. S3 Percentages of unlabeled, singly labeled, and doubly labeled catechol after equimolar incubations (1 mM) with MnCl2 
at 37 °C for 2 h, at pH 3 or 7 in presence of air or after purging with N2. Purging with N2 was performed for 2 min through the 
H2

18O solvent and headspace of the Eppendorf tube. Data are presented as average and standard deviation of two separate 
incubations. The large difference in 16O/18O exchange between pH 3 and 7 matches with the low tendency of Mn(II) to form 
catecholato complexes at low pH.

Fig. S4 Relative abundance of unlabeled, singly labeled and doubly labeled catechol in equimolar (1 mM) incubations of 
catechol with FeCl3, CuCl2, or ZnCl2 at pH 3 or 7 in presence of air or after purging with N2. Purging with N2 was performed 
for 2 min through the H2

18O solvent and headspace of the Eppendorf tube. Incubation times were 30 min for the samples 
containing FeCl3 and 24 h for the samples containing CuCl2 or ZnCl2. 
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RP-UHPLC-PDA-ESI-MS chromatograms and spectra

Fig. S5 Overlayed RP-UHPLC-UV280 chromatograms and HRMS spectra of catechol (a), 4-chlorocatechol (b), 
4-methylcatechol (c), 3,4-dihydroxybenzoic acid (d), dopamine (e), 4-nitrocatechol (f), 3,4-dihydroxybenzaldehyde (g), and 4-
methoxycatechol (h) after incubation at 37 °C in absence (black) and presence (blue) of FeCl3. Incubation times were 1 h for 
a-c and e, 4 h for d and 24 h for f-i. Chromatogram i is an 18-fold zoomed version of h, displaying several (unidentified) 
degradation products of 4-methoxycatechol. Equimolar concentrations (0.1 mM) were used in all incubations. The inserts depict 
the overlayed high resolution Full MS spectra under the corresponding peaks. Masses without molecular formula label 
correspond to the natural 13C isotope peak of the preceding peak.
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a b s t r a c t

Flavonoids are natural antioxidants that can be used for the chelation of metal ions to treat metal toxicity.
Ideal chelators should form stable metal complexes and be resistant to oxidative degradation reactions in
aqueous solutions at physiological conditions (pH 7.4 and 37 �C). In this work, the complexation and oxi-
dation of quercetin and luteolin with selected metal cations (i.e. Cr(III), Mn(II), Fe(III), Co(II), Ni(II), Cu(II),
Zn(II), and Al(III)) in aqueous solutions at pH 4 and 7.4 is discussed. Using UV–Vis, RP-UHPLC-PDA-MS,
ESI-MS and 1H NMR, information about the complexing ability, stoichiometry, and the preferred metal
binding sites was obtained. At pH 7.4, all metal ions were complexed by luteolin and quercetin, whereas
at pH 4 both flavonoids only formed complexes with the trivalent metal cations (i.e. Cr(III), Fe(III), and Al
(III)). No clear preference for any of the complexation sites was observed for quercetin and luteolin. UV–
Vis and RP-UHPLC-PDA-MS showed that, at pH 7.4, chelation of quercetin was followed by metal-
mediated oxidation resulting in degradation of quercetin. On the contrary, luteolin complexes with metal
cations were stable and no oxidative degradation of luteolin was observed. The oxidative degradation
pathway of quercetin was investigated by incubation in H2

18O, which showed that the oxidation occurs
via both oxygenation and hydroxylation mechanisms, the latter being the preferred pathway for the
trivalent metal ions.
Our results indicate that luteolin is a more suitable chelating agent of Al(III) and first-row transition

metal cations due to its higher oxidative stability and its ability to form stable complexes in aqueous
solutions at pH 7.4.

� 2022 Elsevier B.V. All rights reserved.

1. Introduction

Flavonoids, a group of phenolic compounds produced in plants
as secondary metabolites, possess a broad variety of bioactivities,
and are widely found in fruits, vegetables, and herbs [1–5]. The
main biological activity of flavonoids is their antioxidant activity,
which allows them to alleviate oxidative stress by scavenging of
free radicals and chelating metal ions [6]. The latter is relevant in
clinical settings because accumulation of metal ions in the body
at concentrations higher than the optimum level can lead to metal
toxicity. This is caused by metal-induced formation of reactive oxy-

gen species (ROS) and reactive nitrogen species (RNS) resulting in
(per)oxidation of biological molecules. Metal chelation therapy is
used to treat metal toxicity. In order for chelating agents to be
effectively used in chelation therapy, they should form a stable
chelate [7–10]. Most of the currently used (synthetic) chelating
agents show serious side effects, therefore, new chelation strate-
gies should be investigated [11]. Flavonoids can be employed as
natural chelating agents that are desired over synthetic chelating
agents [12].

Important metal ions to investigate are Al(III) and the first-row
transition metal cations (i.e. Cr(III), Mn(II), Fe(III), Co(II), Ni(II), Cu
(II), Zn(II)), as they are associated with degenerative diseases, such
as Alzheimer’s disease [13–15]. In this work, quercetin
(3,3ꞌ,4ꞌ,5,7-pentahydroxyflavone, Q, Fig. 1a), one of the most
common flavonols present in nature, and the flavone luteolin
(3ꞌ,4ꞌ,5,7-tetrahydroxyflavone, L, Fig. 1b) were studied as
chelating agents. As can be observed in Fig. 1, quercetin has three
possible complexation sites: (i) the 3-hydroxy-4-ketone moiety

https://doi.org/10.1016/j.molliq.2022.120840
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(3–4 site), the 5-hydroxy-4-ketone moiety (4–5 site), and the
3ꞌ,4ꞌ-dihydroxy moiety (3ꞌ-4ꞌ site) in the B-ring, whereas
luteolin only possesses the 4–5 and the 3ꞌ-4ꞌ sites. Deprotona-
tion of the hydroxyl substituents in these binding sites is a prereq-
uisite for complexation [16,17].

The stability constants of the resulting metal-flavonoid com-
plexes and site specificity (i.e., preferred coordination site) of bind-
ing are dependent on the nature of the metal and flavonoid [7–
9,18]. A high stability is necessary to guarantee that the metal ions
are and remain completely chelated, so that they can be excreted
from the body within a few hours or days, thereby preventing
harmful effects of the metal [19]. Additionally, the evaluation of
the chelators should also include the physiological conditions
[11]. Ideal chelators should be soluble in aqueous solutions at
physiological pH (i.e. 7.4) and be resistant to (bio)chemical trans-
formation (i.e. hydrolysis, reduction and oxidation) [11].

Complexation with quercetin and/or luteolin in organic solvent
systems has been reported previously for the metal ions selected
for this study [18,20–27]. In aqueous solutions the metal-
flavonoid complexes may have different structures and stoi-
chiometries from those in organic solvents [28–30]. This can affect
the stability of the complex and resistance to subsequent chemical
reactions [31]. Complexation of quercetin and luteolin with Fe(III),
Al(III), and Cu(II) has also been investigated in aqueous solutions at
37 �C and pH 4 using potentiometric measurements, which
showed that they formed stable complexes with cations of Fe(III),
Al(III), and Cu(II) at this pH [6–8]. To better resemble physiological
conditions, the chelating properties of these flavonoids and their
subsequent oxidation should also be investigated in aqueous solu-
tion at 37 �C and pH 7.4. However, investigation of the aqueous
systems of Fe(III) and Al(III) at pH > 4.5 by potentiometry is hin-
dered by metal hydrolysis [6,7]. Therefore, the complexation of
quercetin and luteolin with the selected cations (Cr(III), Mn(II),
Fe(III), Co(II), Ni(II), Cu(II), Zn(II), and Al(III)) at pH 7.4 in aqueous
solutions should be investigated using a different set-up. Besides
complexation, flavonoids, especially flavonols (e.g. quercetin), in
aqueous solutions are prone to oxidation in presence of Fe(III)
[26,32]. Because flavones (e.g. luteolin) lack the 3-OH group they
are more stable to oxidation reactions [33]. With Fe(III), oxidative
degradation of flavonols towards smaller phenolic acids (i.e. proto-
catechuic acid, gallic acid, and phloroglucinol carboxylic acid) was
preferred over oxidative coupling [33]. For the other metal cations
(i.e. Cr(III), Mn(II), Co(II), Ni(II), Cu(II), Zn(II), and Al(III)) it is not
known if, and how they affect flavonoid oxidation in aqueous solu-
tions at physiological pH. It is important to better understand the
oxidation of these natural chelators by the selected metal ions in
aqueous solution, because ideal chelators should be resistant to
oxidation [11].

This study aims to investigate the complexation of quercetin
and luteolin with Fe(III), Cr(III), Mn(II), Co(II), Ni(II), Cu(II), Zn(II),
and Al(III) in aqueous solutions at 37 �C and pH 7.4. For each sys-
tem, we investigated the ability of flavonoids to coordinate the
selected metal cations, metal binding site(s), and stoichiometry
of formed complexes. Furthermore, we investigated the flavonoids’
oxidative reactivity and possible oxidation pathways in these sys-
tems. We hypothesized that (i) due to deprotonated hydroxyl sub-
stituents of the flavonoid binding sites at neutral pH, flavonoids
chelate the metal cations in aqueous solutions at 7.4, that (ii) the
preferred binding site, stoichiometry and reactivity are metal and
flavonoid dependent, and that (iii) due to the presence of the 3-
OH group, quercetin is more prone to oxidative reactions in pres-
ence of the metal cations compared to luteolin.

To this end, a combination of UV–Vis, ESI-ITMS, and 1H NMR
can be used to obtain further insight in the complexation, stoi-
chiometries, and complexation sites of flavonoid-metal complexes
at pH 4, as a reference for comparison with previously reported
results, and pH 7.4. We have used reversed-phase ultra-high per-
formance liquid chromatography (RP-UHPLC) with photodiode
array (PDA) detection coupled to ESI-ITMS to identify and quantify
the amount of the oxidation products.

2. Experimental section

2.1. Materials

Quercetin hydrate (�95 wt%), 4-hydroxybenzoic acid (�99 wt
%), 3,4,5-trihydroxybenzoic acid (�98 wt%), copper(II) chloride
(�97 wt%), aluminum(III) chloride hexahydrate (�99 wt%),
hydrochloric acid (HCl, 37 wt%), and sodium hydroxide (NaOH,
�98 wt%) were obtained from Merck (St. Louis, MO, USA). 3,4-
dihydroxybenzoic acid (�98 wt%) and 2,4,6-trihydroxybenzoic
acid (�98 wt%) were purchased from TCI Europe NV (Zwijndrecht,
Belgium). Luteolin (�98 wt%) was purchased from Extrasynthese
(Genay, France). Chromium(III) chloride hexahydrate (�98 wt%),
manganese(II) chloride (�97 wt%), iron(III) chloride hexahydrate
(�97 wt%), cobalt(II) chloride hexahydrate (�98 wt%), nickel(II)
chloride hexahydrate (�97 wt%), and zinc(II) chloride (�98 wt%)
were purchased from Thermo Fisher Scientific (San Jose, CA,
USA). Ethanol (EtOH) was obtained fromMerck Millipore (Billerica,
MA, USA). ULC-MS grade acetonitrile (ACN) and water, both con-
taining 0.1 % (v/v) formic acid (FA) were purchased from Biosolve
(Valkenswaard, The Netherlands). Water for other purposes than
UHPLC was prepared using a Milli-Q water purification system
(Merck Millipore, Billerica, MA, USA).

Fig. 1. Flavonoids investigated in this study: (a) quercetin and (b) luteolin. The possible metal binding sites are shown for both ligands.
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2.2. Incubation of flavonoids in presence of metal ions

Stock solutions of each metal cation were prepared at 2.0 mM in
water. For incubations, a known amount of flavonoid was added
(i.e., 3.18 mg of quercetin or 2.86 mg of luteolin) in 10 mL of water,
consisting of 5 mL of metal stock solutions and 5 mL of water, to
obtain a final concentration of 1.0 mM for flavonoid and metal.
Subsequently, each sample was adjusted to pH 4 or 7.4 using
0.05 M HCl and/or 0.05 M NaOH; the pH was maintained constant
during the experiments by automatic addition of 0.05 M HCl and/
or 0.05 M NaOH using a pH-stat device (Metrohm, Herisau,
Switzerland). This experimental approach was chosen as buffer
compounds can cause interference with complexation and oxida-
tion reactions [34,35]. After pH adjustment, the samples were incu-
bated at 37 �C and under magnetic stirring (i.e., 300 rpm).
Incubations were performed under atmospheric oxygen concentra-
tions; no measures were taken to reduce oxygen levels. The incu-
bations were stopped after 24 h and the samples were
centrifuged (10 min, 15,000 � g). The supernatants were separated
from the solid to obtain the water soluble (WS) fractions. The solid
fractions were solubilized with pure EtOH. The resulting suspen-
sions were centrifuged once more (10 min, 15,000 � g) and the
supernatants were separated to obtain the EtOH soluble (ES) frac-
tion. The WS and ES fractions were analyzed by UV–Vis (section
2.4) and RP-UHPLC-ESI-ITMS (section 2.5 and 2.6).

