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PART 6 
Electric potential in volts ENZYMES driven
Electrochemical reactions across Cell membranes 

Anniversary Nernst’s Nobel Prize since 1920: 

Electrode is the Metal immersed into solution 
Electrochemical reaction is movement of charged ions across cellular membranes on surface of interface between phases like lipid bilayer and water solution.

On the electrode solution interface start Electrochemical reactions. 

Metallic Electrode is carrier of Reduction–Oxidation electrochemical reactions 

transferring through interface charged ions to make electric potential.

Are classified such Type electrodes: Type I, 

Type II and 

Red-Ox                electrode. 

Electrochemical reactions driven charged ions gradient through Membrane channels forms Membrane potential EM.

Metal consist of electron e- gas and crystalline metallic Me+ ions lattice .
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Voltmeter with minus "-" and plus "+" clamps measures difference 
of potentials or EMF (Electric Motion Force) 

between two MeI (Indicator) and MeII (Standard)
on electric circuit linked electrodes : EMF =  EI  - EII ; EI = EMF + EII
Indicator electrode having  EI – has reactivity with solution - electrode 
                                                                                          of investigations,
	 Standard 
 Reference 
	} electrode having  EII =constant– has no reactivity with 
environment into solution. 


Nernst's equation obtaining for the Reduction-Oxidation equilibrium.

ΔG   =  G2 -  G1   [image: image3.wmf]D
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One 1 mol of the reduced form Red transfer from left side to right side in equilibrium to oxidised form Ox is the standard free energy change performed work W of one mol Men+ transfer from point 1 into metal to point 2 into solution applied with negative value -ΔG° at electric potential value E. One mole Men+ charge is q = nF , and work calculated as charge times electric potential value : W=qE=nFE = -ΔG°=Wwork= nFE=RTlnKeq .

Red–Ox equilibrium constant     Keq =  

 so 

E=

•ln

=

•ln([e-]) +

•ln

 if 

=1 then 

E°=

•ln([e-]) ; ln([e-])=

= const on metal surface therefore E°=const. 

Nernst's equation in natural (number e=2,7) logarithm ln and decimal (number 10) logarithm lg form ln(a) = ln(10)•log(a): 

E=E°+

•ln

 ; E=E°+

•

•log

 ;



=

=0,0591 V;

                          E=E°+

•log


Second (correct) approach to obtaining Nernst's expression.
When equilibrium is established reactant and product chemical potential sum becomes equal. As positive potential E charge on Left side is compensated by Red potential positive charge on Right side Ox form compensates number electron negative charge in reaction products nμ e- 
μ:  μ Red + EnF= μ Ox + n μ e
but each chemical compound chemical potential is: μ = ∆G° + RTln(NA) , were NA is substance A 

concentration in mol fraction units. ∆G° is given compound A standard potential. 

In chemical equilibrium given compounds have ∆G°Ox , ∆G°e- and ∆G°Red. 

∆G°Red +RTln(NRed) +EnF = ∆G°Ox +RTln(NOx) + n∆G°e- +RTln(Nne-)
Expressing E from equilibrium conditions of the chemical potentials µ : 
E = 

 +  

•ln

  pure compound mol fraction is NA = 1. 

Free electrons in separate phase (so called electron gas) of metal is just pure compound Ne- = 1 therefore 

E = 

 +  

•ln

 .

As seen standard potential E° expression is  E° = 

 .

conversion to molar concentrations and decimal logarithm we obtain 

Reducing form [image: image4.wmf]¾¾¾®
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 Ox∆n+  +  ne-           E = E° +

•lg

 .

in reaction ne- electron lose (left at metal) exert towards solution transfer ∆n+ positively charged ions Ox∆n+. 

Electrons ne- leaves at metal electron gas. Such ∆n+ positive charge entrance into solution as oxidised form Ox∆n+ in products brings the chemical potential electrical part of negative electrons which is 
nμelectr = -nFE.
 III. TYPES OF ELECTRODES 

 III.I. METAL/ITS SOLUBLE SALT ELECTRODE 
 (I-ST TYPE ELECTRODE) 

A I-st type electrode is obtained by immersing a metal into a solution, containing its ions (its soluble salt), see fig.6.2.
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 MeX solution
Fig.6.2. Metal/its soluble salt (I type) electrode.

In such a situation, two reverse processes can occur on the surface of electrode:

I) as any metal consists of metal ions and all the valence electrons are common to all the ions at the same time, a metal ion can leave the surface of electrode and enter the solution, leaving its electrons on the surface of electrode:

As positive particles leave the electrode, electrode material gains a negative charge (and potential) as the result of this process. 

2)the other process is opposite to the first one -  metal ions from the solution can reach the surface of metal electrode, gain electrons from it and form metal atoms, which stick to the surface of electrode:

This process assigns positive charge and potential to the electrode. As these two processes are reverse to each other, the equilibrium, that occurs on the surface is:

Me  - ne- [image: image6.wmf]  Men+
 and its equilibrium constant is expressed as:

K = [Men+]

(the nominator of this expression is equal to 1, as the metal is a solid and concentrations of solids are replaced by 1 in  the expressions of equilibrium constants).
Nernsts’ equation for a I-st type electrode looks like:
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For example, for a I-st type electrode Ag/ AgNO3 the potential equation is:
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The value of eo for different metals can be either positive or negative. For metals, which are more active than hydrogen (standing before hydrogen in the metal activity line), the first process-leaving of the surface by ions is dominating, therefore their standard potential is negative, or in other words, in I molar salt solution these metals are charged negatively (examples Zn, Na, Al, etc.)

