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ABSTRACT
[bookmark: _Hlk197004140][bookmark: _Hlk204697871][bookmark: _Hlk195376394][bookmark: _Hlk195303185][bookmark: _Hlk195376285][bookmark: _Hlk195388450]This study explores the usefulness of concentration cells for determining thermodynamic quantities from electromotive force (emf)measurements. Liquid electrolytes were utilised for preparing the concentration cells. The thermodynamic quantities investigated include the Gibbs free energy change, entropy change and enthalpy change. Two different concentration cells were constructed for this purpose. The cell notations are represented as follows: 
 and The emf of the concentration cells were obtained from a voltmeter at five different temperatures (298.15, 308.15, 318.15, 328.15 and 338.15 KThe emf values showed significant increase from the range in the  concentration cell and progressively from in the  concentration cell. The emf values ranged from in the  concentration cell and from  in the  concentration cell. The Gibbs free energy change were all negative over the entire temperature range with values decreased from  in the  concentration cell. Similarly, the same trend was observed in the  concentration cell with values decreasing from  . The values of the entropy change and enthalpy change extrapolated from the plot of Gibbs free energy change versus temperature for the   concentration cell was  respectively. The values of the entropy change and enthalpy change extrapolated from the plot of Gibbs free energy change versus temperature for the   concentration cell was  respectively.   
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1. INTRODUCTION

The difference between the electrode potentials of the cathode and the anode equals the cell potential. The cell potential is closely associated with the free energy changes in the cell, and its theoretical value can be determined by electrochemical thermodynamics. In general, thermodynamics is applicable only to systems in equilibrium, so it
is necessary that the processes in the electrochemical cell be reversible. First, the cell reaction must be chemically reversible, meaning that reversing the current direction only reverses the cell reaction and produces no new reactions. Second, the cell reaction must be thermodynamically reversible, implying that the cell reaction proceeds at an infinitesimal rate. Although practical cell reactions always involve current flow, they are considered close to equilibrium when the current is low enough within the desired accuracy. Under such circumstances, the decrease of the Gibbs free energy of the electrochemical cell equals the maximum electrical energy the cell can supply. Research suggests that there are three groups of experimental methods employed to determine thermodynamic properties. They include calorimetry, vapor pressure measurements, and emf (electromotive force) measurements. Extensive reviews on these methods have previously been published (Ipser et al., 1998). Calorimetry is widely employed for enthalpy and heat capacity measurements while emf (electromotive force) is particularly useful with Gibbs free energy measurements. Calorimetry offers a more precise and expedient method of determining enthalpy, albeit it is the only method which offers a direct approach to achieving integral thermodynamic properties such as the enthalpy of mixing, the enthalpy of formation and the enthalpy of solution, etc. from experimental data. Integral Gibbs free energy values may be attained through dexterous calorimetric experiments (Morishita et al., 2004). However, it is standard practice to employ other experimental methods as the vapor pressure and emf for the determination of Gibbs free energy values. The vapor pressure method, especially useful in gaseous systems was not considered adequate for liquid systems necessitating their exclusion from this study. Thus, the determined Gibbs free energy values were based on measuring the electromotive force (emf) of apposite concentration cells; providing a basis for understanding their application for thermodynamic studies in electrochemical systems. The amount of work besides that required for volume expansion and which is essential in a galvanic cell for the transfer of one mole of a certain element in a valence state z from its pure state into a solution is associated with the product of the charge z and Faraday constant F. This process is related by the equation  . E is the electromotive force produced by the cell.  For the thermodynamic study to be consequential, the cell must function in a reversible manner, barring any flow of external current. This then necessitates the choice of a suitable electrolyte for optimal cell functionality. Amongst the factors to be considered in selecting the electrolyte, ability to ensure ionic conductivity over the experimental temperature range and stability of the electrolyte are crucial. This is so because electrolytes susceptible to degradation at high temperatures may interfere with the accuracy of results. Also, unstable electrolytes may not consistently provide ions to facilitate current flow. (Aqil et al., 2020) investigated thermodynamic parameters and conductivity of  solution with different electrolytes using UV-Visible spectrophotometer. Their study revealed that the enthalpy and entropy change of  solutions were dependent on the type of electrolyte added to the solution. The demand for lithium-ion batteries is increasing rapidly in our daily life, but highly flammable non-aqueous electrolytes pose potential hazards, such as fire and explosion. Aqueous electrolytes offer a safer alternative, but the narrow electrochemical window of typical aqueous electrolytes (<2.0 V), due to electrolytic splitting of water, sets a limit on the energy density of batteries with aqueous electrolyte. (Li
et al.,1994) first reported aqueous Li-ion batteries which was the prelude to the study of low toxicity and nonflammable aqueous electrolytes. Aqueous electrolytes also have the advantage that there is no need to build ultradry manufacturing facilities to produce them. The cell with aqueous electrolyte can operate at a voltage of 1.5 V with an energy density of 75 W h kg-1. With aqueous electrolytes, safety problems have been resolved to a certain extent, however, the cycling life of aqueous lithium-ion batteries is particularly poor. In order to develop stable aqueous lithium-ion batteries, the mechanism for the severe capacity fade needs to be clarified. Therefore, (Xia et al., 2016) analyzed the stability of electrode materials in aqueous electrolytes and found that instability of the lithiated lithium-ion intercalated compounds is the main mechanism responsible for capacity fading (Luo, et al.,2010).     												
METHODOLOGY
2. EXPERIMENTAL
The reagents  anhydrous (99.0%) product of Sigma-Aldrich and CuSO4 anhydrous (99.0%) product of Sigma-Aldrich Chemical Company England were obtained without further purification. Laboratory grade Agar-Agar powder product of Larkchem was obtained. Industrial grade silver wire (99.9%) and copper wire (99.9%) were purchased locally.                                                               	
The electromotive force of the concentration cells with salt bridge, Eq. [1-2] were measured at 298.15, 308.15, 318.15, 328.15 and 338.15 K and atmospheric pressure with an AREALER DT 830 L digital volt meter with precision  0.01 V. The cell emf was recorded after the reading of the digital voltmeter stabilized and the process was repeated until five successive readings were obtained within  0.01 V and the results averaged. The concentration cells are symbolized below: 