2.3. Incubation of quercetin with metal ions in H2
18O

To obtain more insight into the pathway(s) of metal-induced
quercetin degradation, the incubations were also performed in a
50/50 (v/v) mixture of H2

18O/H2O. Fifty lL of each metal stock solu-
tion in H2O was thoroughly mixed with 50 lL of quercetin in H2

18O
to obtain a final concentration of 1.0 mM metal and quercetin and
50/50 (v/v) of H2

18O/H2O. The pH of samples was adjusted to � 7.4,
by using the same experimental approach described previously.
Each sample was then incubated for 24 h at 37 �C and centrifuged
(10 min, 15,000 � g). Incubations of the quercetin metal solutions
in H2

18O were performed under atmospheric oxygen concentra-
tions; no measures were taken to reduce oxygen levels. To check
whether spontaneous 16O/18O exchange occurred in the main quer-
cetin oxidation products (i.e., 3,4-dihydroxybenzocic acid and
2,4,6-trihydroxybenzoic acid [32]), we carried out control experi-
ments where we incubated 3,4-dihydroxybenzoic acid and 2,4,6-
trihydroxybenzoic acid with metal stock solutions to obtain a final
concentration of 0.1 mM of 3,4-dihydroxybenzoic acid or 2,4,6-
trihydroxybenzoic acid, 1.0 mM metal and 50/50 (v/v) of H2

18O/
H2O. These samples were analyzed by RP-UHPLC-ESI-FTMS (sec-
tion 2.5 and 2.7).

2.4. Monitoring complexation and oxidation by UV–Vis spectroscopy

The effect of metal addition on the complexation and on the
oxidation reactions was monitored using UV–Vis spectroscopy.
Spectra of the WS and ES fraction appropriate dilution were
obtained with a ScientificTM GenesysTM 150 UV–Vis spectrophotome-
ter, using a high precision quartz cell with a 10 mm light path
(Hellma Analytics). Spectra were recorded at room temperature
in the range from 210 to 650 nm. Not all samples were diluted sim-
ilarly, therefore these data were only used for qualitative compar-
isons. The UV–Vis spectra were analyzed using a deconvolution
program (Origin, Version 2022). The deconvolution of spectra for
the systems containing the metal cations is useful to identify the
presence of new bands and/or the shift of the characteristic flavo-
noid bands.

2.5. Separation of flavonoids and oxidation products by reversed phase
liquid chromatography (RP-UHPLC)

Flavonoids and their oxidation products in the WS and ES frac-
tions were separated on a Thermo Vanquish UHPLC system
(Thermo Scientific, San Jose, CA, USA) equipped with an autosam-
pler, a pump, a degasser, and a photodiode array (PDA) detector.
The injection volume, column, temperature, eluents, and gradient
elution program was used as reported in Method S1 (supplemen-
tary information). The PDA detector was set to measure the wave-
length range of 190 – 680 nm. Quantification of each flavonoid in
the WS and ES fraction was performed based on PDA peak area
(i.e., 280 nm) and an external calibration curve of the correspond-
ing authentic standard (0.03–1.0 mM, in duplicate, R2 � 0.999).

2.6. Electrospray ionization ion trap mass spectrometry (ESI-ITMSn)

Mass spectrometric data of the flavonoids and their oxidation
products were acquired using an LTQ Velos Pro linear ion trap mass
spectrometer (Thermo Scientific) equipped with a heated electro-
spray ionization (ESI) probe coupled in-line to the Vanquish UHPLC
system as described elsewhere [32].

To evaluate the metal-flavonoid complexes the WS and ES solu-
tions at pH 4 and 7.4 were directly infused (30 lL min�1) in the MS.
The capillary voltage was set to 4.0 kV and 2.5 kV in positive (PI)
and negative ionization mode (NI), respectively. The sample cone
was operated at 30 V and 40 V for PI and NI, respectively, with
the source temperature set at 150 �C. MS and MS2 spectra were
acquired between m/z 100–1500 for 0.5 min. The trap collision
energy was varied between 20 and 35 V in MS2 mode. Data were
processed using Xcalibur 4.1 (Thermo Scientific).

2.7. Electrospray ionization hybrid quadrupole Orbitrap mass
spectrometry (ESI-FTMSn)

Accurate mass data were acquired using a Thermo Q Exactive
Focus hybrid quadrupole-Orbitrap Fourier transform mass spec-
trometer (FTMS) (Thermo Scientific) equipped with a heated ESI
probe coupled in-line to the Vanquish UHPLC system. Prior to anal-
ysis, the mass spectrometer was calibrated in the negative and pos-
itive ionization mode using Tune 2.11 (Thermo Scientific) by
injection of Pierce negative and positive ion calibration solutions
(Thermo Scientific). Gas flows and source conditions were the
same as for ESI-ITMS. Full MS and higher energy collisional disso-
ciation (HCD) fragmentation data were recorded at 70.000 and
35.000 resolution, respectively. Normalized collision energy was
35 %. MSn fragmentation was performed on the most intense pro-
duct ion in the MSn�1 spectrum and known quercetin degradation
products [32] were inserted in an inclusion list. Data were pro-
cessed using Xcalibur 4.1 (Thermo Scientific).

2.8. 1H NMR analysis of metal-flavonoid systems

NMR Spectra of the ES were recorded on a Bruker AVANCE
700 MHz NMR spectrometer (Bruker BioSpin, Rheinstetten, Ger-
many). EtOH was evaporated under nitrogen flow and the solid
was dissolved in 0.5 mL DMSO d6 (99.8 atom%, Isotec) and dried
with 3 Å deuterated molecular sieves. 1H NMR spectra were
recorded at a probe temperature of 300 K. The spectral width
was 15 ppm with an off-set of 7.5 ppm (dH 15 to 0 ppm), 128 scans
were recorded. The solvent peak (DMSO d6) was used as an internal
reference (dH 2.49 ppm). Data acquisition and processing was per-
formed using Topspin 4.1.3 (Bruker).
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3. Results and discussion

3.1. Characterization of metal-flavonoid complexes

First, complexation of quercetin and luteolin with Cr(III), Mn(II),
Fe(III), Co(II), Ni(II), Cu(II), Zn(II), and Al(III) was studied. Hereto,
the water soluble (WS) and ethanol soluble (ES) fractions were
recovered after the incubation experiments and were character-
ized using UV–Vis and 1H NMR spectroscopy andmass spectromet-
ric techniques.

3.1.1. Evidence for pH-, flavonoid-, and metal-dependent flavonoid-
metal complexation

The observed difference in the kmax of the absorbance bands
between the UV–Vis spectra of the quercetin blank and that of
quercetin in presence of the metal ions, at pH 4 and 7.4, provided
evidence that metal-quercetin complexes were formed (Fig. 2a-d)
[36]. More specifically, formation of new absorbance bands
between 390 and 650 nm could be ascribed to ligand-to-metal
charge transfer (LMCT) due to flavonoid-metal complexation
[23,37,38].

In the WS fraction at pH 4 and 7.4, the absorption spectrum of
the flavonoid blank differed from that of the ES fraction (Fig. 2a-d).
Quercetin is mainly recovered in the ES fraction because of its
hydrophobicity. Additional changes in the flavonoid absorption
spectra are because of the sensitivity of the transition bands to
the environment (i.e., solvent type, pH), as previously observed
from shifts in the transition bands when comparing absorption
spectra of quercetin in ethanol and water [39,40]. To obtain more
insights in the behavior of quercetin in aqueous solutions (i.e.,
WS) at pH 4 and 7.4, the absorption spectra of free flavonoid were
deconvoluted in the wavelength range from 295 to 650 nm (Fig. S1-
a-b, Tables S1 and S2), by fitting the experimental spectra with
multiple Gaussian functions (R2 > 0.99,v2 < 3�10�4). Deconvolution
revealed a band at 291 nm and two broad and less intense bands at
337 and 364 nm in WS at pH 4. The latter indicated a shift in the
cinnamoyl band compared to the ES fraction, likely because of
the higher polarity of water compared to ethanol causing a hyp-
sochromic shift. At pH 7.4, deconvolution revealed two new broad
and weak bands at 435 and 618 nm, and another sharp and more
intense band at 310 nm.

For the quercetin-metal systems also most absorbance was
observed in the ES fraction. The higher recoveries in this fraction
could be a result of the hydrophobicity of the metal-complexes
and/or neutrality. In the spectra of the quercetin-metal systems
at pH 4 in the ES fraction, only three of the studied metal cations
(i.e., Al(III), Fe(III), and Cu(II)) showed an LMCT band, whereas this
was observed for all the quercetin-metal systems at pH 7.4 (Fig. 2c-
d, Tables S1 and S2). Increased complexation at pH 7.4 was
expected because deprotonation of quercetin at this pH results in
higher affinity of quercetin towards metal ions [7,16,32]. The spec-
tral changes of WS fractions in presence of most metal cations, at
both pH 4 and 7.4, showed a new absorption band in a wavelength
range from 282 to 354 nm (Fig. 2a-b, Tables S1 and S2), which is
suggested to be a degradation product of quercetin. The appear-
ance of this band at 290 nm is likely a result of a decreased conju-
gated system in quercetin and the formation degradation products
due to oxidation [41]. These degradation products were further
investigated by UHPLC-MS in section 3.2.1. In the WS spectra for
Fe(III), Al(III), and Cr(III) at pH 4 and 7.4 (Fig. 2a-b) an LMCT
absorption band in the visible region was observed which confirms
complexation (Tables S1 and S2). These metal cations are classified
as hard Lewis acids and therefore are expected to form metal com-
plexes also at acidic pH [7,42]. Fe(III) was previously also reported
to form colored complexes with flavonoids at pH 4 [43]. Interest-

ingly, this band was also observed for Cu(II) at pH 4 and for Co
(II) at both pH values (Fig. 2a-b, Table S1 and S2), which confirms
complexation of these metal ions with flavonoids. The UV–Vis
spectra of WS and ES fractions from luteolin-metal cation systems
at pH 4 and 7.4 are shown in Fig. 3a-d. The UV–Vis spectra of the ES
fractions of the luteolin-metal systems at pH 4 were similar to that
of the luteolin blank, except for the Al(III)-luteolin system, which
showed an LMCT band in the visible light region. Similarly, at pH
7.4, luteolin systems with Al(III) and Mn(II) also featured an LMCT
band (Fig. 3c-d, Tables S3 and S4). These new absorption bands
confirm complexation of only Al(III) and Mn(II) to luteolin in the
ES fraction. The occurrence of an LMCT band resulting from
metal-luteolin complexation in the WS fractions was dependent
on metal and pH. At pH 4, complexation was observed for Al(III),
Cr(III), and Co(II), whereas at pH 7.4 complexation was observed
for Al(III), Fe(III), and Ni(II). Moreover, at pH 7.4 the cinnamoyl
band of Mn(II), Co(II), and Zn(II) also showed a bathochromic shift
as a result of the increased conjugated system due to metal com-
plexation [32].

Previously, a bathochromic shift of the cinnamoyl band for lute-
olin with Cu(II) was also reported [44]. However, in aqueous solu-
tion this was not observed at pH 4 and 7.4.

3.1.2. Stoichiometry of flavonoid-metal complexes
Presence of the metal-flavonoid complexes in the ES fractions,

and the stoichiometry of the complexes were further investigated
by direct injection ESI-ITMS analysis. With MS, charged species
can be analyzed irrespective of the nuclear spin, providing the pos-
sibility to identify paramagnetic, ferromagnetic, and antiferromag-
netic complexes [45]. The metal-flavonoid complexes were
tentatively identified based on the m/z values, MS2 fragmentation,
and isotope patterns (Table 1 and Table S5).