For metals, which are less active than hydrogen, as Cu, Ag, Au, Hg, the dominating is that of the two processes, in which metal ions stick to the surface, therefore their standard potentials are positive.

As one can easily see from the equation (6.2), the potential of a I-st type electrode depend on the concentrations of metal ions only . For this reason, I st type electrodes are practically used as indicator electrodes for determination of metal ion concentrations (when the value of potential is measured and eo of the given metal is known, expression (6.2) can be used for calculation of the concentration of metal ions). 

 III.2. HYDROGEN ELECTRODE 

A hydrogen electrode consists of a platinum sheet, immersed into a solution, containing H+ ions (for example, H2SO4 solution) and gaseous hydrogen, permanently bubbling through the solution, see fig. 6.3. 

Platinum is an inert metal, but, as hydrogen is bubbling through the solution, the surface of platinum adsorbs molecules of hydrogen and becomes saturated with it. As the result, the platinum sheet with an adsorbed layer of hydrogen behaves, as if it was an electrode, made of solid hydrogen.
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Fig.6.3. Scheme of hydrogen electrode.

Thus, formally, a I-st type electrode, having hydrogen as an electrode material is obtained - there is a surface, saturated with hydrogen, which is fixed on it, and there are H+ ions in the solution. For this reason, the mechanism of potential formation is similar to the one of a I-st type electrode. The process, which occurs on the surface of electrode is: and its equilibrium constant is expressed as: (Pt)1/2H2 [image: image10.wmf] H++ e- 

platin is hydrogen H saturated metal Pt + 1/2H2 [image: image11.wmf] (Pt)H deepe in to hydrogen ion H+ solution

   Oxidation reductio equilibrium constant is K = [H+] , because metalic hydrogen concentration is one 1. 
.

By an international agreement hydrogen electrode is used as standard electrode for measuring of the potentials of all other electrodes against it, and the standard potential of hydrogen electrode (eo ) is internationally agreed to be 0.

To obtain a hydrogen electrode having the overall potential value, equal to zero (hydrogen standard electrode) 1N H2SO4 solution (conc. of H+ ions is 1 mol/l in it) is used as the electrode filling and pressure of H2 , that is bubbling through the electrode is maintained to be 1 atm. in these conditions, the overall potential of this hydrogen standard electrode is equal to zero:

On the other hand, a hydrogen electrode can be used for measurements of pH (and it historically was used for these purposes), because its potential depends on the concentration of H+ ions.

If pressure of gaseous hydrogen is maintained 1 atm and a solution with an unknown pH is poured into the vessel of hydrogen electrode, the potential of electrode will be: eH2 = e°H2 + 0.059•log [H+] = -0.059•pH

Nowadays hydrogen electrode is practically used very seldom, because several disadvantages of its construction make its application inconvenient:

1)platinum surface has to be specially prepared to be able to adsorb hydrogen,

2) hydrogen has to be purified before its bubbling through solution,

3) pressure has to be maintained constant.

Nowadays more convenient electrodes, such as silver chloride  and calomel  electrode are used as standard electrodes, but their use for these purposes is possible only because their potentials have been carefully measured against hydrogen electrode.

For practical measurements of pH the most commonly used electrode is glass electrode  (see below), but some red-ox electrodes, in which hydrogen ions are involved in the electrode process (and therefore electrode potential is sensitive to H+ concentration) are also used for these purposes. 

METAL/INSOLUBLE SALT/ION (II-TYPE) ELECTRODE.

A II-type electrode consists of a metal, a precipitate of its insoluble salt and a solution, containing the counter-ions of the insoluble salt.
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Fig.6.4. Scheme of silver chloride electrode as an example of II - type electrode.

For example, silver chloride electrode (see fig.6.4.) consists of a silver platelet or wire, precipitate of silver chloride and a solution, containing chloride ions:

 Ag / AgCI, Cl- (chloride ions in solution are in most cases added by addition of KCl).

Another example of a II-type electrode is calomel electrode, consisting of mercury, Hg2Cl2 (calomel) and KCl solution: Hg /Hg2Cl2 , Cl-.

Our discussion of the II-type electrode will be based on AgCl electrode.The electrode material is silver. As AgCl is a very weakly soluble salt, the amount of silver ions in solution is very small, but still, as the equilibrium between solid AgCl and its ions in solution exists:

AgCl  [image: image13.wmf]  Ag+ + Cl-
 precipitate 
    ions in solution. 
therefore there is some concentration of Ag+ ions in the solution.

