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The redox reaction of catecholamine is a two-proton-two-electron reaction in aqueous solution. N-

protonated dopamine (DA) can be oxidated to N-protonated dopamine quinone (DAquinone). The 

standard electrode potential (E°) value of DA/DAquinone couple is obtained experimentally with 

cyclic voltammetry (CV) and theoretically with two methods at B3LYP/6-311++G(d,p) level. The 

theoretical E° value of DA/DAquinone couple is in good agreement with experimental one and close to 

each other. Glycine (Gly) is the simplest amino acid, and it can form hydrogen bonds with DA in 

physiological environment. The E° value of DA-Gly/DAquinone-Gly couple is predicted 

experimentally and theoretically. We find that the E° value of DA-Gly/DAquinone-Gly couple is 

larger than DA/DAquinone couple. Hydrogen bond interaction weakens the electron-donation abilities 

of DA. 
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1. INTRODUCTION 

As one of the most important neurotransmitters in mammals, catecholamine plays an important 

role in the bodies [1,2]. Catecholamine includes dopamine (DA), adrenaline, and noradrenaline. The 

abnormal level of DA will cause a lot of diseases such as Parkinson's disease and depression [3,4]. 

Since electron transfer reaction is the essence of catecholamine’s reaction in bodies, their biological 

actions are related with redox potentials tightly [5].
 
The studies on the electrochemical behaviors of 

DA are of great significance to understand its physiological functions and diagnose certain diseases in 
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clinical medicine. N-protonated DA (Fig. 1A) is stable under acidic conditions, which can be oxidated 

to N-protonated DAquinone (Fig. 1B) .  
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Figure 1. The structures of N-protonated DA (A) and DAquinone (B). 

 

In the recent years, the theoretical and experimental studies of catecholamine have been 

increasingly deepening [6-10]. Because of its relatively high sensitivity and less time consuming, 

cyclic voltammetry (CV) is widely applied in the researches of catecholamine’s electron-transfer 

reactions [11-15]. Whereas, the researches are mostly limited to the analytical detection and few can 

proclaim the nature of the redox reactions. In this article, CV experiments combined with theoretical 

calculations have been adopted to predicate E° of DA/DAquinone couple. Firstly, the conditional 

formal electrode potential (E°′) values of DA/DAquinone couple at different temperature and pH 

values have been measured with CV. Thermodynamic functions and E° are calculated theoretically, 

and compared with the experimental results. Then, we select glycine (Gly) as the model molecule to 

calculate the E° values of DA-Gly/DAquinone-Gly couple and study the electron transfer properties of 

DA in physiological environment. 

 

 

 

2. EXPERIMENTAL SECTION 

2.1. Instrumentation and reagents 

Electrochemical measurements were carried out using a CHI 660C electrochemical station. A 

three-electrode electrochemical cell was employed for all the electrochemical measurements. A glassy 

carbon electrode (GCE) with a diameter of 1.5 mm as a working electrode, while the counter and 

reference electrodes were platinum wire electrode and saturated calomel reference electrode (SCE), 

respectively. All experimental potentials we obtained directly from cyclic voltammograms were 

relative to SCE. The phosphate buffer solutions were prepared from 0.1 mol L
-1

 citric acid and 0.2 mol 

L
-1

 Na2HPO4 according to the buffer preparation table and justified by a Metrohm 691 pH/mV meter. 

All solutions were prepared with analytic grade reagents and doubly distilled water. 0.1 mol L
-1

 KCl 

solution worked as supporting electrolyte during the whole experiment. 
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2.2. Electrode preparation 

In order to obtain a clean renewed electrode surface, GCE was polished with fine wet emery 

papers and then cleaned by successive polishing with 0.3 and 0.05 μm Alumina−water slurry prior to 

its use in electrochemical experiments. A Luggin capillary was used to connect the reference and 

working electrodes in order to reduce the solution resistance. Highly pure nitrogen was passed through 

the solution for 15 min to remove dissolved oxygen in solution before measurements, and all 

experiments were carried out under nitrogen atmosphere in a double-walled electrolytic tank connected 

to a thermostatic water bath.  

 

 

 

3. THEORETICAL SECTION 

All calculations have been carried out with Gaussian 09 package [16] at B3LYP/6-

311++G(d,p) theoretical level. The most stable molecular geometries optimized fully have been 

selected according to the free energy in gas phase and in aqueous solution, respectively. Harmonic 

vibrational frequencies were also calculated at the same level of theory to identify all stationary points 

as minima (zero imaginary frequencies). The continuum model of solvation, the conductor-like 

polarizable continuum model (CPCM) [17-19], was used to derive the solvation free energies with the 

UAKS radii at the B3LYP/6-311++G(d,p) level of theory. Two methods were employed to calculate 

the standard potentials E° of DA and DA-Gly.  

