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Abstract-Local heat effects caused by electric current in the industrial electrolysis of aluminium arc 
calculated by a non-equilibrium theory, the electric work method. Literature data and assumptions about 
electrode reactions are used to obtain the results. For a current density of 0.7 A cne2, the reversible heat 
production at the cathode surface is 0.1 W cm-*. The irreversible heating due to the overpotential is 
0.07 W cm-2. At the anode the reversible heat production represents a cooling of -0.63 W cm-2, while 
the overpotential causes a heating equal to 0.3 W cm-*. The Joule heating of the electrolyte is 0.2 W cnm3. 
The asymmetry in the results and the magnitude of the local effects may lead to temperature gradients 
across the cell. The transported entropy of Na+ is estimated to S$,,, = 89 + 5 J K-’ faraday-’ and the 
entropy of the oxy-anion complex compound Na,Al,O,F,, SNalA,201F, = 570 f 40 J K-’ mol-‘. The 
theory can be used to analyse electrode reactions. The electric work method also gives more accurate 
determinations of cell voltage. 
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1. INTRODUCTION 

Knowledge of energy and heat changes during 
aluminium electrolysis is important for optimal cell 
design and control of the process. As an example, 
the control of the crust thickness depends on a 
good model of heat production and heat transfer 
mechanisms. 

The aim of this work was to quantify local heat 
effects connected to electric current used for alu- 
minium electrolysis. Such local heat effects are caused 
by electrode overpotentials, ohmic resistance and the 
reversible chemical reaction at each electrode. Results 
for the first two effects are well known[l, 21. Data 
available in the literature[3-81 and the electric work 
method[9, lo] allow a detailed study of the relative 
importance of the third effect, the reversible heat 
change at the electrodes. Some assumptions are, 
however, necessary in the calculation. Thus the need 
for more experiments is also pointed out. The results 
may lead to a better modelling of heat sources and 
sinks in the industrial cell. 

2. PRINCIPLES 

The central part of the electric work method[9, lo] 
for electrochemical cells is the first law of thermodyn- 
amics. For reversible cells the first law takes the form 

[(dV/dt), - (dQ/dt)i - (p dV/dl),] dx = - EI 
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The conditions approach those of the anode effect. electrode reactions may cause both positive or nega- 
The anode reaction is obtained by adding equations tive[lO, 121 effects. The thermodynamic heat change 
(Ia) and (II) which is characterized by mass changes, is given by 

fA&OF:- (an) + F-(an) +$(s) =$0,(g) 
thermodynamic entropies. The Peltier effect which is 
characteristic of the charge conductor, is given by the 

+ fAlF; (an) + fAlF:- (an) + e-. (Ib) transported entropy[9-121. These heat effects are 

The mass balance (Ia) of the anode compartment is 
proportional to I. For adiabatic systems, the heat is 

shown in Fig. 1. We assume that electric current is 
taken from the system itself. For isothermal systems, 

transported only by Na+ ions out of the anode 
the heat is supplied from the surroundings. In either 

compartment. Transport numbers above 0.9 are, 
case, the interface reaction represents a sink or source 

however, reported (see Ref. [ 1] for further references), 
in the equation for heat conduction. For the cathode 

so the error introduced by using tNa+ = 1 shall be 
reaction (IV) we have 

discussed (see Section 3). A transport number equal (dQldf)cat = ~c&L,cat - ~~a,m,,cat) 
to unity gives the following junction reaction 

+ 4SNaF,cat /3 - SE,+ + SZI(IIF) (2) 
Na+(an) = Na+(cat) (III) where r,, is the temperature at the cathode, S, is the 

where (cat) denotes location close to the cathode. molar entropy of Al, si is the partial molar entropy 
Reaction (III) represents one way of fulfilling the of i = NaAlF, and NaF, S&+ is transported entropy 
condition of electroneutrality in the anode compart- of Na+ to the cathode and S: is the transported 
ment (see Fig. 1). entropy of the cathode. F is the Faraday constant. 