So, at the first site, the mechanism of potential arising can be imagined just like for a I-type electrode, having silver as electrode material and silver ions in solution, and the equation of potential for AgCl electrode can be a first written as: [image: image14.wmf] e 
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At the same time, one has to notice, that in this case Ag+ concentration is not freely variable, because it is determined by solubility product of precipitate AgCl:
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 Inserting the meaning of [Ag+] from the last equation into the potential equation, we have:

[image: image16.wmf] 

e

AgCl

 

=

 

e

Ag

o

+

 

0,059

 log 

K

sp

,

AgCl

 

C

l

-

    or 

e

AgCl

 

=

 e

Ag

o

+

 

0,059

 log 

K

sp

,

AgCl

 

-

 

0,059

 log

Cl

-

      

 (6.3a)


As Ksp,AgCl is a constant value (at a given temperature ), 0,059 log Ksp,AgCl is also a constant value, therefore it can be added to the other constant value eo of this equation and their sum forms a value that is called the standard potential of silver chloride electrode:
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Now we can obtain the final form of potential equation for silver chloride electrode:
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As chloride ions in the solution come practically only from KCl (KCl as a strong electrolyte consists of K+ and Cl- ions in the solution), because presence of Cl- ions from KCl shifts the equilibrium of dissolution of the already weakly soluble AgCl still more to the left, potential of silver chloride electrode depends only on the concentration of KCl in the solution.

The main application of II-type electrodes is their use as standard electrodes. 

The construction of commercial AgCl electrodes is such, that they have their internal KCl solution, they can be immersed as whole into solution and the electrical contact between a silver chloride electrode and the outer solution (that is being studied or analyzed) is realized through the so-called salt bridge (see chapter “junction potential” for explanation of this term), which is mounted in the lower part of the silver chloride electrode.

On the other hand, one can easily see, that the potential of an AgCl electrode is dependent on concentration of Cl- ions in its internal solution. For this reason AgCl electrode can be used for determination of Cl- ions (as an indicator electrode) if a solution with unknown Cl- concentration is used as internal solution of AgCl electrode and its potential is measured against a standard electrode.

Similarly to that, AgBr, AgI and Ag2SO4 electrodes can be applied as indicator electrodes for measuring of Br- , I- and SO42- concentrations respectively.

 III.4. REDOX ELECTRODE 
	[image: image19.jpg]



	A redox electrode  is a platinum electrode, immersed into a solution, containing both forms (Ox and Red) of a redox system.

Fig.6.5. Scheme of redox electrode.




Platinum as an inert metal is not itself involved in the process. Nevertheless, it can serve as a source of electrons for Ox form of redox system, or as a sink of electrons for Red form. Thus, if a particle of Ox form reaches the surface of Pt, it gains electrons from the surface of Pt and is therefore transformed into a particle of Red form:

Ox + ne- [image: image20.wmf] Red

As Pt looses electrons in this process, its surface obtains a positive potential as a result of this process.

At the same time, when a particle of Red form reaches Pt surface, it looses its electrons (leaves them on Pt) and is converted into a particle of Ox form: 

Red -  ne- [image: image21.wmf] Ox

As Pt surface gains electrons in this process, the potential of electrode becomes more negative.

If both forms have equal concentrations, the final sign of electrode potential allows to judge about the strength of both forms. In such a way, if Ox form is a strong oxidizing agent, the final potential of electrode will be positive, if Red form is a strong reducing agent - the potential will be negative. The equilibrium of a general redox system can be expressed as:

aRed + bH+ - ne- [image: image22.wmf]  cOx + b/2 H2O

 its equilibrium constant is:
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and the potential equation for redox electrode can be calculated as:
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Standard potentials of redox electrodes (eo), which are measured, when concentrations of both forms and H+ ions are 1 mol/l, are used to compare oxidizing and reducing abilities of different redox systems, as it has been discussed before.

In some cases redox electrodes, in which the ratio between concentrations of Ox and Red forms can be maintained constant, and H+ ions are involved in the equilibrium, are used for measurements of pH (see chapter “Oxidation-reduction reactions” about use of standard red-ox potentials to determine the direction of reaction). 

IV. HOMEOSTASIS Concentration gradient Membrane potentials 
for ions H+,Na+,K+,Ca2+,Mg2+,HCO3-,Cl- 

Inside Cell  Left  G1 Membrane G2 Right  outsideCell 
	                                [image: image25.jpg]ion channel
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	One mol of the protons with charge n=+1 from inside Cell transfer from left side to right side through membrane channels from left to outsideCell against concentration gradient of the protons is the non spontaneous free energy positive change ΔGr=Wwork using exoergic metabolic reactions 


                            ΔG =    G2 -  G1    produced positive work Wwork, applied 
with negative free energy exoergic change -ΔGmetabolic=Wwor to form  concentration outside Keq>1  is greater [H+]outsideCell > [ H+]insideCell if membrane Keq=[ H+]outsideCell / [ H+]insideCell equilibrium constant. 
Than electric potential value E>0 is positive for one mole H+ positive charge ion n=+1 by faradays number F=96485C respectively q = nF , and work calculated positive as Wwork=qE=nFE=ΔGr=RTlnKeq. 

       Membrane equilibrium constant Keq = 

 give 

Emembrane=

•ln


so Emembrane=0 and ΔGr=0 if 

=1=Keq as well as ln1=0.

Nernst's equation in natural (number e=2) logarithm ln and decimal (number 10) logarithm lg form ln(a) = ln(10)●lg(a)= 2,3…●lg(a). Temperature at standard conditions are T=298.15 K and R=8.3144 J/mol/K.