In the spectra of ES fractions of flavonoid-Al(III) in positive ion-
ization at pH 4 (Fig. S2) signals were detected, that were not pre-
sent in absence of Al(III), and corresponded to 1:2 and 1:3 metal:
ligand complexes. For Fe(III) with quercetin ions were observed
that were tentatively identified as a complex with a 1:3 stoichiom-
etry. At pH 7.4, quercetin complexes with Zn(II), Cu(II), Co(II) and
Ni(II) were identified in positive ionization mode in the ES fraction
(Fig. S3). These metal ions were found to form complexes with a
1:2 stoichiometry (Table 1, and Fig. S3). Additionally, for nickel a
complex with 3:2 stoichiometry was tentatively identified. For
Mn(II) we did not find metal complexes, but we did identify an
intermediate of quercetin degradation with ethanol attached to
the C2 position (Fig. S4). This molecule was also observed in the
UHPLC-MS chromatogram of the ES fraction of quercetin with
Mn(II). Because of the redox chemistry of Mn(II), it allows oxida-
tion of quercetin, resulting in the formation of a quercetin quinone
that can react with ethanol [46,47].

At pH 4, luteolin formed complexes with aluminum with M:F
stoichiometries of 1:2 and 1:3 (Fig. S5). There were no other signals
in the mass spectra that suggested formation of complexes
between luteolin and any of the other metal ions at both pH values.
However, it was previously shown that quercetin-metal complexes
were readily ionized but that for the luteolin-metal complexes
showed limited intensity [48]. Thus, the lack of detected luteolin-
metal complexes in our MS results could not be considered as evi-
dence for absence of complexation.

Our MS results slightly deviate from what was previously
reported based on potentiometric titrations [7,8,21,38,49–54], in
which it was shown that (i) at pH 4 Al(III) forms a 1:1 metal:flavo-
noid complex with quercetin and luteolin, (ii) for Fe(III) a 1:1 com-
plex was observed with luteolin, and (iii) the 1:1 and 1:2 ratios
were preferred for quercetin [7,8]. However, these potentiometric
studies only took the water soluble complex into account, whereas
the present study also analyzed the ES fractions. So, the obtained
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stoichiometries with a higher metal:flavonoid ratio, and conse-
quently a higher molecular weight and hydrophobicity, are plausi-
ble in an ethanolic environment [16,55]. We assumed that our
tentatively identified complexes were indeed present as such in
the solution and not formed during the electrospray process
[56,57], we also confirmed this previously for Fe3+-catechol com-
plexes at 1:1, 1:2, and 1:3 ratios by UV–Vis and electrospray MS
[55].

3.1.3. Metal binding sites on quercetin and luteolin
To gain further insight on the quercetin and luteolin binding

sites towards the different metal cations, 1H NMR spectra were
recorded of the ES fractions after evaporation of EtOH and redis-
solving the solids in DMSO d6. In a non-protic solvent, such as
DMSO d6, the complexation of metal to the –OH groups of the fla-
vonoid was expected to lead to a change of the proton signals from
the –OH groups [20,22,24,45,58]. The increase of the conjugated
system upon complexation is expected to result in an upfield
(shielded) shift of the proton signals [20,22]. Because of the para-
magnetic nature of Mn(II) and Al(III), the ferromagnetic nature of
Fe(III), Co(II), and Ni(II), and the antiferromagnetic nature of Cr
(III), broadening of spectral peaks, large splitting, or shielding of
the protons were expected upon complexation of flavonoid by

these metal ions. Additionally, if specific proton signals show this
broadening, splitting, or shielding, it could also be used to identify
the binding position [45,58].

In line with the spectroscopic and spectrometric data we did
not observe proton shifts in the quercetin spectra for the divalent
metal cations at pH 4 (Fig. S6 and Table S6). For Al(III), Fe(III),
and Cr(III), peak broadening and shifts in the –OH signals were
observed at pH 4 indicating the formation of complexes. For Al
(III) and Fe(III) the resonances of 40-OH and 30-OH improved, possi-
bly due to metal coordination reducing the proton exchange rate.
The upfield shift in the 30-OH indicates that the quercetin is able
to chelate Al(III) and Fe(III) at pH 4 via the 30- or 40- phenolic
groups, in line with previous findings with other metal ions
[20,59,60]. However, the shift in 3-OH signal indicated that coordi-
nation to the 3–4 site should not be excluded for Al(III) and Fe(III).
This shift in signal upon complexation was previously ascribed to
the increase of conjugation caused by the effect of coordination
[7]. For Cr(III) all signals showed some peak broadening, but no
preferred binding site could be ascribed with the current data.

For luteolin at pH 4, small differences in the peak shape in the
aromatic region were observed for all metal ions, except Zn(II)
(Fig. S7 and Table S7). Because no shifts were observed in the posi-
tions of 5-OH, H3 and H6, but differences were observed in the

Fig. 2. UV–Vis spectra of WS of quercetin-metal cation systems after 24 h incubation at pH 4 (a) and at pH 7.4 (b), and of ES of quercetin-metal cations systems at pH 4 (c) and
at pH 7.4 (d). The inset in (b) is a zoom in on the Zn(II) (grey line) and Cu(II) (light-blue line) spectra from 200 to 500 nm. Spectra can only be used for qualitative comparisons
due to differences in dilutions and solubility. (For interpretation of the references to colour in this figure legend, the reader is referred to the web version of this article.)
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Fig. 3. UV–Vis spectra of WS of luteolin-metal cations systems after 24 h incubation at pH 4 (a) and at pH 7.4 (b), and of ES of luteolin-metal cations systems at pH 4 (c) and at
pH 7.4 (d). Spectra can only be used for qualitative comparisons due to differences in dilutions and solubility.

Table 1
Tentative identification of metal-flavonoid complexes (M:F) based on ESI-ITMS.

Metal (M) pH m/z Exp. Tentatively identified complex Stoichiometry
M:F

Al(III) 4 629 [Al(III) + 2(Qa � H)]+ 1:2
969 [Al(III) + 3(Q � H) + K]+ 1:3

4 597 [Al(III) + 2(Lb � H)]+ 1: 2
653 [Al(III) + 2(L � H) + OH + K]+ 1:2
921 [Al(III) + 3(L � H) + K]+ 1:3

7.4 n.d.c n.d. n.d.
Mn(II) 4 n.d. n.d. n.d.

7.4 n.d. n.d. n.d.
Fe(III) 4 998 [Fe(II) + 2Q+(Q � H) + 2H2O]+ 1:3

7.4 n.d. n.d. n.d.
Co(II) 4 n.d. n.d. n.d.

7.4 662 [Co(II) + Q+(Q � H)]+ 1:2
Ni(II) 4 n.d. n.d. n.d.

7.4 661 [Ni(II) + Q+(Q � H)]+ 1:2
699 [Ni(II) + 2(Q � H) + K]+

773 [3Ni(II) +(Q-2H)+(Q � 3H)]+ 3:2
Cu(II) 4 n.d. n.d. n.d.

7.4 704 [Cu(II) + 2(Q � H) + K]+ 1:2
688 [Cu(II) + 2(Q � H) + Na]

Zn(II) 4 n.d. n.d. n.d.
7.4 705 [Zn(II) + 2(Q � H) + K]+ 1:2

a Quercetin, b Luteolin, c n.d., not detected with the ESI-ITMS setup.
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peaks of 40-OH and 30-OH we interpret that the 30-40 binding site is
the preferred one for these metal ions at pH 4.

Complexation of the deprotonated flavonoids with the transi-
tion metal cations at pH 7.4 resulted in a broadening of some OH
signals in the region from 13 to 9 ppm, and in a broadening and/
or disappearance of several proton signals in the aromatic region
(i.e., from 8 to 6 ppm) (Figs. S8-S9 and Tables S8-S9). All the sys-
tems with quercetin at pH 7.4 showed a shift in the 3-OH position,
suggesting binding to the 3–4 site. Furthermore, the shifts in signal
for 40-OH and the protons on the B-ring suggest binding on the 30-
40 sites for all metal ions as well. Finally, the 5–4 site could be
excluded in the systems of Al(III) and Ni(II), whereas for the other
metal cations also this coordination site is possible (Fig. S8 and
Table S8).

For luteolin, at pH 7.4, the 1H NMR data also suggested coordi-
nation to the 30-40 site for all metal ions. With the exception of Al
(III), all the other metal cations coordinated to the 4–5 site as well,
as is indicated by the shift and/or broadening of the 5-OH signal
(Fig. S9 and Table S9). These results showed that at pH 7.4 most
of the metal ions show no preference towards the available binding
sites. This absence of a preferred binding site may also explain why
contradictory results were reported in literature regarding the pre-
ferred binding sites [21,23,38,50,61] and are in line with our previ-
ous findings using a computational approach [7].

Fig. 4 summarizes the findings of this work regarding the metal
complexation in aqueous solutions by quercetin and luteolin at pH
4 and 7.4. The spectral changes by UV–Vis showed that in slightly
acidic conditions (i.e., pH 4) quercetin and luteolin are suitable

chelators for trivalent metal cations. The coordination sites as
determined by 1H NMR showed no preference towards the 3–4
or 30-40 binding sites for quercetin at both pH values. Coordination
to the 4–5 binding site at pH 7.4 was also included for all metal
ions except for Al(III) and Ni(II). The stoichiometric data that could
be obtained for quercetin showed that the divalent metal cations
are most likely to coordinate in a 1:2 stoichiometry whereas the
trivalent metal ions also showed coordination in a 1:3 fashion.
These results demonstrate that the metal complexation and the
binding sites are highly dependent on the pH as well as on the nat-
ure of the metal ion.

3.2. Reactivity of metal-flavonoid complexes

Ideal chelators should be resistant to metal-induced degrada-
tion reactions (e.g. via hydrolysis, reduction or oxidation). Com-
plexation of flavonoids by metal ions can, however, be followed
up by electron transfer reactions that oxidize flavonoids, which
then undergo further degradation [26]. To provide detailed insights
into the oxidation and degradation of luteolin and quercetin, the
formation of degradation products was monitored by RP-UHPLC-
PDA-ESI-MSn at both pH 4 and 7.4.

3.2.1. Stability of the flavonoids in presence of metal ions in aqueous
solution

The recovery of quercetin and luteolin in presence of metal
cations was quantified using RP-UHPLC-PDA-ESI-MSn at various
timepoints of the incubation. Flavonoid recoveries for all metal-

Fig. 4. Overview of characteristics of the metal chelates for quercetin and luteolin at pH 4 and 7.4. M:F, metal:flavonoid.
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flavonoid systems were higher at pH 4 than at pH 7.4, except for Cr
(III) and Zn(II) (Fig. 5a and Fig. S10). The decreased recovery in the
WS and ES fraction after incubation with metal ions can either be a
result from oxidation, or from the formation of insoluble metal-
phenolic networks [32].

The chromatograms of luteolin in the absence and presence of
metal cations, at pH 4 and 7.4, after 24 h of incubation (Figs. S11
and S12) did not show any degradation or coupling products. The
decrease in luteolin recovery at pH 7.4 (Fig. S10) is therefore sug-
gested to be due to the formation of insoluble complexes or net-
works rather than (oxidative) degradation or coupling reactions.
Formation of these networks was previously described for luteolin
in presence of Fe(III) [32]. For quercetin the recovery at pH 7.4
decreased in the order of Zn(II) > Cr(III) > Cu(II) > Co(II) > Al(III) >
Fe(III) > Ni(II) > Mn(II). No direct relation between the recovery
and characteristics of the metal (Table S10), such as Lewis hard-
ness, redox potential, ionic radius, or the number of empty shells
in the d-orbital, was found.

The chromatograms of the quercetin-containing systems
showed that aqueous incubation resulted in the formation of
new peaks (Figs. S13 and S14). The peaks were tentatively identi-
fied based on spectroscopic and spectrometric data (Table S11)
[32]. These identified compounds were previously also reported
as oxidative products of quercetin [62]. In the ES fractions we
observed one peak with a difference in m/z of 16 amu: this peak
was identified as oxidized quercetin (Que Ox), a hydroxylated
intermediate of quercetin degradation [32]. In the WS fractions
at pH 4 and 7.4, we detected 3,4-dihydroxybenzoic acid (3,4-
DHBA; protocatechuic acid), 2,4,6-trihydroxyphenylglyoxylic acid
(2,4,6-THPGA; phloroglucinol carboxylic acid), and 2,4,6-
trihydroxybenzoic acid (2,4,6-THBA). An overview of the peak
areas of the main characteristic degradation products for quercetin
in presence of the different metal ions at pH 4 and 7.4 is shown in
Fig. 5 (b-c).