 					[1]
 					[2]

The Gibbs free energy change was calculated using the equation:
FE											[3]
Where is the Gibbs free energy change, n is number of electrons transferred during oxidation / reduction process, F is the Faradays constant and E is the cell potential.

3. RESULTS AND DISCUSSION

[bookmark: _Hlk197021148]    Table 1: emf values of concentration cell 

	Temperature
(K)
	emf values (mV)

	Average (mV)
	
(mJ)

	
	Reading 1
	Reading 2
	Reading 3
	Reading 4
	Reading 5
	
	

	298.15
	3.12
	3.15
	3.05
	3.11
	3.00
	3.09
	

	308.15
	4.05
	3.99
	4.10
	4.15
	4.09
	4.08
	

	318.15
	4.35
	4.00
	4.45
	4.57
	4.39
	4.35
	

	328.15
	4.54
	4.86
	4.71
	5.00
	4.81
	4.78
	

	338.15
	5.67
	5.43
	5.59
	5.46
	5.77
	5.58
	




Table 2: emf values of concentration cell
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	Temperature
(K)
	emf values (mV)
	  Average
      (mV)              
	
     (mJ)

	
	Reading 1
	Reading 2
	Reading 3
	Reading 4
	Reading 5
	
	

	[bookmark: _Hlk205656813]298.15
	4.58
	4.43
	4.30
	4.16
	4.22
	4.34
	

	308.15
	5.13
	4.97
	5.04
	5.19
	4.99
	5.26
	

	318.15
	5.58
	5.86
	5.63
	5.29
	5.43
	5.56
	

	328.15
	6.17
	5.93
	6.28
	5.81
	6.20
	6.08
	

	338.15
	8.51
	8.06
	8.35
	8.27
	8.47
	8.33
	




3.1 Temperature dependence of emf
When conditions are other than in the standard state, the voltage E, of a cell is given by the Nernst equation:
											[4]
Where,
Q= Reaction quotient
R= Gas constant
T= Absolute temperature
The emf increased with temperature as observed from Figure 1 and 2 as a result of the effect of temperature on the chemical reactions and thermodynamic properties within the half-cell. The Nernst equation reveals that emf is dependent on temperature as well as the concentration of reactants and products. Elevated temperatures increase the kinetics at molecular levels, leading to faster reaction rates and increased emf values (Linden, D. & Reddy, T.B. (2001). 