Converts natural logarithm to decimal 

=

=0,0591 V; E=

•lg

, where n is the charge of ion (for proton H+ n=+1as well hydroxonium H3O+, sodium cation Na+ n=+1, for potassium cation K+ n=+1, for chloride anion Cl- n=-1 and for bicarbonate anion HCO3- n=-1 , so on others). 

Second approach to obtaining membrane potential expression.
We are observing from inside Cell motion of one mole n charged ions with total molar charge q = nF thru the membrane channels and when equilibrium is established reactant and product chemical potential sum becomes equal across Cell membrane μH+insideCell  + nFE = μH+outsideCell 
but each chemical compound chemical potential is: μ = ΔG° + RTln(NH+) , were N H+ is substance H+ concentration in mol fraction units. ΔG° is given compound H+ standard potential of formation from elements. In chemical equilibrium given compounds sodium cation have ΔG°H+ insideCell and ΔG°H+ outsideCell are equal.  

ΔG°H+ + RTln(NH+insideCell) + nFE = ΔG°H+ + RTln(NH+outsideCell)

Expressing E from equilibrium conditions of the chemical potentials µ :

Emembrane = 

 + 

•ln

 , as  ΔG°H+ - ΔG°H+  =0 .

Standard potentials of pure protons one mol are equal and membrane potential is Emembrane = 

•ln

. as 0 = 

 . 

conversion to molar concentrations and decimal logarithm we obtain 
H+insideCell 

 H+outsideCell 
Emembrane = 

•lg

 .

For Physiological conditions T= 310.15 K and 
Emembrane=

•lg

 .

 IV.2.. GLASS ELECTRODE 

Glass electrode is the most commonly used one for measurements of pH. The potential of glass electrode is a kind of membrane potential.

Glass electrode is made of a glass tube, at the end of which there is situated a glass bubble,having very thin walls - a glass membrane.

Glass consists of K+ , Na+, Ca2+ and 

 ions. Silicate ions form the skeleton of the glass structure, while the metal ions serve as a filling of this structure, The univalent metal ions (K+ and Na+) can be replaced by H+ ions, if the glass electrode is immersed into a rather concentrated (normally 1M HCl is used) acid solution. 

For this reason, glass electrodes, prior to their use for pH measurements, are kept in HCl solution and their surfaces become saturated with H+ ions.

[image: image27.jpg]
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Fig.6.7. a - formation of potential at outer surface of glass electrode,

     b - full composition of glass electrode

When such a glass electrode, having its surface saturated with H+ ions, is immersed into a solution, pH of which is going to be measured, two processes begin

1) these H+ ions which are in the surface of glass because of the previous treatment, start to leave the surface of electrode and enter the solution. As H+ ions are positively charged and as they leave the surface of electrode, this first process assignins a negative  charge (and hence a negative potential) to the surface of glass electrode;

2) as the negative charge of the electrode attracts H+ ions back to the surface of electrode, the opposite process begins at the same time - H+ ions from solution start returning back to the surface of glass electrode. 

An equilibrium between these two proceses is reached after some time. At equilibrium state the number of H+ ions, leaving glass surface in a unit of time becomes equal to the number of H+ ions, returning back and a constant value of the potential of glass surface is established.

The potential of glass surface at equilibrium state depends on H+  concentration (and, consequently, on pH) of the outer solution - the smaller is H+ concentration in the outer solution, the more H+ ions leave surface until equilibrium is reached and the more negative becomes potential of glass surface.

Thus, as one can see, the potential value of the glass electrode in a given solution can be used for measurements of pH.

The real construction of a glass electrode (see fig.6.7.b) is more complicated, as glass is an insulator and the contact with glass surface, necessary for measuring of potential cannot be carried out directly.

For this reason, in order to get contact with the outer surface of glass, the inside of glass electrode is filled with HCl solution with a definite concentration, AgCl precipitate is also placed inside the electrode and a silver wire is immersed into the inner solution. Thus a silver chloride electrode: Ag/AgCl/Cl-  is formed inside the glass electrode. The overall potential consists of 3 parts:
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The components of potential are:


1) the potential of AgCl electrode, which is constant,


2)the potential of the internal surface of glass, which is also constant, because the inner  surface of glass contacts with the internal HCl solution, that has a permanent concentration, and, at last,


3) the potential of outer glass surface, the potential of which is pH - dependent. Thus, finally, the overall potential of glass electrode is dependent only on pH of the outer solution. 

Glass electrodes are used in pH - meters as indicator electrodes and AgCl electrode is normally used as a standard electrode for pH measurement, see fig.6.8.
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	Fig.6.8. Usage of glass electrode for measurements of pH


As a strong Nernsts’ equation for a glass electrode cannot be written, pH- meters are adjusted to show the appropriate pH values, using 2 different standard buffer solutions, which have precisely known pH values. 

 IV.3. ION - SELECTIVE ELECTRODES 

As we saw in the example of glass electrode, membrane-type electrode can be used for measurements of concentration of the ion, with which the membrane is saturated (glass electrode was saturated with H+ ions prior to its use for pH measurements).

It is possible to make different membrane-type electrodes for measurements of concentrations of different ions. Already the glass electrodes can be used for purposes, other than measuring of pH. If glass electrode is made of a special sort of glass, containing only one univalent metal ion - K+ or Na+ and is not saturated by H+ ions before use, it can be used for determination of K+ or Na+ ions respectively.