The reaction at the cathode takes place in a less The sign of the terms in equation (2) can be under- 
acidic melt, due to supply of Na+ at this location. stood by the following example: one mole of Al is 
Thus produced at the cathode, thus the heat T,,S,,c,, must 

;AlF; (cat) + e - = f Al + !F-(cat). (IV) 
be supplied to maintain this production at constant 
temperature, otherwise the cathode will be cooled. 

The mass balance of the cathode is also shown in Further explanations on the background of equation 
Fig. 1. The total cell reaction is from equations (Ia), (1) are given by Refs [9-10, 121. 
(III) and (IV) For the anode reaction (Ia) we have correspond- 

fAl,02F:- (an) + F-(an) +$(s) + fAlF; (cat) 
ingly 

+ Na+(an) = Na+(cat) + fA1 + !F-(cat) (dQ/df)an = T&&o, - SC - +.+upm,an) 

+ $0,(g) + ;A~F; (an) (va) - SNaF.en + tSNaAIF,,ao + %a - &W/F). (3) 

or from equations (Ib), (III) and (IV) The anode temperature, T,,, may be different from 

$Al,OF:- (an) + F-(an) + $C(S) + fAlF; (cat) 
the cathode temperature. 

The reversible heating of the electrolyte depends on 
+ Na+(an) = Na+(cat) + iA1 + $F-(cat) the temperature variation of the transport number 

+ $0,(g) + WAIF; (an) + WAIF;- (an). (Vb) 
and of SC,, [ lo]. When the transport number of Na+ 
is constant, the only contribution to E from the 

Other choices for reaction schemes are possible. junction is 
While the Joule heat and the heat evolution due 
to overpotentials are always positive effects, the (dQ/dt)e, = 

s 
CBt T dS&+. (4) 

The effects described by eiuations (2)-(4) shall be 
obtained and compared to the Joule heat in the 

anode electrolyte and the electrodes, and the production of 
heat due to overvoltage. 

I 
anode 

/ compartment 
L-________J 

i tNa* = 1 
electrolyte 

3. DETERMINATION OF THE 
TRANSPORTED ENTROPY IN THE 

ELECTROLYTE 

The transported entropy S&+ can be estimated 
+-__-__-----_ from the experiments of Mozhaev and Polyakov[4]. 

1 tNa* -1 cathode 
They measured the emf at 1000°C for the following 
cell: 

An,, q l/3 
compartment 

Al(l), T, INasAlF6(l), Al,O,(l)I Al(l), TZ. (i) 

cathode 
We may assume the following cathode reaction in this 
cell 

Fig. 1. Mass balances at the cathode, the anode, and in the 
)A~F;- +e-=fAl+2F-. (VI) 

electrolyte during transfer of one faraday in electrolysis of The anode reaction is the reverse of this. Again we 
aluminium. It is assumed that only Na+ carries electric assume that the electric current is carried by Na+ 

current in the electrolyte. alone in the electrolyte. This gives mass balances 
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anode electrolyte cathode 

Fig. 2. Mass balances for transfer of one faraday in the cell, 
Al(l)INa,AlF,(I), Al,O,(2-10 wt%)IAl(l). 

of the cell as shown in Fig. 2. Following Hertz 
and Ratkje[9], the reversible heat changes are 
accordingly 

(dQ/dth = ~&&I - +WIF~) 

+ hw - %a+ 1 (Z/F) (3 

@Qldth = -T [$A, - +.,a,,~~) 

+ %w - Sk+ 1 (Z/F) (6) 

The transported entropy in the electronic conductor 
has been neglected. The temperature difference used 
in the measurement is so small, 556”C, that the 
entropies may be taken as constants in equations (5) 
and (6). By introducing equations (5) and (6) into (1) 
the following is obtained for cell (i): 

EZ= @Q/dfh + (dQ/dth 

x CT* - T > V/F). (7) 

The expression requires that reaction (VI) is the 
electrode reaction in the cell. The thermoelectric 
power of the system, c,, is defined by 

L, F = EFI(T, - T,). 