 

3.1. Method I 


Ox(sol)  +  H2(gas) Red(sol)

Go
(I)

Ox(gas)  +  H2(gas)
Go

(g) Red(gas)

G(solv, Ox) G(solv, Red)

 
 

Scheme 1. Thermochemical cycle for method I. 

 

The oxidation of catecholamine is a two-electron-oxidation reaction in aqueous solution. The 

transformation from oxidation state (Ox) to reduction state (Red) can be described with the following 

reaction  

)()(2)( Re solgsol dHOx    (I) 

To obtain E°, the total change of Gibbs free energy 
oG for the reaction I is demanding to be 

calculated. Therefore, a thermodynamic cycle (see Scheme 1) is established to calculate the total 

change of Gibbs free energy (I)
oG . 
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From this thermochemical cycle, it is not hard to compute (I)
oG  from its components by the 

following formula: 

)()((I) solvg
oo GGG                        (1) 

In equation 1, )(g
oG  and )(solvG is the change of standard Gibbs energy in the gas phase 

and the change of solvation energy in aqueous solution, respectively. (g)
oG  and (solv)G are defined 

as follows: 

),(),()Re,((g) 2HgOxgdg
oo GG•GG         (2) 

),()ed,((solv) OxsolvRsolv GGG                  (3) 

)Re,( dg
oG  and ),( Oxg

o•G are the Gibbs free energies of Red and Ox calculated accurately 

using the 6-311++G(d,p) basis set at the B3LYP level of theory in gas phase. ),( 2Hg
oG  is calculated as 

-1.180997 kcal mol
-1

 at the B3LYP/6-311++G(d,p) level. )Re,( dsolvG  and ),( OxsolvG  are the 

salvation free energies of Red and Ox in aqueous solution obtained using the CPCM model with 

UAKS radii at the B3LYP/6-311++G(d,p) level of theory.  

The thermodynamic parameters link to standard redox potential E° relative to the standard 

hydrogen electrode (SHE) via the Eq. 4. 
oo nFEG  )1(                                  (4)   

Where n is the number of the transferred electrons in reaction, and F is Faraday constant 

(96485 C mol
-1

 or 23.061 kcal mol
-1 

V
-1

) [15],
 
respectively. The E° value of SHE is equal 0.00 V in SI 

units. 

 

3.2. Metod II 


Ox(sol)  +  2H+

(sol) + Red(sol)

Go
(II)

Ox(gas)  +  2H+
(gas) +

Go
(g) Red(gas)

G(solv, Ox)
G(solv, Red)

2e-

G(solv, H
+
)

2e-

 
 

Scheme 2. Thermodynamic cycle for method II. 

 

Besides the expression of reaction I, the transformation of Ox converting to Red can be put as 

the following two-electron half-cell reaction, too. 

)()()( Re22 solsolsol deHOx                         (II) 

Similar to method I, the total change of Gibbs free energy 
oG for the reaction II ought to be 

calculated first from the introduced cycle scheme 2.  
*

),(),()ed,((II)
 

o

HsolvOxsolvRsolv(g)
oo GnGGGGG (5) 
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In Eq. 5, (II)
oG  stands for the total change of free energy for reaction II.  oG  is an adjusted 

value for the reactions shifting from one atmosphere in gas phase to 1 mol L
-1

 in solution and it is 

regarded as 1.9 kcal mol
-1 

(or 7.9 kJ mol
-1

) for each component [20]. 

Note that (II)
oG  is different from (I)

oG . If (II)
oG is divided by –nF, the result value is the 

absolute redox potential instead of the standard redox potential E°. The absolute reductive potential of 

SHE 4.44 V [15] should be taken into consideration when we calculate theoretical E° via Eq. 4. 

The calculated systematic errors on reactants and products will be counteracted mostly while 

calculating oG and we need not take the effect of pH into consideration and water is regarded as the 

solvent in the CPCM model of solvation in the present work. 

 

3.3. Thermodynamic analysis 

The following Eq. 6 works as a role of a bridge to associate theoretical potential E° with 

experimental studies. 

E°′ = E° − 2.303(mRT/nF) pH                   (6) 

where T is temperature, R is gas constant and F is Faraday constant (23.061 Kcal mol
-1

 V
-1

) 

[15], respectively. n and m are the number of electrons and protons transferred in this reaction. Both n 

and m equal to 2 here. If the conditional formal electrode potential E°′ here is relative to SHE, then E° 

is relative to SHE. Similarly, if E°′ here is relative to SCE, then E° is relative to SCE. In experimental 

studies, as predecessors did [21,22], we regard E°′ as half of the sum of the anodic peak potential Epa 

and the cathodic peak potential Epc.   