Using membranes, other than glass, nowadays different ion-selective electrodes, selective to at least 100 different ions are produced industrially. 

 V. PRACTICAL MEASUREMENTS OF ELECTRODE POTENTIALS. JUNCTION POTENTIAL. 

As it was already mentioned above, the potential of a single electrode cannot be measured, as the electric circuit is not closed, if just one electrode is used.

For this reason, another - standard electrode is used and the potential of the given electrode is measured against it (the potential difference is measured). As II-type electrodes are normally used as standard electrodes, one has to notice, that the standard electrode has its own internal solution and the solution of the electrode, potential of which has to be measured, has to have an electrical contact with the solution of standard electrode (otherwise the electric circuit will not be closed).

The problem in this situation, that, as soon as two solutions get in contact, an incontrolled potential difference, called junction potential is formed.

Let us discuss formation of junction potential in the most simple case - when the contact is established between two solutions of the same compound, having different concentrations, for instance, two AgNO3 solutions. To prevent direct mixing up of these two solutions, they are separated by a porous wall, that allows penetration of all ions, see fig.6.9. 

electrodes 

 [image: image30.png]
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Fig.6.9. Formation of junction potential

Of course, a diffusion of both positive and negative ions from more concentrated to more diluted solution will start in such a situation.

The mobilities of cation and anion U+ and U- (see also part 7 “electrical conductivity” for explanation of this term) are different, as their hydration is different. In most cases, cations are less hydrated, than anions and their mobilities are higher for this reason. Thus, cations reach the more diluted solution first and assign a positive charge to the more diluted solution, while anions, that are slower, remain in excess in the more concentrated solution and assign a negative  charge to it. This causes an extra potential difference called the junction potential.
For this reason, the value of potential difference, that is experimentally measured, will be:

E = e1 - e2 + ejunction
where e1 and e2 are the potentials of both electrodes.

As the value of junction potential is unknown (it can be calculated only in the discussed case, when both solutions contain the same compound, if solutions are completely different, there is no idea about the value of junction potential it is impossible to measure potential difference, if arising of junction potential is not  prevented.Junction potential can be eliminated, using the so-called salt bridge - the two solutions are connected by a U-shaped tube, filled with a water-soluble jelly, containing KCl. 

[image: image31.wmf]KCl jelly


Fig.6.10. Elimination of junction potential by means of a salt bridge

The mobilities of K+ and Cl- ions have happened to be equal and, thus, junction potential will not arise. In some cases, when Cl- ions can interfere the electrode processes, NH4NO3 can be used instead of KCl.

The industrially made AgCl standard electrodes have salt bridge, mounted in the bottom of the electrode.When these electrodes are used, arising of junction potential is already prevented. 

 VI.POTENTIOMETRIC TITRATION.

Potentiometric titration is a method of titration, in which rapid change of electrode potential is used for endpoint indication. 

This method is very widely used in cases, when

1) there is no color indicator for the reaction, that is used in titration, for example, when Fe3+ ions are titrated by 

 ions,

2) color indicator can not be used, because the solution is dark or muddy, for example, determination of concentrations in biological liquids.

Potentiometric titration can be used, if it is possible to find an electrode, the potential of which is sensitive to concentration of ion, that is analyzed (or to the presence of free titrant). In both cases the potential will change rapidly at the endpoint of titration - in first case, because the ion will be used up, in second - because free titrant appears in the solution.

The most common cases of usage of potentiometric titration are:

1) titration of oxidizing agents or reducing agents. In this case Pt electrode can be used as indicator electrode, because, when Pt electrode is immersed into solution of redox system, a redox electrode is formed. For this reason potentiometric titration is universal for analysis of oxidizing agents and reducing agents.

2) acid-base titration, using glass electrode. As pH is changing during any acid-base titration, this method is universal for all acids and bases.

3) For determination of silver ions, using halides as titrants or vice versa. Silver II-type electrodes are formed in this case. Method can be used also for other titrations with precipitate formation, if appropriate II-type electrodes can be found. Method is not universal.
4) determination of some metal ions, using complex-making agents as titrants and Hg electrode. Method is not universal.

The two most common cases - ox-red and acid-base potentiometric titrations will be discussed in next two chapters. 

 IV.I. POTENTIOMETRIC RED-OX TITRATION.

Let us discuss this case, using titration of Fe2+ ions by [image: image32.wmf]Cr
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O
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-

 ions as an example. The titration scheme is given in fig.6.12. 

[image: image33.png]



Fig.6.11. Scheme of potentiometric red-ox titration -
 titration of Fe2+ ions by potassium dichromate.

A Pt electrode, that makes redox electrode with the redox system, present in solution, is used as indicator electrode. AgCl electrode is used as standard electrode, and a pH-meter, working in potential-measuring mode is used to control potential difference.

The Fe2+ containing sample solution is poured into the electrode vessel and the titrant - K2Cr2O7 solution - is added from a burette.

The reaction between Fe2+ and dichromate ions is:

Before the titration endpoint the following ions are present in solution:

1) Fe2+ ions, that are not yet oxidized,

2) Fe3+ ions, that are already formed,

3) Cr3+ ions, that are formed, too.