Depending on pH and the type of metal, different degradation
products and ratios of the oxidation products were observed: at

pH 4 the main product in absence of metal ions was Que Ox, while
we observed formation of degradation products only in presence of
Al(III), Mn(II), Fe(III), and Cu(II). As these were the metal ions that
were able form complexes with quercetin at pH 4 (Section 3.1),
these results confirm that metal complexation could induce flavo-
noid degradation.

At pH 7.4 more oxidation products were identified in presence
of the trivalent metal cations Cr(III), Fe(III), and Al(III) compared
to the blanks and also to divalent ones. For Mn(II), Ni(II), and Co
(II) we observed a decrease in recovery of quercetin of 80, 64,
and 32 % compared to the quercetin blank, respectively. However,
we did not observe increased quantities of degradation products in
these samples. Several new peaks were detected in the UV280 chro-
matograms of these samples, but we could not identify the prod-
ucts in the MS chromatograms due to a lack of signal in the MS
chromatograms. Given their relatively low polarity, we assume
that these UV peaks at 280 nm also correspond to oxidative degra-
dation products, and they are named ‘other’ in Fig. 5 (b-c). More-
over, the decrease in recovery of these samples can also be due
to the formation of insoluble metal-flavonoid complexes or net-
works. Even after addition of EtOH a black precipitate remained,
which was previously also observed for iron-flavonoid networks
[32].

Interestingly, for Zn(II) no lower recovery was observed after
24 h incubation and less oxidation product was observed com-
pared to the blank quercetin. These results indicate that Zn(II) is
no oxidizing agent for quercetin, in line with literature [24,63].
This can be explained by the fact that the 3d orbital of zinc contains
10 electrons and is filled, which makes electron transfer from quer-
cetin to zinc unfavorable. Also for Cu(II), no degradation products
were observed and the recovery at pH 7.4 did also not show a steep
decrease. Considering the lower recovery of intact quercetin at pH
7.4 for Fe(III), Mn(II), and Ni(II) compared to the other metal
cations (Fig. 5a), the oxidation reaction was further investigated
by incubation of these systems with Fe(III), Mn(II), and Ni(II) for
8 and 48 h (Fig. S15). All the identified oxidation products reached

Fig. 5. Recovery based on the sum of the concentrations measured in the WS and ES fraction of the quercetin blank and quercetin metal systems after incubation in aqueous
solutions at pH 4 and 7.4 (a); the dotted line indicates the starting concentration of quercetin (i.e., 1.0 mM). Sum of the UV280 nm peak areas measured in the WS and ES UV for
the degradation products after 24 h of incubation of quercetin and quercetin-metal cations systems at pH 4 (b) and pH 7.4 (c).
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Fig. 6. Putative pathways of quercetin oxidation in H2
18O labeled water after metal coordination; quercetin oxygenation reaction pathway involving the incorporation of an

oxygen atom and quercetin hydroxylation reaction pathway involving the incorporation of hydroxyl (a); theoretical abundances of labeled oxidation products according to
the oxygenation and hydroxylation mechanism and the experimental values observed as an average of all quercetin-metal incubations with the error bar indicating the
differences between the different metal samples (b); fragmentation of single labeled 3,4-DHBA and 2,4,6-THPGA, indicating that the 18O oxygen is present on the carboxylic
acid moiety (c).
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a maximum value after 24 h of incubation whereupon they
decreased or disappeared. These results imply that the formed
3,4-DHBA, 2,4,6-THPGA and 2,4,6-THBA are intermediate reaction
products that can be further oxidized towards products that were
not observed by RP-UHPLC-PDA-MSn. Overall, these findings show
that luteolin is resistant towards oxidative degradation reactions
upon metal-complexation with the metal ions tested in this study.
Quercetin-metal complexes show degradation within 24 h in aque-
ous solution at pH 7.4 in presence of Al(III), Cr(III), Mn(II), Fe(III), Co
(II), and Ni(II).

3.2.2. Insights into the metal-mediated oxidation of quercetin
Results of present study show that the established chelator

quercetin is prone to oxidative reactions at physiological pH in
aqueous solution. Upon (metal-mediated) oxidation of flavonoids
an oxygen atom is introduced, for which different origins (e.g.,O2

or H2O) have been proposed [32,64–67]. To better understand
whether quercetin oxidation and degradation in aqueous solutions
are dependent on O2 or H2O we aimed to identify the origin of the
oxygen atom by performing the reaction in H2

18O in presence of
atmospheric oxygen (i.e. 16O). This is valuable information to better
understand if the metal-mediated oxidative degradation can also
occur in the anaerobic conditions in the colon at physiological
pH [68,69]. The proposed oxidation pathways and degradation
products, involving oxygenation and/or hydroxylation, after incu-
bation in H2

18O are shown in Fig. 6a. While the two putative oxida-
tive pathways via oxygenation or hydroxylation can yield similar
reaction products, the products will show a distinct 18O-labeling
pattern (Fig. 6a). If upon hydroxylation one oxygen atom from
H2

18O is incorporated, the product will be observed with an m/z
value of 2 Da higher as compared to an incorporation from O2, if
two 18O oxygen atoms are incorporated them/z will be 4 Da higher
compared to incorporation from O2.

We calculated the theoretical abundance of the 18O isotopes in
3,4-DHBA, 2,4,6-THBA, and 2,4,6-THPGA according to the oxygena-
tion and hydroxylation mechanism and compared these to the
experimentally obtained abundances (Fig. 6b). For the calculation
of the theoretical values, we corrected for the fact that the incuba-
tions were performed in 50 vol% H2

18O (Table S12).
The experimental labeling of 3,4-DHBA after incubation of quer-

cetin with the different metal ions showed a similar profile as the
theoretical one of the hydroxylation mechanism. However, the
presence of 2,4,6-THBA was linked to the oxygenation mechanism.
For 2,4,6-THPGA we observed more labeling then was theoretically
assumed based on the putative pathways of quercetin, we found
experimental m/z values corresponding to the m/z of the pheno-
lic + 2, + 4 and + 6 Da (Fig. 6b), indicating the presence of one,
two or three 18O atoms on the phenolic acids, respectively.

Besides labeling of the carboxylic acid groups as a result of
hydrolysis during the oxidation reaction, the labeling may also
be a result of 16O/18O exchange. Previously we observed 16O/18O
exchange of catechol motifs in H2

18O in presence of transition metal
cations [70]. However, the MS2 fragmentation of 3,4-DHBA as
degradative products from quercetin confirmed that the 18O label
on the products that are formed from quercetin are present on
the carboxylic acid group rather than the catecholate moiety
(Fig. 6c; Fig. S16). The MS2 fragmentation patterns of 3,4-DHBA
therefore indicates that the labeling observed in the quercetin oxi-
dation products is resulting from a hydrolysis reaction rather than
16O/18O exchange of the catechol motif. For 2,4,6- THPGA we also
confirmed that the labels were present on the glyoxylic acid group.
However, it should be noted that the high experimental labeling
values obtained for 2,4,6-THPGA can be a result of from sponta-
neous 16O/18O exchange on the glyoxylic acid moiety. The extra
carbonyl group makes the glyoxylic acid moiety more electrophilic

than the carboxylic acid moiety of 3,4-DHBA, and therefore more
prone to 16O/18O exchange via reversible addition of water.

Based on the obtained experimental abundances of the labeled
oxidation products in comparison with the theoretical values of the
oxygenation or hydroxylation mechanism, we cannot yet make a
conclusion about the origin of oxygen and the preferred quercetin
oxidation pathway in presence of metal ions. Thus, it seems plau-
sible that these two degradation mechanisms may occur concur-
rently and possibly not exclusively. In presence of trivalent metal
cations (Cr(III), Al(III), and Fe(III)), relatively more 2,4,6-THPGA
was observed compared to the other metal cations (Fig. 5c). Forma-
tion of more 2,4,6-THPGA for the trivalent metal ions hints that the
hydroxylation pathway (Fig. 6b) is the preferred pathway for quer-
cetin oxidation in presence of Al(III), Cr(III), and Fe(III). Future work
should further investigate the fate of these flavonoid-metal che-
lates in vivo in the gastrointestinal tract.

3.3. Characteristics of metal chelates and effects on flavonoid oxidation

In choosing the ideal chelator for metal ions at acidic and neu-
tral pH, the ability of the flavonoids to chelate them and the stabil-
ity of the formed complex against subsequent oxidation reactions
in aqueous solutions should be considered. Table 2 shows an over-
view of the preferred flavonoid-metal chelation systems at pH 4
and pH 7.4. At pH 4, both quercetin and luteolin are suitable chela-
tors for the trivalent metal cations Al(III), Cr(III), and Fe(III). Addi-
tionally, quercetin can also chelate Co(II) and Cu(II). The other
metal ions are not chelated at pH 4 by the flavonoids investigated
in this work. We propose that luteolin is the best ligand for the
chelation of Al(III), Cr(III), Mn(II), Fe(III), Co(II), and Ni(II) at physi-
ological pH (i.e., 7.4), because it is less prone to oxidative degrada-
tion reactions compared to quercetin. For the chelation of Cu(II)
and Zn(II) at physiological pH, both quercetin and luteolin are suit-
able chelators. These metal ions appear to be no oxidizing agent for
quercetin.

4. Conclusions

This is the first study to investigate the complexation and oxi-
dation of quercetin and luteolin in presence of Cr(III), Mn(II), Fe
(III), Co(II), Ni(II), Cu(II), Zn(II), and Al(III) in aqueous solution, at
pH 4 and 7.4. Deprotonation of the hydroxyl groups at neutral
pH resulted in more complexation at pH 7.4 than pH 4. At pH
7.4, representing the physiological pH, all metal ions showed com-

Table 2
Proposed guideline of the preferred flavonoid-metal chelation systems in aqueous
solutions at pH 4 and 7.4. For each of the metal ions it is indicated if quercetin (Q) or
luteolin (L) is complexing, if oxidation occurs for Q or L or is not detected (n.d.) and
what the proposed chelator is.

pH Metal Complexation Oxidation Proposed chelator

4 Al(III) Q + L no Q + L
Cr(III) Q + L n.d. Q + L
Mn(II) n.d. n.d. none
Fe(III) Q + L n.d. none
Co(II) Q n.d. Q
Ni(II) n.d. n.d. none
Cu(II) Q n.d. Q
Zn(II) n.d. n.d. none

7.4 Al(III) Q + L Q L
Cr(III) Q + L Q L
Mn(II) Q + L Q L
Fe(III) Q + L Q L
Co(II) Q + L Q L
Ni(II) Q + L Q L
Cu(II) Q + L n.d. Q + L
Zn(II) Q + L n.d. Q + L
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plexation with quercetin and luteolin although the binding site,
stoichiometry, and oxidative stability were metal and flavonoid
dependent. Most of the investigated metal ions, except for Al(III)
and Ni(II), did not show any binding site preference. Chelation of
metal ions by quercetin, but not luteolin, was followed by metal-
mediated oxidation reactions. At pH 7.4, the presence of the
selected metal cations (except for Zn(II), and Cu(II)) catalyzes this
oxidation reaction. Investigation of the oxidation pathway by per-
forming the incubations in H2

18O hints that from the suggested
putative pathways of oxidation, the H2O-dependent hydroxylation
mechanism is preferred in presence of the trivalent metal cations.
The findings suggest that quercetin oxidation in presence of the
divalent ones can occur by either hydroxylation and/or oxygena-
tion. This study shows that luteolin is a suitable flavonoid for
chelation of first-row transition metal cations and Al(III), allowing
the formation of stable complexes in aqueous solutions at physio-
logical pH without degradation of the flavonoid.
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Method S1.  

RP-UHPLC Settings 

Sample (1 µL) was injected on an Acquity UPLC BEH C18 column (150 mm × 2.1 mm i.d., 1.7 µm) 

with a VanGuard (5 mm × 2.1 mm i.d., 1.7 µm) guard column of the same material (Waters, Milford, 

MA). Water (A) and acetonitrile (B), both acidified with 0.1 % (v/v) formic acid, were used as eluents. 

The flow rate was 400 µL min−1, and the temperature of the column oven was 45 °C with the post-

column cooler set to 40 °C.  