E°′ = (Epa + Epc)/2                            (7) 

In equation 7, the E°′ is relative to SCE for the anodic peak potential Epa and cathodic peak 

potential Epc are measured with CV directly. 

As for the experimental thermodynamic functions, the slope of the liner E°(vs SHE) vs 

temperature is demanding to be found according to Eqs. 8 and 9. Subsequently, experimental values of 

ΔS°, ΔH °and ΔG ° are obtained. 

ΔS° = nF(∂ E°/∂ T)P                                     (8) 

ΔH° = −nF[ E° − T(∂ E°/∂ T)P]                 (9) 

ΔG° = ΔH° − TΔS°                          (10) 

 

 

 

4. RESULTS AND DISCUSSION 

4.1. Influence of temperature on DA voltammetric response 

To derive the thermodynamic parameters, the effect of temperature on the standard redox 

potential E°(vs SHE) has been investigated in the solution containing 5.2 ×10
-3 

mol L
-1 

DA at fixed pH 

3.2 with a scan rate of 100 mV/s (Fig. S1). Note that the values of E° are obtained via the Eq. 6, and 

E°′ (vs SHE) is the mean value at each temperature. The exact potential value of SCE vs SHE varies 

with temperature at constant pressure [23]. E°′(vs SHE) of DA/DAquinone couple decreases with the 
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increase of temperature. (∂E°/∂T)P is the slope of line E°′ vs temperature shown in Fig. 2. E° and E°′ of 

DA/DAquinone couple, and thermodynamic functions are listed in Table 1 in detailed.
 
The delta 

entropy △S° of -60.88 cal mol
-1 

k
-1

 is independent of the temperature. The delta enthalpy △H° is 

temperature-irrelative according to the previous reports [19,24], so we consider the mean change of 

△H° -55.08 kcal mol
-1 

as the accurate △H°. The total free energies △G° increases with the temperature 

increasing. 
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Figure 2. The plot of E°(vs SHE) of DA/DAquinone couple vs temperature. 

 

Table 1. Experimental redox potentials and thermodynamic functions for electrochemical reaction of 

DA in a phosphate buffer solution (pH=3.2) in the range of 20 to 38°C (293.15-311.15 K) 

 

Property 293.15 

K 

298.15 K 303.15 K 308.15 K 311.15 K 

E°SCE/V
a
 0.248 0.244 0.241 0.238 0.236 

E°′(vs SCE)/V
b 

0.370 0.368 0.363 0.361 0.358 

E°′(vs SHE)/V
b 

0.618 0.612 0.604 0.599 0.594 

E°/V
c
 0.807 0.801 0.793 0.788 0.783 

△H°/Kcal mol
-1

 -55.07 -55.10 -55.07 -55.10 -55.06 

△S°/cal mol
-1

 k
-1

 -60.88 

△G°/Kcal mol
-1

 -37.22 -36.94 -36.57 -36.34 -36.11 
a
The exact potential values of SCE at each temperature.

23  

b
The conditional redox potentials at pH 3.2. 

c
The standard redox potentials vs SHE at pH 0. 
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4.2. Influence of pH on DA voltammetric response 
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Figure 3. (A) The CV behaviors of 5.2 ×10
-3 

mol L
-1

 DA at GCE in phosphate buffer solution with 

different pH values at a scan rate of 100 mV/s (curves a to g: pH=2.2, 2.6, 3, 3.6, 4, 4.4, 5). (B) 

The plot of anodic peak current ipa vs pH. (C) The plot of E°′(vs SCE) vs pH. 

 

The DA response is investigated by CV in a phosphate buffer solution containing 5.2 ×10
-3 

mol 

L
-1 

DA at various pH values ranging from 2.2 to 5.0 at room temperature with the scan rate of 100 

mV/s (Fig. 3A). The ionic strength is adjusted by KCl. Fig. 3B shows that current responses decrease 

with the increase of pH. The concentration of H
+
 in the pH range we studied is larger, the oxidation of 

DA is easier. As the primary ionization constant for the phosphoric acid system is 7.52×10
-3 

[25], the 

quality of H2PO4
- 
will increase gradually with the increase of solution pH in the range of 2.2 to 5.0. 

H2PO4
- 
in the system can form supramolecular complexes with N-protonated DA through hydrogen 

bond and ion-dipole interactions, which will protect DA to be oxidized and result into the anodic peak 

current decreases with the pH from 2.2 to 5.0.  