There are no [image: image34.wmf]Cr
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 ions in solution before endpoint, because, while Fe2+ is still present in solution, added dichromate ions immediately react. For this reason, there is only one redox system in solution before endpoint - the Fe3+/Fe2+ system, both forms of which are present. The potential of Pt electrode will, thus, be determined by Fe3+/Fe2+ system:
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The titration curve (see fig.6.12), that is a graph of the electrode potential versus the volume of added titrant, before endpoint is a slowly growing line, because the ratio between [Fe3+] and [Fe2+] is slowly growing when titrant is added (Fe2+ is used and Fe3+ is formed).
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Fig.6.12. Titration curve for titration of Fe2+ ions by dichromate ions.

At the endpoint the last Fe2+ ion is oxidized and Fe3+ redox system doesn’t exist any more (only one component of it is now present).

First extra drop of dichromate solution brings dichromate ions into solution and, as Cr3+ ions are already present, dichromate redox system is formed at this moment. Thus, starting from the endpoint of titration the potential of Pt electrode is determined by dichromate system:
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One can easily see, that the coefficient before log in the potential equations is small, therefore the potential at the endpoint changes rapidly from 
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= +1.36V 

of dichromate redox system. This difference is great (1.31-0.77=0.56 V) compared to the slow change (for some tens of milivolts) due to the change of concentration ratio in one redox system.

If dichromate solution is still added after endpoint, the potential will again grow slowly according to the change of concentration ratio between dichromate and Cr3+ ions.

In contrary to ordinary titration methods, in potentiometric titration the titrant is always being added after endpoint in order to obtain full titration curve and the volume of titrant, corresponding to endpoint, is found as abscissa of the half-height of potential leap.

 VI.2. POTENTIOMETRIC ACID-BASE TITRATION.

 For potentiometric acid-base titration glass electrode is used as indicator electrode, silver chloride electrode is used as standard electrode and pH-meter is used to read pH values.

 VI.2.a. CURVE OF POTENTIOMETRIC TITRATION OF 
 A STRONG ACID BY A STRONG BASE. 

If we take titration of HCl by NaOH as an example, the compound that has to be analyzed - HCl is poured into the titration vessel and NaOH is added from burette. The reaction between HCl and NaOH is:

HCl + NaOH => NaCl + H2O

Only HCl is present in solution before the endpoint, because all the added NaOH immediately reacts, when a drop of titrant falls into solution. Thus, pH of solution before the endpoint is determined by HCl:

pH = - log CHCl

(HCl is an univalent acid, therefore its z=1. Disociation degree of HCl is considered to be = 1 in diluted solutions)

Let us take the initial concentration of HCl as 0,1 N, then the curve (see.fig.6.13a) starts from a pH value

 pH= -log 0,1 = 1. 

When NaOH is being added, pH  slowly grows, as HCl concentration. decreases. (The growth of pH is slow, because concentration has to change 10 times to change pH for 1 unit (as log 10 = 1).
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Fig.6.13. Curve of potentiometric titration for titration of HCl by NaOH.

Let us imagine the moment, when just 1 drop of NaOH is necessary to reach the endpoint. The concentration of HCl then can be as small as 10-4 eq/l and pH of the solution then will be 

pH = -log 10-4 = 4 .

At the titration endpoint the last molecule of HCl is used. After adding of the first extra drop of NaOH, NaOH starts to determine pH of solution:

 pH = 14 - logCNaOH . 

After the first extra drop of NaOH solution conceentration of NaOH can be as small as 10-4 N, then 

pH = 14+(-4) = 10. 

Thus, one extra drop of NaOH has caused a pH change: 

∆pH= 10 - 4 = 6  pH units, 

while at presence of HCl one drop of titrant solution caused changes for small parts of a pH unit. 
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Fig.6.13.b. Curve of potentiometric titration of a strong base by a strong acid (NaOH by HCl).

If addition of NaOH is continued after endpoint, pH will again grow slowly, as concentration of NaOH has to change 10 times to shift pH for a unit.

Thus, in this case endpoint can be easily detected from the rapid pH change.

If a strong base is titrated by strong acid, the curve is a mirror image of the discussed one, see fig.6.13b.

VI.2.b. CURVE OF POTENTIOMETRIC TITRATION 
OF A WEAK ACID BY STRONG BASE. 

If a weak acid is titrated by strong base, situation is a little bit different from the previous case. If, for example HCOOH is titrated by NaOH, the reaction is:

HCOOH + NaOH =>HCOONa+ H2O

As soon as the first drop of NaOH falls into solution, HCOONa is formed, but, as HCOOH is still present in solution,they together make a formiate buffer, therefore pH is determined by a buffer solution:
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 The titration curve of a weak acid by strong base is shown in fig. 6.14.
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Fig.6.14. Curves of potentiometric titration for titration of weak acids by strong base

Before the endpoint, while the buffer system exists, NaOH addition causes slow changes of pH, as the salt/acid concentration ratio has to increase 10 times to shift pH by a unit. At the moment, when just 1 drop of NaOH is necessary to reach the endpoint, the acid/salt concentration ratio can be about 1000:1. Then, taking into account pKHCOOH =3.7, the pH value is:

 pH = 3.7 + log1000 = 3.7 + 3 = 6.7. 