The following elution profile was used: 0.00–1.09 min, isocratic at 1 % (v/v) B; 1.09–20.72 min, 

linear gradient from 1 to 55 % (v/v) B; 20.72–21.81 min linear gradient from 55 to 100 % (v/v) B; 

21.81–27.26 min isocratic at 100 % (v/v) B; 27.26–28.35 min linear gradient from 100 to 1 % (v/v) 

B; 28.35–33.81 min isocratic at 1 % (v/v) B.  
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Table S1. Maximum absorbance wavelengths (λmax) of quercetin after 24 hours incubation in the 

absence and presence of metal ions at pH 4. 

 WS ES 

Metal Benzoyl Degradation 

Product 

Cinnamoyl  LMCT Benzoyl Cinnamoyl  LMCT 

Blank 256 291 337, 364 - 257  378 (307)a - 

Al(III) 269 - 344 431 257  374 (307) 443 

Cr(III) 248 - 354, 441  466, 581 257  378 (306) - 

Mn(II) 255 289 337, 365 - 258  378 (305) - 

Fe(III) - 294  - 532 257  375 (312) 464 

Co(II) 253 292 315, 371  494 256  375 (307) - 

Ni(II) 254 288 352, 379 - 257  378 (306) - 

Cu(II)  -  297 -  533 258 369 (307) 390 

Zn(II) 256 292 336, 364 - 256 377 (307) - 
a the value in between brackets is the less intense absorption band.  

 

Table S2. Maximum absorbance wavelengths (λmax) of quercetin after 24 hours incubation in the 

absence and presence of metal ions at pH 7.4. 

 WS ES 

Metal Benzoyl Degradation 

Product 

Cinnamoyl  LMCT Benzoyl Cinnamoyl  LMCT 

Blank 251 291 310, 435, 

618 

- 256  377 (307)a - 

Al(III) 234 354 432  566 257  375 (312) 445 

Cr(III) 252 300 409  464 256 375 (306) 505 

Mn(II) 244 282 - - 257  374 (292) 445 

Fe(III) 257 298 396  507 256  374 (309) 461 

Co(II) 244 284 - 637 257 375 (310) 441 

Ni(II) 253 283 432 - 257  374 (292) 440 

Cu(II)  269 305 415 - 257  374 (288) 438 

Zn(II) 250 - 319 - 257 375 (291) 435 
a the value in between brackets is the less intense absorption band.  
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Fig. S1. Deconvolution analysis of WS fractions of the spectrum of quercetin at pH 4 (a) and 7.4 (b). 
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Table S3. Maximum absorbance wavelengths (λmax) of luteolin after 24 hours incubation in the 

absence and presence of metal ions at pH 4.  

 WS ES 

Metal Benzoyl Cinnamoyl  LMCT Benzoyl Cinnamoyl  LMCT 

Blank 253 (264)  346 (289) - 256 (267)a  355 (295) - 

Al(III) (269) 355 407 259 (269)  351 (288) 417 

Cr(III) 255 349 444, 583 254 (267)  354 (296) - 

Mn(II) 254 (264) 345 (289) - 255 (267)  355 (295) - 

Fe(III) 254 (264)  347 (287) - 255 (267)  354 (295) - 

Co(II) 255 (264)  349 (246) 505, 647 254 (267)  354 (295) - 

Ni(II) 253 (265)  347 (288) - 255 (267)  357 (296) - 

Cu(II) 254 (265)  345 (290) - 255 (267) 355 (295) - 

Zn(II) 254 (265)  346 (289) - 254 (267)  353 (296) - 
a the value in between brackets is the less intense absorption band.  

 

Table S4. Maximum absorbance wavelengths (λmax) of luteolin after 24 hours incubation in the 

absence and presence of metal ions at pH 7.4. 

 WS ES 

Metal Benzoyl Cinnamoyl  LMCT Benzoyl Cinnamoyl  LMCT 

Blank 267 362 - 256 

(268)a 

 353 (296) - 

Al(III) 268 288 407 256 (268)  355 (250) 423 

Cr(III) 267 362 - 255 (268)  353 (295) - 

Mn(II) 266  372 (314) - 257 (267)  355 (285) 418 

Fe(III) 267 357 563 256 (267)  353 (295) - 

Co(II) 269  377 (309) - 255 (267)  352 (295) - 

Ni(II) 267 369 588 256 (267)  352 (296) - 

Cu(II)  264 - - 255 (267) 352 (295) - 

Zn(II) 268  378 (319) - 256 (268)  353 (295) - 
a the value in between brackets is the less intense absorption band.  



S8 

 

 

Table S5. Tentatively identified flavonoid metal complexes with corresponding experimental and theoretical mass-to-charge ratios (m/z) and isotope abundances, 

as well as the fragments and neutral losses used to tentatively identify the complex.  

m/z  Isotopes m/z Isotope abundance MS2 dataa 

Experimental Tentatively identified complex  Exp. Theoretical Exp. Theoretical Fragments 

m/z 

Neutral losses 

(amu) 

629 [Al(III)+2(Q−H)]+ 12C30H18O14
27Al 

12C29
13CH18O14

27Al 
12C28

13C2H18O14
27Al 

629 

630 

631 

629 

630 

631 

100% 

32% 

8% 

100% 

33% 

8% 

601, 573, 

327 

28 (CO) 

56 (C4H8) 

302 (Quer) 

969 [Al(III)+3(Q−H)+K]+ 12C45H27O21K27Al 
12C44

13CH27O21K27Al 
12C43

13C2H27O21K27Al 

969 

970 

971 

969 

970 

971 

100% 

49% 

24% 

100% 

50% 

24% 

667 302 (Quer) 

998 [Fe(II)+2Q+(Q−H)+2(H2O)]+ 12C45H33O23
56Fe 

12C44
13CH33O23

56Fe 
12C43

13C2H33O23
56Fe 

12C45H33O23
45Fe 

998 

999 

1000 

996 

998 

999 

1000 

996 

100% 

53% 

25% 

7% 

100% 

50% 

18% 

6% 

696 302 (Quer) 

705 (Zn(II)+2(Q−H)+K]+ 12C30H18O14K64Zn 
12C30H18O14K66Zn 
12C30H18O14K68Zn 
12C29

13CH18O14K64Zn 
12C29

13CH18O14K66Zn 

705 

707 

709 

706 

708 

705 

707 

709 

706 

708 

100% 

73% 

42% 

33% 

31% 

100% 

72% 

50% 

33% 

30% 

687, 677, 

669, 659, 

631, 555 

18 (H2O) 

28 (CO) 

36 (2H2O) 

46 (COOH2) 

74 (C3H6O2) 

150 

688 [Cu(II)+2(Q−H)+Na]+ 12C30H18O14Na63Cu 
12C30H18O14Na65Cu 
12C29

13CH18O14Na63Cu 
12C29

13CH18O14Na65Cu 

688 

690 

689 

691 

688 

690 

689 

691 

100% 

54% 

33% 

17% 

100% 

53% 

33% 

16% 

  

704 [Cu(II)+2(Q−H)+K]+ 12C30H18O14K63Cu 
12C30H18O14K65Cu 
12C29

13CH18O14K63Cu 
12C29

13CH18O14K65Cu 

704 

706 

705 

707 

704 

706 

705 

707 

100% 

58% 

32% 

17% 

100% 

60% 

33% 

19% 

686, 676, 

402, 340 

18 (H2O) 

28 (CO) 

302 (Quer) 

364 (Cu-Quer) 

661 [Ni(II)+Q+(Q−H)]+ 12C30H19O14
58Ni 

12C30H19O14
60Ni 

12C29
13CH19O14

58Ni 
12C29

13CH19O14
60Ni 

12C30H19O14
62Ni or 

12C28
13C2H19O14

60Ni 

661 

663 

662 

664 

665 

661 

663 

662 

664 

665 

100% 

47% 

36% 

16% 

9% 

100% 

48% 

33% 

16% 

9% 

633, 359 28 (CO) 

302 (Quer) 
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699 [Ni(II)+2(Q−H)+K]+ 12C30H18O14K58Ni 
12C30H18O14K60Ni 
12C29

13CH18O14K58Ni 
12C29

13CH18O14K60Ni 

 

 

699 

701 

700 

702 

699 

701 

700 

702 

100% 

53% 

34% 

18% 

100% 

54% 

33% 

18% 

681, 671, 

663, 643, 

625, 549 

18 (H2O) 

28 (CO) 

36 (2H2O) 

56 (C4H8) 

74 (C3H6O2) 

150 

773 [3Ni(II)+(Q−2H)+(Q−3H)]+ 12C30H15O14
58Ni3 

12C30H15O14
58Ni2

60Ni 
12C30H15O14

58Ni60Ni2 
12C29

13CH15O14
58Ni3 

12C29
13CH15O14

58Ni2
60Ni 

773 

775 

777 

774 

776 

773 

775 

777 

774 

776 

100% 

98% 

41% 

37% 

34% 

87% 

100% 

39% 

29% 

38% 

737, 699 36(2H2O) 

74(C3H6O2) 

 

662 [Co(II)+Q+(Q−H)]+ 12C30H19O14
59Co 

12C29
13CH19O14

59Co 
12C28

13C2H19O14
59Co 

662 

663 

664 

662 

663 

664 

100% 

33% 

8% 

100% 

33% 

8% 

634, 588, 

512, 360 

28 (CO) 

74 (C3H6O2) 

150 

302 (Quer) 

807 Unidentified Co(II) complex  807 

808 

809 

 100% 

42% 

13% 

   

597 [Al(III)+2(L−H)]+ 12C30H18O12
27Al 

12C29
13CH18O12

27Al 
12C28

13C2H18O12
27Al 

597 

598 

599 

597 

598 

599 

100% 

32% 

8% 

100% 

33% 

8% 

569, 541 28 (CO) 

56 (C4H8) 

653 [Al(III)+2(L−H)+OH+K]+ 

 

 

12C30H19O13K27Al 
12C29

13CH19O13K27Al 
12C28

13C2H19O13K27Al 

653 

654 

655 

653 

654 

655 

100% 

33% 

16% 

100% 

33% 

15% 

  

921 [Al(III)+3(L−H)+K]+ 12C45H27O18K27Al 
12C44

13CH27O18K27Al 
12C43

13C2H27O18K27Al 

921 

922 

923 

921 

922 

923 

100% 

48% 

23% 

100% 

50% 

23% 

635 286 (Lut) 

a Fragments are derived from fragmentation of the most abundant isotopic species detected. 
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Fig. S2 Electrospray ionization mass spectra in positive mode of the ES fraction from quercetin in absence or 

presence of metal cations at pH 4. The grey m/z values were also found in the quercetin blank in absence of 

the metal ions, the bold black m/z values were formed in presence of the metal and tentatively identified. 
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Fig. S3 Electrospray ionisation mass spectra in positive mode of the ES fraction from quercetin in absence or 

presence of metal cations at pH 7.4. The grey m/z values were also found in the quercetin blank in absence of 

the metal ions, the bold black m/z values were formed in presence of the metal and tentatively identified. 
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Fig. S4 Electrospray ionisation mass spectra in negative mode of the ES fraction from quercetin in absence 

or presence of metal cations at pH 7.4. The grey m/z values were also found in the quercetin blank in absence 

of the metal ions, the bold orange m/z values in the Mn(II) containing sample were tentatively identified as 

an ethanol intermediate of quercetin degradation (see inset). 
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Fig. S5 Electrospray ionization mass spectra in positive mode of the ES fraction from luteolin in absence or 

presence of metal cations at pH 4. The grey m/z values were also found in the luteolin blank in absence of the 

metal ions, the bold black m/z values were formed in presence of the metal and tentatively identified. 
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Figure S6. 1H NMR spectra of the quercetin blank and in presence of metal ions at pH 4 in DMSO-d6.  

Table S6. 1H NMR peak data (δh (ppm), mult. (J in Hz)) of the quercetin blank and in presence of the metal ions at pH 4 in DMSO-d6. bs, broad 

singlet; d, doublet; dd, doublet of doublets; s, singlets. 
 