By introducing equation (7) into (8) 

(8) 

61 F = [(S, - ~~a,.&/3 + 2+ar - S;,+ I. (9) 

Experimental results[4] give L = -0.10 + 
O.OlmVK-I, and EF=-lO+lJK-‘eqv-‘. The 
result is independent of a content of A&O, between 
3 and 10 wt% in the melt[4]. The negative sign means 
that the cell is able to perform work. Heat is removed 
from the cathode at the higher temperature T2 and 
produced at the anode at the lower temperature Tl. 
The value of ti F and the thermodynamic entropies 
can be used to obtain S$,+ . According to JANAF[S] 
we have for the pure liquid components at 1300 K; 
SA,=82f 1, SNaF = 131.0 + 0.1, and SNajALFs = 
640 + 12 J K-i mol-I. Sterten and Maeland[6] report 
partial molar entropies of mixing for NaF and AIF,. 
From their results we may calculate AsSNaF = - 1 k 1 
and hNa+iFs = - 16 f 1 J K-’ mol-‘. This gives 

-130+1 and s 
?iz -resulT of the 

= 624 + 12 J K-’ mol-‘. 
Ns?tlation -is S&,+ = 89 + 

5 J K-i faraday-‘. This means that transport of Na: 
into the cathode compartment represents a reversible 
heating of this compartment. The value of S&+ is 
high compared to the other entropies of equation (2) 
and (3). This means that the quantity cannot be 
neglected in calculations of the local heat productions 
at the electrodes. The uncertainty in S&,+ is calculated 
from uncertainties in the other variables of equation 

(9). The neglect of the transported entropy in carbon 
and the assumption of tNa+ = 1, lead to a systematic 
error in Sft.+. The calculated value of S$,+ can at 
present be regarded as a net effect of transported 
entropies, S* = fNa+ S&+ - fAIFl- S&- + S:[lO]. 

4. LOCAL HEAT PRODUCTION AT THE 
CATHODE 

Equation (2) gives the local heat production at the 
cathode. The transported entropy of C is small and 
will be neglected. According to Kvande[q, the en- 
tropy of the reaction 

Na,AlF,(l) = 2NaF(l) + NaAlF,(l) (VII) 

is ASvrr = 9.2 f 8.4 J K-r mol-‘. This gives sNti& = 
SNa+lF6 -2sNaF+ASVn=373+15JK-‘mol-‘. By 
introducing this and the data of Section 3 into 
equation (2): 

(dQ/dt),, = 1300( - 13 + 7) J faraday-’ (Z/F) 

= -17f9kJfaraday-‘(Z/F). (10) 

The negative sign represents a heating of the cathode, 
if heat is not removed or distributed to other parts of 
the cell. This is in agreement with observation[3]. 

5. LOCAL HEAT PRODUCTION 
AT THE ANODE 

The heat production at the anode can be obtained 
directly from the thermoelectric power of the cell 

C(s) 1 CO(g), T, IN~W), 40,(l) 1 CO,(ii% Tz C(s). 
(ii) 

The thermoelectric power is expressed using equation 
(3) for both electrodes 

@= -&Sco,-Sc -SNa&OzFd) 

-sNaF+$NaA,F,+ %,+I. (11) 

The entropy of Na,Al,O,F, is not known, however. 
The value of or F can be calculated by observing that 
the following relation holds at constant temperature 
[no contribution from equation (4)]: 

(dQ/dT),,/T - c,F = AS (12) 

where AS is the entropy change of the reaction (Va). 
According to Grjotheim and Welch[l, p. 1751, the 
isothermal temperature coefficient for the voltage of 
the aluminium cell is - 5.6 x 10e4 V K-i. This gives 
AS = F(dE/dt) = 54 J K-i faraday-‘. Thus, from 
equation (12) c,F= -67+7JK-‘faraday-‘, and 
the heat production at the anode is accordingly 

(dQ/dt),, = -c2F = T,,(67 + 7)(Z/F) 

=87+9kJekV-‘(Z/F) (13) 