The conditional formal potential, E°′(vs SCE), is derived from the voltammograms via the Eq. 

7. E°′ is pH dependent and shifts to negative potential as pH increases, which can be seen from Fig. 

3C. The equation of fit line in Fig. 3C is  

E°′ = -0.0548 pH + 0.5572                    (11) 

By contrasting Eq. 11 with Eq. 6, it is not hard to find that the experimental E° (pH=0) is 

0.5572 V relative to SCE at 298.15K (E° of SCE is 0.244 V at room temperature) [23]. Thus the 
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experimental E° relative to SHE is 0.801 V. The slope of -0.0548 V per unit of pH is close to the 

theoretically anticipated Nernstian value of -0.059 V/pH, which indicates that the redox reaction of DA 

is a two-electron-two-proton process.  

 

4.3. The theoretical prediction of E° of DA/DAquinone redox couple  

   
 

           A             B 

 

Figure 4. The most stable structures of DA (A) and DAquinone (B) optimized in aqueous solution at 

the B3LYP/6-311++G(d,p) level. 

 

All structures of DA and DAquinone have been optimized fully in the gas phase and aqueous 

solution at B3LYP/6-311++G(d,p) level to guarantee the rationality of the theoretical calculations. The 

most stable structures of DA and DAquinone in aqueous solution are shown in Fig. 4.  

 

Table 2. Calculated gas-phase energies G°(g) and solvation energies ΔG(solv) of studied species, 

Gibbs free energy(ΔG°) of the studied reactions, and redox potentials (E°)of DA/DAquinone 

and DA-Gly/DAquinone-Gly calculated with methods I and II at B3LYP/6-311++G(d,p) level. 

 

B3LYP/6-311++G(d,p) G
 o
 (g)

 

(Hartree) 

ΔG(solv) 

(kcal mol
-1

) 

Method I Method II E°(expt)
a 

(V) 

 
ΔG°1/ΔG°3 

(kcal mol
-1

) 

E°1/E°3 

(calcd) (V) 

ΔG°2/ΔG°4 

(kcal mol
-1

) 

E°2/E°4 

(calcd) (V) 

DA -517.03 -92.29      

 

 

0.801 

DAqunione -515.78 -99.57     

DA/DAquinone   -36.06 0.782 -242.38 0.815 

DA-gly -801.523 -103.84      

 

0.819 
DAqunione-gly -800.283 -102.04     

DA-gly/DAqunione-gly   -38.5733 0.836 -244.8988 0.869 
a
The experimental standard potential values vs SHE at room temperature.

  

 

The theoretical calculated gas-phase Gibbs energies G°(g) of each component and solvation 

energies ΔG(solv) calculated using CPCM model of solvation at B3LYP/6-311++G(d,p) theoretical 

level are listed in Table 2. Furthermore, the total changes of Gibbs free energy for reductive reaction I 

and II from Ox DAquinone to Red DA, ΔG°1 and ΔG°2, are calculated via Eqs. 2 and 5, respectively. 
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The theoretical standard redox electrode potentials E°(calcd) for DA/DAquinone redox couple using 

methods I and II, E°1(calcd) and E°2(calcd), are derived via Eq. 4 also shown in Table 2, where the 

experimental standard redox electrode potential E°(expt) is also listed for comparison. The ΔG°1 value 

of -36.06 kcal mol
-1

 is in good agreement with experimental value of -36.94 kcal mol
-1

. The theoretical 

values 0.782 and 0.815 V of E°1(calcd) and E°2(calcd) at the B3LYP/6-311++G(d,p) level show very 

small deviations (0.019 and 0.014 V) compared with the experimental value 0.801 V of E°(expt) and 

the discrepancies are less than the values reported for other quinone derivatives [24, 26]. The 

calculated results are in reasonable agreement with the experimental value. E°1(calcd), E°2(calcd) and 

E°(expt) are in accordance with the previous data obtained by Song Yuan-zhi etc [27]. This 

consistency certifies that the theoretical level is adequate and the CPCM solvation model is valid for 

calculating the sovation energies of the studied molecule.  

 

4.4. Experimental and theoretical studies of DA-Gly/DAquinone-Gly couple 

 

 

A B 

 

Figure 6. The most stable H-bonded complexes DA-Gly (A) and DAquinone-Gly (B) optimized in 

aqueous solution at the B3LYP/6-311++G(d,p) level. 