5-OH 7-OH 3-OH 4′-OH 3′-OH H2′ H6′ H5′ H8 H6 

Blank 12.49, s 10.78, bs 9.56, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.41, d  (2) 6.19, d  (2) 

Al(III) 12.49, s 10.79, bs 9.59, bs 9.35, bs 9.30, bs 7.67, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.42, d  (2) 6.19, d  (2) 

Cr(III) 12.49, s 10.79, bs 9.58, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.42, bs 6.19, bs 

Mn(II) 12.49, s 10.79, bs 9.58, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.42, d  (2) 6.19, d  (2) 

Fe(III) 12.49, s 10.79, bs 9.59, bs 9.34, bs 9.29, bs 7.68, bs 7.54, bs 6.89, bs 6.42, bs 6.19, bs 

Co(II) 12.49, s 10.79, bs 9.57, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.42, d  (2) 6.19, d  (2) 

Ni(II) 12.49, s 10.79, bs 9.58, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.42, d  (2) 6.19, d  (2) 

Cu(II) 12.49, s 10.77, bs 9.57, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.41, d  (2) 6.19, d  (2) 

Zn(II) 12.49, s 10.79, bs 9.55, bs 9.34, bs 7.68, d  (2) 7.54, dd   2, (8) 6.89, d  (8) 6.42, d  (2) 6.19, d  (2) 
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Figure S7. 1H NMR spectra of the luteolin blank and in presence of the metal ions at pH 4 in DMSO-d6.  

Table S7. 1H NMR peak data (δh (ppm), mult. (J in Hz)) of the luteolin blank and in presence of the metal ions at pH 4 in DMSO-d6. bs, broad 

singlet; d, doublet; dd, doublet of doublets; s, singlets. 
 

5-OH 7-OH 4′-OH 3′-OH H2′ H6′ H5′ H3 H8 H6 

Blank 12.97, s 10.83, bs 9.67, bs 7.42, d  (2) 7.41, dd 6.90, d  (8) 6.67, s 6.46, d  (2) 6.20, d  (2) 

Al(III) 12.97, s 10.91, bs 9.95, bs 9.44, bs 7.42 d (2) 7.41, dd 6.91, d  (8) 6.67, s 6.48, d  (2) 6.21, d  (2) 

Cr(III) 12.97, s 10.82, bs 9.67, bs 7.42, d  (2) 7.41, dd 6.90, d  (8) 6.67, s 6.45, d  (2) 6.20, d  (2) 

Mn(II) 12.97, s 10.89, bs 9.93, bs 9.44, bs 7.42, d  (2) 7.41, bs 6.90, d  (8) 6.67, s 6.47, d  (2) 6.20, d  (2) 

Fe(III) 12.97, s 10.83, bs 9.91, bs 9.40, bs 7.41, bs 
 

6.90, bs 6.67, bs 6.45, bs 6.20, bs 

Co(II) 12.97, s 10.83, bs 9.91, bs 9.40, bs 7.42, d  (2) 7.41, dd 6.90, d  (8) 6.67, s 6.45, d  (2) 6.20, d  (2) 

Ni(II) 12.97, s 10.88, s 9.91, bs 9.44, bs 7.42, d  (2) 7.41, bs 6.90, d  (8) 6.67, s 6.46, d  (2) 6.20, d  (2) 

Cu(II) 12.97, s 10.83, bs 9.91, bs 9.39, bs 7.43, bs 7.42, bs 6.90, d  (8) 6.67, s 6.45, bs 6.20, bs 

Zn(II) 12.97, s 10.79, bs 9.67, bs 7.42, d  (2) 7.41, dd 6.90, d  (8) 6.67, s 6.46, d  (2) 6.20, d  (2) 
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Figure S8: 1H NMR spectra of the quercetin blank and in presence of the metal ions at pH 7.4 in DMSO-d6.  
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Table S8. 1H NMR peak data (δh (ppm), mult. (J in Hz)) of the quercetin blank and in presence of the metal ions at pH 7.4 in DMSO-d6. bs, broad 

singlet; d, doublet; dd, doublet of doublets; s, singlets. 
 

5-OH 7-OH 3-OH 4′-OH 3′-OH H2′ H6′ H5′ H8 H6 

Blank 12.49, s 10.79, s 9.56, s 9.34, s  7.68, d  (2) 7.54, dd   2, (8) 6.88, d  (8) 6.41, d  (2) 6.18, d  (2) 

Al(III) 12.49, s 10.78, s 9.58, s 9.35, s 9.29, s 7.68, d  (2) 7.54, dd   2, (8) 6.88, d  (8) 6.41, d  (2) 6.18, d  (2) 

Cr(III) 12.49, s 10.79, bs 9.41, bs 7.6, bs 
 

6.90, bs 6.40, bs 
 

Mn(II) 12.49, s 12.38, s 10.86, bs 9.71, bs 9.59, bs 9.35, bs 9.13, bs 9.29, bs 8.91, bs 7.68, s 

7.26, bs 

7.54, bd  (8) 

7.15, bs 

6.88, bd (8) 

6.69, bs 

6.41, bs 

6.29 bs 

6.20, bd 

5.95, bs 

Fe(III) 12.49, s 10.86, bs 9.60, bs 9.35, bs 7.68, bs 7.54, bs 6.88, bs 6.41, bs 6.18, bs 

Co(II) 12.49, s 12.38, s 10.83, s 9.60, s 9.34, s 7.68, s 7.54, bd  (8) 6.88, bd (8) 6.42, bs 6.20, bs 

Ni(II) 12.49, s 10.80, bs 9.74, bs 

9.59, bs 

9.34, bs 9.15, bs 7.68, d  (2) 7.54, dd   2, (8) 6.88, d  (8) 6.42, d  (2) 6.20, d  (2) 

Cu(II) 12.91, s 

12.39, s 

10.85, s 9.72, bs 

9.63, bs 

9.44, bs 9.36, bs 9.29, bs 

9.15, bs 

7.66, bs 

7.36, bs 

7.57, bs 

7.15, bs 

6.92, bs 

6.69, bs 

6.42, d 6.21, bs 

5.96, bs 

Zn(II) 12.49, s 

11.90, s 

10.77, s 9.55, s 9.34, bs  7.68, s 

8.04, s 

7.54, bd  (8) 

7.93, bd (8) 

6.88, d  (8) 

6.85, d (8) 

6.41, d (2) 6.19, d (2) 
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Figure S9. 1H NMR spectra of the luteolin blank and in presence of the metal ions at pH 7.4 in DMSO-d6.  
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Table S9. 1H NMR peak data (δh (ppm), mult. (J in Hz)) of the luteolin blank and in presence of the metal ions at pH 7.4 in DMSO-d6. bs, broad 

singlet; d, doublet; dd, doublet of doublets; s, singlets. 
 

5-OH 7-OH 4′-OH 3′-OH H2′ H6′ H5′ H3 H8 H6 

Blank 12.97, s 10.17, bs 7.42, d  (2) 7.41, dd 6.90, d  (8) 6.66, s 6.46, d  (2) 6.20, d  (2) 

Al(III) 12.97, s 10.88, bs 9.94, bs 9.42, bs 7.42, d  (2) 7.41, dd 6.90, d  (8) 6.67, s 6.48, d  (2) 6.20, d  (2) 

Cr(III) 12.98, s 10.15, bs 7.41, bs 
 

6.89, bs 6.67, bs 6.44, bs 6.19, bs 

Mn(II) 13.02, bs 10.89, bs 9.93, bs 9.49, bs 7.42, d  (2) 7.41, bs 6.90, d  (8) 6.67, s 6.47, d  (2) 6.20, d  (2) 

Fe(III) 12.98, s 10.87, bs 9.72, bs 7.41, bs 
 

6.89, bs 6.67, bs 6.47, bs 6.20, bs 

Co(II) 12.96, bs 10.81, bs 9.76, bs p.b. 
   

6.45, d  (2) 
 

Ni(II) 12.98, s 10.81, bs 9.91, bs 7.41, bs 
 

6.89, bs 6.67, bs 6.47, bs 6.19, bs 

Cu(II) 13.31, s 

12.98, s 

10.83, bs 

10.45, bs 

9.91, bs 

9.75, bs 

9.38, bs 7.41, bs 
 

6.89, bs 6.67, bs 6.45, bs 6.19, bs 

Zn(II) 13.48, s 10.50, bs 
    

6.38, bs 6.11, bs 
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Fig. S10. Normalized recovery of luteolin-metal cation systems at pH 4 (black) and pH 7.4 (grey). 

The recovery was normalized versus the luteolin blank, where a similar recovery as the luteolin blank 

was indicated as 1.00 as is indicated by the dashed line. Values above 1.00 indicated that more luteolin 

was recovered compared to the blank.  

 

  



S21 

 

Table S10. Lewis hardness, redox potential and empty shells in the d-orbital of the selected metal 

cations.  

Metal 
Lewis hardness 

η (eV) [1] 

Redox potential 

Eo (V vs. SHE) [2] 
Ionic radius (Å) [3] Empty shells d-orbital 

Al(III) 45.77 -1.67 0.53 n.a.a 

Cr(III) 9.1 -0.42 0.76 7 

Mn(II) 9.02 -1.19 0.81 5 

Fe(III) 12.08 0.77 0.69 5 

Co(II) 8.22 -0.28 0.0.54 3 

Ni(II) 8.5 -0.26 0.70 2 

Cu(II) 8.27 0.34 0.71 1 

Zn(II) 10.88 -0.76 0.74 0 
a n.a. not applicable because Al(III) is no first-row transition metal and has no d-orbital 
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Fig. S11. Sum of relative UV intensities at 280 nm from the RP-UHPLC-PDA chromatograms of the 

WS and ES fraction of luteolin at pH 4 in absence and presence of the different metal cations. Here 

the sum of the intensities from both fractions was used to quickly indicate if oxidative luteolin 

products were formed.  
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Fig. S12. Sum of relative UV intensities at 280 nm from the RP-UHPLC-PDA chromatograms of the 

WS and ES fraction of luteolin at pH 7.4 in absence and presence of the different metal cations. Here 

the sum of the intensities from both fractions was used to quickly indicate if oxidative luteolin 

products were formed.  
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Fig. S13. Sum of relative UV intensities at 280 nm from the RP-UHPLC-PDA chromatograms of the 

WS and ES fraction of quercetin at pH 4 in absence and presence of the different metal cations. Here 

the sum of the intensities from both fractions was used to quickly indicate if oxidative quercetin 

products were formed. 
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Fig. S14. Sum of relative UV intensities at 280 nm from the RP-UHPLC-PDA chromatograms of the 

WS and ES fraction of quercetin at pH 7.4 in absence and presence of the different metal cations. 

Here the sum of the intensities from both fractions was used to quickly indicate if oxidative quercetin 

products were formed.
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Table S11. Flavonoid oxidation products tentatively identified by RP-UHPLC-PDA-MS2.  

Rt (min) λmax (nm) [M−H]
− 

m/z 

MS2 product ion  
m/z (relative intensity) a 

[M+H]+ 

m/z 

MS2 product ion 
m/z (relative intensity) a 

Tentatively identified Ref. 

Intermediate oxidation products  
294 317 191, 299 (57), 207 (45), 163 (24), 273 (17) 319 n.d. Quercetin-ox  [4-6] [7] 

Cleavage products 

2.33 286 n.d. n.d.     

2.92 294 197 153 n.d. n.d. 2,4,6-trihydroxyphenylglyoxylic acid  [7] 

4.19 254, 294 169 151 n.d. n.d. 2,4,6-trihydroxybenzoic acid b [7] 
4.40 260, 294 153 109  n.d. n.d. 3,4-dihydroxybenzoic acid b [7] 

5.76 260 137 n.d. n.d. n.d. 4-hydroxybenzoic acid b  

6.79 260, 294 n.d. n.d. n.d. n.d. n.d.  
7.11 n.d. n.d. n.d. n.d. n.d. n.d.  

8.03 270 n.d. n.d. n.d. n.d. n.d.  

8.59 n.d. n.d. n.d. n.d. n.d. n.d.  
9.82 298 497 299, 301 (60), 452 (55), 179 (17) 409 n.d.   

Coupling products c 

16.84 366 601 299, 271 (10) 603 n.d.  Dehydrodiquercetin [7] 

n.d. not detected; a relative intensity threshold for fragments was ≥10. The most intense fragment is underlined; b identification confirmed with authentic standard; c only oxidative coupling products with a UV250-400 nm area 

>1000 after 24 h incubation in presence of metal ions were shown.
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Fig. S15. Oxidation products for Fe(III)-, Mn(II)- and Ni(II)-quercetin systems at 8, 24, and 48 

hours at pH 7.4. 
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Table S12. The theoretical m/z values of the reaction products from the oxygenation and 

hydroxylation pathways in 100 vol.% H2
18O and when incubations are performed in 50 vol.% H2

18O. 