Error limits of the temperature coefficient have not 
been included. The positive sign means that heat must 
be supplied to the anode in order to avoid cooling. 
The value of (dQ/dt),, can be used to determine 
the entropy, SN~~.Q~F, from equation (11). By 
introducing from JANAF[S] S,,,(g) = 283.9 * 0.1, 
SC(s) = 30 + 1 J K-r mol-’ and the entropies given in 
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the preceding section we obtain sNazAIzo2r., = 570 f 
40 J K-l mol-‘. Thermoelectric power measure- 
ments, as expressed by equation (1 I), should be 
performed to confirm the validity of these calcu- 
lations, by independent means. A direct measurement 
of the total effect should give better accuracy than the 
present calculation from equation (12). 

The shift in the chemical equilibrium at the elec- 
trode surface from reactions (Ia) to (Ib) will be 
accompanied by a shift in the heat production, which 
is equal to the entropy change of reaction (II).’ 
According to Julsrud[8], AS,, = - 15 J K-l mol-’ 
for reaction (II). This means that the reversible 
cooling at the anode should be lower by about 
20 kJ ekV-’ (Z/F) for low oxide concentrations. The 
overpotential rises at these conditions due to the 
onset of the anode effect. The total heat production 
will increase, partly due to reaction (II), and partly 
due to q(an)Z. 

6. RELATIVE IMPORTANCE OF LOCAL 
HEAT EFFECTS AND IMPLICATIONS 

All four heat effects discussed have been compared 
in Table 1. A typical value for the current density 
during electrolysis, 0.7 Acm-‘, has been used to 
obtain heat changes per unit time. Electrolyte resist- 
ance is taken from Ref. [4] and overvoltage data are 
from Grjotheim et aZ.[l]. 

The heat productions at the electrodes are given 
per unit area, while the Joule heats are given for a 
column of unit area cross-section. The interelectrode 
distance is 4.5 cm. 

The data show that the different effects have about 
the same order of magnitude. The reversible heat 
effects are, however, larger than the Joule heats in 
absolute values, even the Joule heat in the electrolyte. 
The cooling of the anode surface does not balance the 
normal heating of the anode by the overvoltage, so 
that the net effect also represents a cooling. At the 
cathode, the reversible effect is not greater than the 

Table 1. Heat changes per unit time and volume associated 
with electric current. The distance between the electrodes is 
4.5 cm and the specific resistance of the bath is 0.4 Q cm. 
Current density ]s 0.7Acn1-~. The anode overvoltage is 
then 0.4 Vt. and the cathode overvoltage is 0.1 Vt. The 
electric fieici in the anode as well as ii the cathode is 

0.3 V m-l 5 

Type of change, location Heat change per cme2/W 

Joule heat in 1OOcm 
of anode material 

At the anode surface: 
-@QldtL 
overpotential 

Joule heat in 4.5 cm 
of electrolyte 

At the cathode surface: 
-(dQ/W,t 
overpotential 

Joule heat in 1OOcm 

0.21 

-0.63 
0.28 

0.88 

0.1 
0.07 

0.002 
cathode material 

tSee Ref. [l, p. 991. $See Ref. [l, p. 1251. @ee Ref. 
[l, p. 1771. 

‘overpotential, but this time the effects do not counter- 
act each other, they add. The magnitude of the sum 
is well below the net heat consumption at the anode. 
If stirring is insufficient or the current density is low, 
this will lead to temperature gradients in the melt. 
Mozhaev and Polyakov[4] observed a cooling of 
-7°C of the anode in a laboratory experiment for 
1 A err-*. The existence of temperature gradients 
implies that the cell voltage is a function of the 
entropies of reactants and products as well as of 
the transported entropy. So far this possibility 
has been neglected in the theory of the aluminium 
electrolysis. 