 

Tugsuz has theoretically calculated the standard electrode potentials of imidazole dimer, 

tetrathiafulvalene dimer and tetrathiafulvalene-imidazole supramolecules, and his work shows that the 

redox potentials of supramolecules can be predicted accurately with theoretical methods [28]. In the 

present work, Gly is chosen as the model molecule to study the electron transfer properties of DA in 

physiological environment. We only consider the supramolecular complex with the 1:1 ratio of DA 

and Gly, which is accurate enough to predicate potentials. To rationalize theoretical calculations, as 

done in Tugsuz’s work [28], all initial geometries of DA-Gly and DAquinone-Gly obtained by 

attaching Gly to the phenolic hydroxyl group, amino group, and alcoholic hydroxyl group of DA and 

DAquinone are optimized fully in gas phase and aqueous solution at B3LYP level.  

The most stable hydrogen bond complexes DA-Gly and DAquinone-Gly optimized in aqueous 

solution are shown in Fig. 6. The nitrogen atom in Gly is hydrogen bond acceptor for the carboxyl is 

an electron-withdrawing group, while amino groups are hydrogen bond donors in both of the most 
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stable structures. The Gibbs energies G°(g) of each component in gas phase, solvation energies 

ΔG(solv) calculated using CPCM model of solvation, the total changes of Gibbs free energy for 

reductive reaction I and II from Ox DAquinone-Gly to Red DA-Gly, ΔG°3 and ΔG°4, are listed in 

Table 2. The calculated standard redox electrode potentials E°(calcd) (vs SHE) for DA/DAquinone 

redox couple using methods I and II, E°3(calcd) and E°4(calcd), are 0.836 V and 0.869 V, respectively, 

which are much larger than E°1(calcd) and E°2(calcd), indicating that the hydrogen bond between DA 

and Gly can protect DA from being oxidated to DAquinone through dispersing the electron density of 

DA molecule.  
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Figure 7. The CV behaviors of 5.2×10
−3 

mol L
-1

 DA in aqueous solution at GCE with a scan rate 100 

mV/s. a: CDA=5.2×10
−3

 mol L
-1

. b: CDA=5.2×10
−3

 mol L
-1

 and CDA-Gly=5.2×10
−3

 mol L
-1

. 

 

To confirm the interaction between Gly and DA, the CV experiment is performed with 

different electrolytes of the same pH value at room temperature, simultaneously. In Fig. 10, curve a 

denotes the cyclic voltammogram of 5.2×10
-3

 mol L
-1

 DA in buffer solutions (pH=2.2) and b denotes 

the cyclic voltammograms of the mixture solution (pH=2.2) with 5.2×10
-3

 mol L
-1

 DA and 5.2×10
-3

 

mol L
-1

 Gly at GCE. It is not hard to find that the anodic peak potential of a is smaller than that of b, 

and the anodic peak current of a is larger than that of b. We have performed lots of experiments to 

determine the accurate E°(expt) (vs SHE) value of DA-Gly/DAquinone-Gly. The average value 0.819 

V of E°(expt) is larger than E°(expt) (vs SHE) 0.801 V of DA/DAquinone. The phenomenon suggests 

that Gly in solution weakens the electron-donating ability of DA through the hydrogen bond 

interaction, which is in reasonable agreement with the theoretical results. Thus, theoretical methods are 

proved to be valid to predict the ease or complexity of certain materials’ redox reaction. The method I 

gives results closer to the experimental values here, and our result agrees with Tugsuz’s [28] at this 

point.  
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5. CONCLUSION 

In the present article, two redox couples, DA/DAqunione and DA-Gly/DAquinone/Gly, have 

been studied by CV experiments and B3LYP calculations. Experimentally, the standard potentials 

E°(vs SHE) of DA/DAquinone couple is 0.801 V derived from the liner relationship between E° and 

pH. Theoretically, the standard potentials E° of DA/DAquinone is 0.784 V calculated with method I, 

and 0.815 V calculated with method II. Theoretical calculations are in good agreement with the 

experiments.  

At the same time, the microenvironment effect on the oxidation of DA has been studied by 

choosing Gly as the model molecule. The theoretical redox potentials of DA-Gly/DAquinone-Gly 

system are higher than that of DA/DAquinone calculated via two methods at B3LYP/6-311++G(d,p) 

level. The experimental results verify the theoretical conclusion that the hydrogen bond interaction 

weakens the electron-donation ability of DA, which can be obtained from the phenomena that Gly 

decreases the oxidation currents of DA, and increases its redox potentials. 
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Figure S1. The CV behaviors of 5.2 ×10
-3 

mol L
-1

 DA at GCE in phosphate buffer solution of fixed pH 

3.2 with various temperature values at a scan rate of 100 mV/s (A to E: temperature 

(T)=293.15, 298.15, 303.15, 308.15, 311.15 K) 
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