 

Products m/z of 

unlabeled 

product 

m/z of labeled product 

in 100 vol.% H2
18O 

m/z of labeled product 

corrected for  

50 vol.% H2
18O 

Oxygenation reaction  

 

169 169 169 (100%) 

 

153 155 153 (50%), 155 (50%) 

 

197 197 197 (100%) 

Hydroxylation reaction 

 

153 157 153 (25%), 155 (50 %), 

157 (25%) 

 

197 199 197 (50%), 199 (50%) 
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Fig. S16 Higher-energy collisional dissociation (HCD) fragmentation patterns of labelled 3,4-DHBA with the 
18O label on the carboxylic acid (black) and catecholate (blue) obtained using high resolution ESI-MS in 

negative ionization mode. The spectrum from the 3,4-DHBA with the 18O label on the carboxylic acid (black) 

was obtained after incubation of quercetin with FeCl3 (equimolar, 37 °C, 24 h), the 3,4-DHBA with the 18O 

label on the catecholate moiety (blue) was obtained after incubation of 3,4-DHBA with FeCl3 (1:10 ratio, 37 

°C, 24 h). 

 

 

  



S30 

 

References 

[1] R.G. Pearson, Absolute electronegativity and hardness: Application to inorganic chemistry, Inorg. 

Chem. 27 (1988) 734-740. 

[2] S.G. Bratsch, Standard electrode potentials and temperature coefficients in water at 298.15 K, J. 

Phys. Chem. Ref. Data 18 (1989) 1-21. 

[3] R.D. Shannon, Revised effective ionic radii and systematic studies of interatomic distances in 

halides and chalcogenides, Acta cryst. A: cryst. phys. diff. theo. gen. cryst. 32 (1976) 751-767.  

[4] G. Jungbluth, W. Ternes, HPLC separation of flavonols, flavones and oxidized flavonols with 

UV-, DAD-, electrochemical and ESI-ion trap MS detection, Fres. J. Anal. Chem. 367 (2000) 661-

666.  

[5] J. Fuentes, E. Atala, E. Pastene, C. Carrasco-Pozo, H. Speisky, Quercetin oxidation paradoxically 

enhances its antioxidant and cytoprotective properties, J. Agr. Food Chem. 65 (2017) 11002-11010.  

[6] R. Sokolová, Š. Ramešová, J. Kocábová, V. Kolivoška, I. Degano, E. Pitzalis, On the difference 

in decomposition of taxifolin and luteolin vs. Fisetin and quercetin in aqueous media, Monatsh. 

Chemie - Chemical Monthly 147 (2016) 1375-1383. 

[7] A. Zhou, O.A. Sadik, Comparative analysis of quercetin oxidation by electrochemical, enzymatic, 

autoxidation, and free radical generation techniques: A mechanistic study, J. Agr. Food Chem. 56 

(2008) 12081-12091. 

 



 

 
 

 

 
Appl. Sci. 2023, 13, 776. https://doi.org/10.3390/app13020776 www.mdpi.com/journal/applsci 

Article 
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Abstract: It is now well established that the dissociation constants of an organic compound are char-

acteristic of the types of groups, or the combinations of groups, contained in it. Furthermore, the 

acid–base dissociation constants are important parameters to fully understand the properties of a 

molecule in biological systems. In this framework, the aim of the present study was to determine 

the acidic constants of three natural molecules with well-known antioxidant properties, namely 

quercetin, luteolin and L-ascorbic acid. The evaluation was carried out in aqueous media (i.e., 0.16 

M NaCl) at 37 °C in a wide pH range by using a combined approach based on potentiometric and 

spectrophotometric measurements. The results underline the necessity to employ both experimental 

techniques to obtain accurate values for acidic constants, preventing uncertainties related to unde-

sirable oxidation reactions. 

Keywords: quercetin; luteolin; ascorbic acid; acidic constants; potentiometry; UV-vis spectrophotometry 

 

1. Introduction 

The thermodynamic properties of bioactive molecules in aqueous solutions are of sig-

nificant scientific and practical interest. In this context, the acidic constants are important 

physicochemical parameters of a molecule, as they reflect its reactivity, solubility, affinity 

for a macromolecule and/or ability to establish intermolecular interactions. In addition, the 

acid and basic functional groups of a molecule strongly influence its pharmacokinetics and 

toxicity. The experimental evaluation of the pKa values of the molecules of biological inter-

est, which could be hygroscopic and very unstable in an extreme pH range, is still unsolved, 

as it is related to the conditions in which the experiments are performed. The most useful 

and widely employed conventional methods are potentiometric and spectrophotometric ti-

trations and conductometry [1–3]. However, only a few of them have referred to measure-

ments conducted in aqueous media, where they show low water solubility. 

In this framework, the present study intends to evaluate the acidic constant values of 

quercetin, luteolin and L-ascorbic acid (Figure 1a–c), three natural antioxidants (generically 

HnL) whose beneficial properties are well known, in aqueous solution. The experimental ap-

proach provides measurements via potentiometric and UV-vis spectrophotometric titrations 

in a wide pH range, at 37 °C and ionic strengths of 0.16 M, using NaCl as a background elec-

trolyte. The constant ionic medium method has proved to be indispensable in equilibrium 

studies of complex ionic reactions as it is necessary to minimize activity coefficient variation, 

even though the modification is in the concentration of the reagent. The method, which con-

sists of using concentrated aqueous solutions of inert salts as the solvent, allows for the use of 

concentrations instead of activities in the evaluation of equilibrium constants. Additionally, it 

was useful to minimize the liquid junction potential, owing to the hydrogen ion concentration, 

which was varied in a wide pH range to assess the acidic constants of HnL. 
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(a) (b) 
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Figure 1. Chemical structure of the investigated natural antioxidants: quercetin (a), luteolin (b) and 

L-ascorbic acid (c). 

Quercetin and luteolin belong to flavonoids that are secondary plant metabolites of 

the phenolic family. The most common flavonoids contain three rings, indicated as A, B 

and C (Figure 1a,b), and the oxidation state of C ring provides their classification into 

several subgroups, as quercetin and luteolin belong to flavonol and flavone subclasses, 

respectively. L-ascorbic acid is a water-soluble vitamin required for the prevention of 

scurvy and is known to be active as a cellular hydrogen transfer carrier for the redox en-

zyme in live cells [4]. Structurally, ascorbic acid is a γ-lactone and an ene-diol (Figure 1c). 

All these plant-derived natural compounds are found in significantly high quantities 

in fruits and vegetables and are considered valuable health-promoting compounds [4–9]. 

Choosing these natural antioxidants is also related to their well-known capability to chelate 

several metal ions of relevant importance for biological systems, and they have attracted our 

research interest in the past 10 years [10–17]. Their ability to bind cations depends on their 

structure, characterized by functional groups such as phenol, enol and enediol moieties that 

can undergo deprotonation via metal interaction, whatever their pKa value. In this context, 

the accurate knowledge of the acidity of -OH is fundamental to understanding how these 

molecules can counteract the metal-related damage [18–25]. Furthermore, their antioxidant 

ability could be correlated to the relative acidity of -OH groups. 

2. Materials and Methods 

2.1. Chemicals 

All chemicals were of analytical grade. The titrant carbonate-free solutions of sodium 

hydroxide, the hydrochloric acid and the sodium chloride stock solutions were prepared 

and standardized as previously described [12]. 

Quercetin (Sigma, ≥95%), luteolin (Sigma, ≥98%) and L-ascorbic acid (Sigma, 99.2%), 

were stored in a desiccator over silica gel and used as such. 

To avoid variations during dilution, all the solutions were prepared by adding the 

appropriate amount of NaCl, as the background electrolyte, to set the ionic strength at 

0.16 M. Double-distilled water, freed from any organic impurities by means of a Milli-Q 

system (Millipore), was used to prepare fresh solutions. 

2.2. Potentiometry and Spectrophotometry 

The potentiometric arrangement and the titrations were conducted with the same 

apparatus described previously [12]. The glass electrodes were from Metrohm. Following 

the addition of the reagents, they acquired a constant potential (within ±0.01 mV) by 30 

min. To prevent any interference due to carbonate formation, nitrogen gas was gently in-

troduced into the test solutions, which were magnetically stirred throughout titrations. 
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Nitrogen commercial cylinders were used, and the gas was further purified by passing it 

through 1 M NaOH, 1 M H2SO4, double-distilled water and 0.16 M NaCl. The cell appa-

ratus was kept in a thermostatic bath at (37.0 ± 0.1) °C. 

The acid–base equilibria were investigated by performing potentiometric titrations, 

at 37 °C and in 0.16 M NaCl, and by measuring, with a glass electrode (GE), the electro-

motive force (EMF) of cell:  

REǀTest SolutionǀGE 

where RE corresponds to the reference electrode (Ag|AgCl|0.01 M NaCl|0.16 M NaCl), 

while the test solution was made of CL M of HnL, CA M HCl, CB M NaOH and 0.16 M NaCl. 

The primary CL, CA, CB and [H+] represent the basic data in the treatment to obtain the 

acidic constants. 

The EMF of the cell can be expressed, in mV, at the temperature of 37 °C, as Equation (1): 

E = E° + 61.54 log[H+] + Ej (1)

where E° was constant for each series of measurements and Ej is the liquid junction po-

tential, which depends on [H+] only [26]. The Ej value at 37 °C and 0.16 M NaCl was de-

termined by acid–base titration using cell (G) without HnL. The obtained results for [H+] ≤ 

0.100 M could be accurately fitted by the linear slope Ej ([H+])I = −j I [H+]. The value of j 

(mV/M) was 631 ± 1. 

All titrations were separated into two parts. In the first one, E° constant value (within 

±0.05 mV), was determined in accordance with the Gran’s method [27,28] in the [H+] range 

10−4–10−2 M and without HnL. [H+] was stepwise reduced by coulometrically generating 

OH- ions with the circuit C: 

- Pt/Test Solution/AE + 

where AE is the auxiliary electrode of generical composition: 0.16 M NaCl/0.1 M NaCl, 

(0.16–0.1) M NaCl/Hg2Cl2/Hg. 

Under the chosen experimental condition, the only electroreducible species was wa-

ter. Hence, suppose that at the cathode the only reaction that occurs is the water reduction 

(Equation (2)): 

H2O + e− ⇄ ½ H2 + OH− (2)

In the test solution of a known volume, V, CB can be expressed as (µF·10−6/V) M, where µF 

stands for the microfaradays passed through the cell. 

In the second part, after the addition of HnL, the acidity was gradually decreased by 

adding known volumes of the standard NaOH solution. 

All titrations were conducted with a programmable computer-controlled data acqui-

sition switch unit 34,970 A from Hewlett and Packard. The constant–current source of the 

coulometric circuit was a system DC power supply 6614 C by Hewlett and Packard. The 

EMF values were measured at a precision of ±10–5 V using an OPA 111 low-noise precision 

DIFET operational amplifier. 

Given the low solubility of quercetin and luteolin in water [12,14] and by using the 

same experimental approach tested in a previous study [29], all the titrations were carried 

out by adding an exactly known and weighed amount of solid in the cell apparatus. When 

equilibria (i.e., Equations (2) and (3)) take place, quercetin and luteolin dissolved into the 

aqueous medium. CL varied between 0.5 and 5 × 10−3 M, while the hydrogen ion concentra-

tion varied from 5.0 × 10−3 M (pH 2.3) to 1.6 × 10−9 M (pH 8.8). The higher pH limit was 

imposed on the accuracy in the EMF measurements by glass electrode. For this reason, all 

systems were studied by UV-vis spectrophotometric titrations to investigate the more alka-

line pH range (i.e., up to pH 12). CL was varied between 0.01 and 0.04 × 10−3 M. The spectro-

photometric measurements were carried out with a Varian Cary 50 Scan UV Visible Spec-

trophotometer, by controlling the temperature of the cell holder at (37.0 ± 0.3) °C by using a 

Grant circulating water bath. Matched quartz cells of thickness 1 cm were employed. 
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The absorbance values, Aλ, recorded to 0.001 units between 200 and 600 nm for quer-

cetin and luteolin, and between 200 and 340 nm for L-ascorbic acid, were measured each 

2 nm to collect data for numerical elaboration by using a Hyperquad [30]. The spectra 

were recorded 2 minutes after mixing with a strong base. This period was thought short 

enough to avoid any photochemical degradation. The acquisition of data was controlled 

with the aid of a computer linked to the instrument. 

3. Results 

Potentiometry and spectrophotometry were used to determine the acidic constants 

of quercetin, luteolin and L-ascorbic acid—generically HnL. To acquire accurate results, 

the physical integrity of the molecules and the stability at different pH values in which 

the study was carried out must be taken into consideration during the whole experiment. 