The pH value 1 drop of NaOH after the endpoint is 10 (see previous chapter), therefore the the pH leap in this case is 

∆pH = 10 - 6.7 = 3.3   pH units

 instead of 6 pH units, as it was observed at titration of  strong acid.

If one compares different weak acids, one can see, that the weaker is the acid (the greater is its pK), the smaller will be the pH leap at the endpoint. For instance, with acetic acid (pK=4.74) instead of formic acid, the final pH before endpoint will be 7.74 and the pH leap is

∆pH= 10-7.74 = 2.26 pH   units.

 Thus, the weaker is acid, the more difficult it is to detect the endpoint (compare the titration curves of formic and acetic acids on fig.6.14).

In the opposite case - titration of a weak base by a strong acid all the considerations are similar - as soon as first drop of acid solution falls into solution, it reacts with the weak base, forming salt. Salt, together with the remaining base, forms buffer system and pH before endpoint is determined by buffer system. For example, if NH4OH is titrated by HCl: 

 before the endpoint NH4OH and NH4Cl are present in solution at the same time and pH is determined by ammonium buffer: 

After the endpoint free HCl is present in solution and pH is determined as

pH = - log CHCl.
The titration curve in this case looks as a mirror image of the curves, shown in fig.6.14.

 VII.OXIDATION - REDUCTION REACTIONS 

The chapter about oxidation - reduction reactions partly repeats the material, already known from previous chapters of Part 6. This chapter is written in such a way with a special purpose - it can be understood without reading all Part 6, that can be necessary, if oxidation-reduction reactions are discussed at the beginning of chemistry course. If problems of understanding arise, please consult other chapters of Part 6.

 VII.1.OXIDATION NUMBERS OF ELEMENTS IN COMPOUNDS 

Oxidation number of the element is the number of electrons, shifted towards or away from the atom of this element in a chemical compound .

Oxidation number of an element is positive, if the element has lost electrons at formation of ionic bond or if they are shifted away from the atom of the given element at formation of polar covalent bonds.

Oxidation number of an element is negative, if atom of the given element has gained electrons at formation of ionic bond or if electrons are shifted towards the atom of this given element at formation of polar covalent bonds.

Oxidation numbers of elements in compounds can be found, knowing some typical oxidation numbers of other elements, like -2 of oxygen, +1 of hydrogen, equal to group numbers for metals, etc. Oxidation numbers of the central element in a compound can be found in an algebraic way, using the fact, that overall molecule is electrically neutral.

Example : determination of oxidation number of S atom in K2SO4 :





       2(+I)  x  4(-2) 






K2SO4 



2(+I) + x + 4(-2)=0                        x = 6 

As well, the oxidation numbers of central elements in compounds, can be determined, using the structural formulae of the compounds and remembering, that usually

-each bond between the atom of an element and an aom of oxygen assigns an oxidation number +1 to that atom, 

-each bond between an atom and hydrogen assigns an oxdation number -1 to that atom  and

-each bond between two atoms of the same element assign no oxidation number to none of them.
 VII.2.RED-OX SYSTEM 

A redox system is two forms of substance, that can be converted from one to another by gaining or loosing electrons. 

For example Fe2+ and Fe3+ ions together make a redox system, because they can be converted to each other in a reaction:

Fe3+ +e- [image: image41.wmf]Fe2+
The form, in which the main element has the highest oxidation number is called oxidized form (and it has properties of oxidizing agent) and the form with the lower oxidation number of the main element, is called reduced form (and it has properties of reducing agent). In Fe3+/ Fe2+  redox system Fe3+ is the oxidized (Ox) form and Fe2+ is the reduced (Red) form.

In many cases H+ or OH- ions or H2O are also involved in the conversion of forms from one to another, for example:

 If 2 redox systems are present in solution at the same time, an oxidation-reduction reaction will take place, in which the strongest of the two present oxidizing agents will react with the strongest of 2 reducing agents and two weaker forms will be produced:

Considering two real redox systems, e.g. Fe3+/ Fe2+ and I2 /2I- redox systems, the main problem is to determine the direction of the reaction. In this example, 2 possible reactions can formally occur:
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 (Note, that the second reaction is reverse to the first one)

To find out, in which direction the reaction will really occur, one has to have a numerical value, that could characterize the strength of oxidizing agents and reducing agents. Such a criterion is the redox potential (or the oxidizing potential) of the redox systems.
The redox potential of a redox system is the potential of a platinum electrode, which is immersed into solution of the redox system, see fig.6.15.

 If the potential of platinum electrode is measured experimentally, another electrode is required to make the circuit complete. Character of this other (standard) electrode is discussed in chapters I and III.3. of Part 6.

 The mechanism of red-of potential formation is as follows. If a particle of Ox form comes close to the surface of Pt, it tends to gain electrons from Pt surface and to be transformed into a particle of Red form thus carrying out a reaction:

As the electrons for this process are taken from Pt surface, Pt gains a positive potential (because negative particles leave it).

On the other hand, if a particle of Red form reaches Pt surface, it tends to leave its electrons on Pt surface and to be thus transformed into Ox form:

Red => Ox + ne-
Electrons, assigned to the surface of Pt by Red form, make the potential of Pt more negative.