	





Figure.1: Plot of emf versus Temperature for the concentration cell 






Figure 2: Plot of emf versus Temperature for the concentration cell
	 


3.2 Gibbs free Energy Change
Thermodynamic equilibrium represents the balance between the natural tendency of things to fall to lower energy, along with the natural tendency for random thermal motion at molecular level (i.e, heat) to oppose this fall. Given that most things in the world take place at constant pressure, then the appropriate energy quantity to use is enthalpy, represented by the equation:
											[5]
This comprises the Internal Energy (U) plus the pressure volume correction tern (PV) to reckon for work done with the surroundings, provided there is a change in volume. Changes in enthalpy during any process will be indicated by  The balance between these two opposing effects is represented in the change in Gibbs free energy:
 											 [2]
Plotting  versus T assumes that and  are approximately constant over the temperature range measured. The entropy was determined from the intercept of the plot at , while the entropy was determined from the slope of the line.   
Observations from Table 1 and 2 reveals that the values of  are negative over the entire composition range confirming that that the chemical reactions in the half-cells are spontaneous. The rate at which reactions occurs in the half-cells depend on a number of factors which may include the number of solvent molecules bound to the cations. The values of  were higher in the Al half-cell compared with that of the Cu half-cell, suggesting better coordination of solvent molecules with the Al3+. The Al3+ cation tends to be smaller due to their higher effective nuclear charge compared to the larger Cu2+ with lower effective nuclear charge. The implication of this is that Al3+ cations will exhibit stronger electrostatic attraction to solvent molecules, characterized by better ordering and structure in polar aqueous medium. Therefore, the mobility of the Al3+ cation will be impeded by an enfolded solvent sheath of inhibited and oriented molecules. These inhibited solvent molecules journey in consort with the ion across the medium (Burgess, 1979). On the other hand, Cu2+ cations with lower effective nuclear charge will exhibit weaker electrostatic attraction to solvent molecules with ordering and structure in polar aqueous medium. As a result, Cu2+ will be more mobile, without the enfolded solvent sheath of inhibited and oriented solvent molecules. By dint of this, the Cu2+ cations diffuse faster to the electrodes resulting in improved voltage in the half-cell. The measured values of the emf for Cu2+ in Table 2 are higher compared with those for Al3+ in table 1. The plots in Figure 3 and 4 reveal negative values for both enthalpy and entropy. Both results corroborate spontaneity, especially over low temperature ranges as performed in these experiments.   



[bookmark: _Hlk205656678]Figure 3: Plot of Free Energy versus Temperature for the concentration cell 
	



[bookmark: _Hlk205656917]	Figure 4: Plot of Free Energy versus Temperature for the concentration cell
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4. CONCLUSION  
It is shown that the measurement of the emf of a concentration cell is a versatile method to obtain thermodynamic data. The negative values of entropy extrapolated from Fig. 3 and Fig. 4 always contribute to the non-spontaneity of the process. The relationship between a non-spontaneous process and a decrease in entropy can be recognized by noting that energy is required to produce order from disorder (Monteiro, M.J, 2018). This energy is what drives the cell reaction. By combining the results of enthalpy and entropy, we can determine spontaneity. The negative values of enthalpy ( ), -1.7605 and -3.793 contribute to spontaneity whereas the negative values of entropy (), -0.0547 and -0.1694 contribute to non-spontaneity. The implication of the result is that the spontaneity depends on the balance between enthalpy and entropy. 
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