There are additional heat effects in the cell which 
are not directly coherent with the electric current. 
One example is the heat effect accompanied by 
dissolution of alumina. The enthalpy of solution 
at the composition 2% Al,O, by weight is 
190 kJ mol-‘[4]. In order to compare this value to the 
results of Table 1, we relate it to the number of moles 
of Al produced, and divide by two. The dissolution 
of Al,O, has then been correlated with the electrode 
reaction. The heat change, 85 kJ faraday-’ represents 
more than half the Joule heat in the electrolyte. 
Temperature reduction caused by alumina additions 
is also well known[l4]. 

The terms given in Table 1 are all source terms in 
Fourier type heat conductance equations. Such 
equations are used to calculate temperature gradients 
under steady-state conditions]1 51. Knowledge of 
parameters entering these equations should make 
possible a better control of crust thickness. Another 
topic of interest for industrial application is the 
optimum design of feed parameters. The answer to 
when, where and how much alumina should be added 
to the melt depends on the heat balance of the cell as 
well as the energy balance. 

7. COMPARISION TO EQUILIRRIUM 
THERMODYNAMIC TREATMENTS 

A temperature gradient in the cell gives the follow- 
ing expression of the cell emfl9] 

-FZ=(,, -IIS:.,dT)(Z,F) (14) 

where AG is defined by the chemical potentials of 
the cell reaction. A rewriting may be useful: we 
group the parameters that are specific for one 
electrode only separate from the ones that vary 
across the bath, by adding or subtracting parts. This 
manipulation gives 

The difference between the common description of 
cell emf and the one given by the electric work 
method is the integral in equation (15). The integral 
depends on concentration variations across the elec- 
trolyte, and is a well-defined experimental quantity. 
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According to equation (4) and the estimate obtained 
for S&+ in Section 3, a temperature difference of 
10°C between the electrodes gives a contribution to 
cell voltage of 0.9 kJ faraday-’ or 10 mV. Concen- 
tration gradients contribute similarly. The values 
taken together seem large enough to be included in 
accurate analyses of the cell voltage. 

We may assume local equilibrium (VI) at the 
anode, thus 

The chemical potentials of gas and solids are constant 
during operation. Only one parameter remains which 
has an essential influence on the variation of E, 

namely PN~~AI~O~F~,CUI. The concentration variation of 
this chemical notential at the anode surface will 
determine the cell voltage. When the cell reaction is 
shifted according to (Vb), the critical parameter will 
similarly be PN~,A~~oF~.~~. The onset of the anode effect 
has been associated with this shift[l6]. 

Equation (15) or the equivalent for cell reaction 
(Vb) may thus serve as a useful and more exact start- 
ing point for analysing the optimum cell behaviour. 

The thermodynamic heat production by the system 
is obtained by adding equations (2) and (3). 

+ Vi,+ dT (I/F) s I 
={AS+~S&,+dT}(I,F) (16) 

where AS is the entropy of the cell reaction and the 
different terms it contains refer to different tempera- 
tures. Joule heat and the heating of the reactants are 
not included and must be added to obtain the total 
heat balance. 

The difference between the common equilibrium 
analysis and the present analysis is twofold. Firstly, 
only the non-equilibrium method includes the effects 
of gradients in temperature and concentration. Sec- 
ondly, and may be more important, is that the 
equilibrium analysis lacks the accurate localization of 
the heat production. This may have a practical 
bearing, as discussed in the previous section. Knowl- 
edge of the Peltier effects through calorimetric 
measurements may offer a tool for further examin- 
ation of electrode reactions. Reaction schemes may 
be confirmed or changed from such studies. 

8. CONCLUSION 

A new method, the electric work method[9], has 
been applied to the electrolysis of aluminium. The 
method reveals several features, that partly have been 
recognized earlier by Mozhaev, Polyakov and co- 
workers[3,4]. The results give new detailed infor- 
mation of the size and localization of the different 
heat effects in the system, and a tool for further 
analysis of electrode reactions. We conclude that 
the cell voltage is described more accurately by 
non-equilibrium thermodynamics. 

Experiments for consistency check for calculations 
and electrode reaction studies are suggested. These 
experiments ought to be the tirst aim of further 
studies. 
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