So the systems were kept under an inert atmosphere and prevented from being exposed 

to light radiation. 

The general equilibria reported in Equations (3) and (4) fully explain the potentiom-

etric data, treated by numerical and graphical methods: 

HnL + H3O+ ⇄ Hn+1L+ + H2O   log K*(± 3σ) (3)

HnL + H2O ⇄ Hn-mLm- + m H+   log Kam (± 3σ) (4)

These correspond to the protonation of the carbonyl moiety, according to [31], and to the 

protolysis of the -OH groups, respectively. The data used to determine the acidic con-

stants, according to Equations (3) and (4), were obtained by conducting two titrations for 

each compound. 

The interpretation of the potentiometric experimental points, in terms of species and 

equilibrium constants, was carried out with the least-squares computer program Super-

quad [32] to get the minimum of the function reported by Equation (5): 

U = ∑(Eiobs-Eical)2 (5)

The results are reported in Table 1. 

The graphical evaluation was carried out by analyzing the trend of experimental 

points, depicted as ZH and obtained at different CL values, with respect to the pH. ZH rep-

resents the mean number of protons released for ligand [33], and it is equal to ([H+]–CA + 

CB + Kw/[H+])/CL. The values for the ion product of water, in our experimental condition 

(i.e., 37 °C and 0.16 M NaCl), was taken from [34]. 

The results are reported in Figure A1a–c, for quercetin, luteolin and L-ascorbic acid, 

respectively. For different CL values, the experimental points overlap, within the limit of 

experimental error. 

As can be seen in Figure A1, the data are fully explained by Equations (3) and (4). In 

particular, at pH values lower than 3, ZH tends to be −1 for all the investigated systems, 

confirming that a protonation occurs, according to Equations (3) and (4). 

Furthermore, as expected, the protolysis equilibria of quercetin and luteolin occur in 

the alkaline range (−log [H+] > 8) at the expenses of the hydroxylic groups (see Figure 

1a,b). In contrast, for L-ascorbic acid, the dissociation starts at a pH higher than 3 (Figure 

A1c) with the protolysis of -OH in position 3 (see Figure 1c). 

Accurate values for the constants of protolysis equilibria (Equation (4)) were deter-

mined for quercetin and luteolin only. By performing a back titration, whose points are 

depicted in Figure A1c as orange crosses, we have verified that L-ascorbic acid undergoes 

a degradation in an alkaline medium (i.e., pH higher than 7.5), which occurs faster than 

the potentiometric measurement time. 

Therefore, we have performed UV-vis spectrophotometric titrations at different CL 

values (i.e., between 0.01 and 0.04 mM). UV-vis absorption spectrophotometry is a simple 

and accurate method for determining acidic constants, whose determination is based on 
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a change in the shape and intensity of the absorption spectra with a change in the pH of 

the test solutions. 

The region of pH close to the pKa values of corresponding acids was supposed to be 

optimal to obtain accurate values, in the choice of the pH range for all the compounds. 

Additionally, the spectral range for all compounds was designated according to the vari-

ations in the spectra at both acidic and basic solutions. 

Consequently, the hydrogen ion concentration was varied by adding small and ex-

actly known volumes of a standard NaOH solution (CB), from 1.0 × 10−5 M to 1.0 × 10−12 M 

for quercetin and luteolin and from 1.0 × 10−2 M to 1.0 × 10−11 M for L-ascorbic acid, and the 

absorbance values were recorded at 93 wavelengths between 230 and 457 nm for quercetin 

and luteolin and at 50 wavelengths between 211 and 330 nm for L-ascorbic acid. 

The typical recorded spectra are depicted in Figure A2a–c, for quercetin, luteolin and 

L-ascorbic acid, respectively. 

The UV-vis spectra of quercetin and luteolin (Figure A2a,b, respectively) show two main 

absorption bands, which are comparable to signals observed for most flavonoids [12,14]: band 

I in the 350–400 nm range, as a result of the conjugation between the B and C ring (cinnamoyl 

system), and band II in the 240–270 nm range, deriving from the A-C ring (benzoyl system). 

Moreover, two other less-intense absorption bands at 303 and 280 nm for quercetin and at 295 

and at 267 nm for luteolin were observed. The UV-vis spectrum of L-ascorbic acid exhibits a 

single band centered at 260 nm, in accordance with the literature [11,15]. 

Figure A2a shows that the maximum of band I was blue shifted (i.e., from 367 to 320 

nm) by moving from pH 5.5 to pH 6.5. The absorption profile changed negligibly upon 

raising the pH from 6.5 to 12.0, indicating, according to [35], that the acid–base sites of 

quercetin were not appreciably rearranged during the dissociation in this pH range. 

In contrast, for luteolin and L-ascorbic acid (Figure A2b,c) the maxima of the principal 

absorption bands were red shifted (i.e., from 352 to 402 nm and from 243 to 267 nm, for 

luteolin and L-ascorbic acid, respectively) by moving from acidic to basic pH, attesting to 

the formation of a new spectrally active species in the solution. 

The numerical elaboration of spectrophotometric data was carried out by simulating 

each titration from the knowledge of the total concentrations, CB and CL. The minimum of the 

function, described by Equation (6), was sought by employing the Hyperquad program [30]: 

U = ∑i∑k wk (Aik − Aikc)2 (6)

The ion product of water was taken from [34] and was kept invariant. 

The results are given in Table 1. 

Table 1. Survey of the log K* and log Km values, according to general equilibria 3 and 4, by numerical 

methods. The uncertainties represent 3 σ. 

 log K* log Ka1 log Ka2 log Ka3 log Ka4 log Ka5 

Quercetin

Superquad 

2.00 ± 0.06 −8.29 ± 0.03 −8.61 ± 0.01 −9.5 ± 0.1 −9.7 ± 0.3 −10.4 ± 0.3 

Hyperquad 

/ −8.5 ± 0.6 −9.0 ± 0.3 −9.5 ± 0.6 −10.0 ± 0.3 −10.5 ± 0.9 

Luteolin

Superquad 

2.3 ± 0.1 −8.29 ± 0.03 −8.6 ± 0.1 −8.8 ± 0.3 −9.3 ± 0.3  

Hyperquad 

/ −8.1 ± 0.3 −8.80 ± 0.05 −9.6 ± 0.6 −9.8 ± 0.6  

L-Ascorbic Acid

log K*  log Ka1  log Ka2  

Superquad 

1.2 ± 0.1 - −3.86 ± 0.03  /  

Hyperquad 

1.16 ± 0.05  −3.75 ± 0.06  −10.6 ± 0.1  
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4. Discussion 

It has been suggested in previous studies that the antioxidant ability of a series of 

compounds is strongly affected by pH, which influences the relative abundance of the 

corresponding acid–base forms [36]. Acid–base equilibria have been reported to strongly 

affect the UV-vis spectra of several phenolics, including flavonoids. This is observed as 

significant changes in both the shapes and the intensities of the bands owing to variation 

in the pH values [37]. The absorption and fluorescence spectra of luteolin have been re-

ported to strongly depend on pH [38]. Therefore, the corresponding acidity constant val-

ues are an essential parameter in predicting the functional mechanism of proteins in chem-

istry and biochemistry. 

We calculated here the acidic constants of all the possible sites of quercetin, luteolin 

and L-ascorbic acid. According to our results, the increase in the pH of the medium at 

values higher than 3 prompted the proton removal from the protonated carbonyl group 

(i.e., from Hn+1L+ in Equation (3)), leading to the formation of an electroneutral compound 

(generically HnL). In contrast, in the narrow pH range of 8–10, in an aqueous solution of 

quercetin and luteolin, six or five species can simultaneously exist, respectively. These ion 

molecular forms are in dynamic equilibrium in the aqueous solution, depending on the 

acidity of the medium. The experimental assignment for the constants of quercetin and 

luteolin could not be assessed. Although some efforts have been carried out in this way, a 

systematic and detailed study factoring in all the possible acid forms has not been carried 

out, and the computational evaluation is still debated [31,35–39]. On the basis only of their 

structures and, in particular, on the number of phenolic -OH groups, the existence of five 

and four pKa values for quercetin and luteolin, respectively, can be hypothesized. How-

ever, for quercetin, in previous works dealing with its acidity constants, sets of only two 

[40,41], three [41–44] and four [43] pKa values have been reported. Interestingly, in the 

work of Álvarez-Diduk and colleagues [36], through a combined experimental and com-

putational approach, a complete set of constants has been reported for quercetin. In par-

ticular, the deprotonation order was supposed to be 4’, 7, 3, 3’ and 5. Luteolin is structur-

ally analogous to quercetin—except that it has four phenolic -OH groups, as there is no -

OH group on ring C. Indeed, the Ka1 and Ka2 of quercetin and those of luteolin are the 

same. Hence, we can suppose that the first two protolysis equilibria involve -OH groups 

that are less influenced by the deprotonation on the C ring. Only the first acidity constant 

has been experimentally measured in an aqueous medium [14], and the -OH group in 

position 4’ has been theoretically calculated as the most acidic site [38]. In the case of L-

ascorbic acid, the monoanionic form, derived from the deprotonation of the hydroxy 

group linked to carbon 3 [O(3)-H] (see Figure 1c), is particularly stable thanks to the delo-

calization of the negative charge on the oxygen atoms at positions 1 and 3. The second 

deprotonation occurs at higher pH values, and the corresponding constant is difficult to 

measure in aqueous media [45–47]. 

An analysis of the acidity constants in the literature shows major variation among 

the published values. Furthermore, most of the reported pKa values were acquired using 

alcohol and water combinations; thus, there is limited knowledge on pKa values found in 

aqueous solutions. Therefore, the acidic constant values determined in this work are not 

directly comparable with the others in literature, owing to differences in the experimental 

conditions (Table A1)—except in [11] and [14], which have reported values that are in 

excellent agreement with our data. 

Only a qualitative comparison can be carried out with the values obtained in other 

works, which reveals acceptable agreement. The difference between those values and 

those determined here could be related mainly to the different temperatures rather than 

to the medium used. 

Our results showed excellent agreement between the two experimental approaches, 

providing a valuable method to determine acidic constants values, in a wide range of 

acidity, with accuracy and in aqueous media (i.e., from pH 2 to pH 12). The acidic con-

stants determined in this work can be considered significant values in the chemistry of 
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these ligands, and they could be indispensable to understanding ligand behavior in bio-

logical systems. Of particular biomedical importance is the ability of these compounds to 

form stable complexes with biologically active metal ions. The studies in this area have 

focused on the enhanced curing ability in the case of vitamin C and metal ion deficiencies; 

on the development of therapeutic agents with potential antitumor, antibacterial, antiox-

idant and anti-inflammatory properties with enhanced potency with respect to the non-

complexed ligands; and on their use as synthetic models for metal containing complex 

biological systems [13,18,48]. 
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(c) 

Figure A1. ZH as a function of -log [H+] for quercetin (a), luteolin (b) and L-ascorbic acid (c), at 37 °C 

and in 0.16 M NaCl. Orange circles and orange crosses refer to CL 0.5 × 10−3 M, while blue triangles 

refer to CL 5 × 10−3 M. 

 

Figure A2. UV-vis spectra recorded for quercetin 0.025 mM (a), luteolin 0.010 mM (b) and L-ascorbic 

acid 0.040 mM (c), at 37 °C and in 0.16 M NaCl. 

Table A1. Acidic constants of quercetin (Que), luteolin (Lut) and L-ascorbic acid (A.A.) from the 

literature. The uncertainties on the log values represent σ. 

 Method Medium °C log K* pKa1 pKa2 pKa3 pKa4 pKa5 Ref. 

Que 

Electroph. H2O 25  7.1 ± 0.1 9.1 ± 0.1 11.1 ± 0.4   [42] 

Colorim. 
H2O 25 

1.8 ± 0.1 6.4 ± 0.1 8.1 ± 0.1 9.0 ± 0.1 9.6 ± 0.1 11.3 ± 0.1 
[31] 

Spectr.  6.6 ± 0.1 8.1 ± 0.1   11.4 ± 0.1 

Lut Pot. 0.16 M NaCl 37  8.9 ± 0.1     [14] 

A.A. 

Cond. H2O 25  4.147     [45] 

Pot. 0.16 M NaCl 37  3.86 ± 0.01     [11] 

Spectr. H2O 25  4.16 ± 0.01 11.73 ± 0.02    [46] 

Titr. H2O 16–18  4.14 11.43    [47] 
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