The final sign of the potential is determined by the strength of both forms: the stronger oxidizing agent is the Ox form, the more positive will be the final potential, the stronger reducing agent is the red form, the more negative will be the final potential.

For these reasons redox potential eredox can be used to compare the strengths of oxidizing agents and reducing agents.

Now we can answer to the question, in which direction will the reaction occur between Fe3+/ Fe2+ and I2 /2I- redox systems.

From a table of standard redox potentials one can read, that eredox for Fe3+/Fe2+ redox system is +0.77 V, while for I2/2I- redox system it is +0.54 V. This means, that Fe3+ is a stronger oxidizing agent, then I2 and therefore the reaction will occur in the following way:

2Fe3+ + -2I- =>Fe2+ + I2
The redox potential of a redox system can be expressed by Nernsts’ equation. A conversion between Ox and Red forms of a redox system can be in the most general way expressed as follows:

aOx + bH+ - ne- [image: image42.wmf]  cRed + b/2 H2O

 and the corresponding Nernsts’ equation is:
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    where:


n is the number of electrons exchanged,


 0.059 is RT/F for 25o C temperature,

            eo is the standard redox potential of the redox system, which is 

  equal to e if concentrations of both Ox and Red forms and H+ 

  ions are 1 mol/l. 



(Note, that the value under log symbol is 1 in these conditions, 

 but log 1=0).

As example, for MnO4-/ Mn2+ redox system the conversion of forms corresponds to equation:

MnO4- +5e-  + 8H+ [image: image44.wmf]  Mn2+ + 4H2O

 and its Nernsts' equation is written as:
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If H+ ions are not involved in the conversion between Ox and Red forms, their concentration is not present in the Nernsts’ equation and potential is independent on H+ concentration. (One can imagine, that in such a case the coefficient b for H+ ions in equation is equal to 0 and then in Nernsts’ equation [H+]o = I.)

From a thermodynamic point of view, in case of oxidation - reduction processes, ∆G can be calculated as:

 ∆G = -nFE , 

where 



 n is the number of electrons exchanged,



 F is the Faraday’s number, 96495 C/mole and



 E = e1o - e2o (the difference between the



 standard redox potentials of both redox



 systems).

From this last equation we can learn, that:

1)reaction will occur spontaneously, if we have chosen redox systems so, that the potential of I-st system is greater than of the 2-nd, which also means, that the Ox form of the I-st system is really a stronger oxidizing agent and the Red form of 2-nd system is really a stronger reducing agent.

2)the greater is the difference between the standard potential values of both systems, the more spontaneous is the process. 

 VII.3.MOST TYPICAL OXIDIZING AGENTS AND REDUCING AGENTS 

 VII.3.1.Most typical oxidizing agents 

 1. KMnO4 . 

As it can be seen from Nersnsts' equation, the redox potential of MnO4- depends strongly on the concentration of H+ 
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therefore the oxidizing ability of MnO4- decreases fast when the environment is changed from acidic to basic. 
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Scheme of permangananate ion as an oxidant in different media.

Actually, not only the potential, but also the number of electrons, accepted by MnO4- , drops when passing from acidic to basic environment, see the scheme above.

Half-reactions for KMnO4 in all the three environments are:



acidic:   




neutral: 

 



basic:    [image: image46.wmf]MnO
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2)Potassium dichromate K2Cr2O7 . 

Potassium dichromate is formed from normal potassium chromate K2CrO4 in acidic environment (note, that the oxidation number of b in both chromate and dichromate is the same +6):

[image: image47.png]



The half-reaction of dichromate is:
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and the corresponding Nernsts' equation becomes:
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As [H+] has 14-th power in the corresponding Nernsts’ equation, the dependence of oxidizing strength of 

 is even more dependent on acidity of solution, then the one of 

 . 

VII.3.2. Most typical reducing agents. 

 1.Sodium sulfite Na2SO3 . 

Half reaction of the sulfite - sulfate transfer is:
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 2.Sodium thiosulfate Na2S2O3
The structure of it is like a structure of normal sodium sulfate Na2SO4, but having one of the four oxygen atoms replaced by a sulfur atom:

[image: image50.png]



Oxidation numbers of the two S atoms in thiosulfate are different - the oxidation number of central S atom should be +6 in normal sulfate, but, as the bond between two identical atoms (S-S bond) doesn’t assign oxidation number to any of them, oxidation number of the central S atom is +5. For the same reason, the oxidation umber of that S atom, which replaces O in the structure, is -I instead of -2. The half-reaction of thiosulfate is:
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This can be easily understood looking at the structure:

[image: image51.png]



Considering that the two electrons are lost by these two sulfur atoms yhat have oxidation number -1, their oxidation number becomes 0 and a bond between them is established to form tetrathionate ion in which one can notice a chain of 4 sulfur atoms.

 VII.3.3. Compounds, that can be both  oxidizing and reducing agents 

 1.Hydrogen peroxide H2O2
Hydrogen peroxide in structure looks as H-O-O-H. Both oxygen atoms have a non-typical oxidation number -I in it, because each of them has gained an electron from H atom, but the bond between the two O atoms assigns no oxidation number to none of them. Oxidation number -1 stands between the two more typical oxidation numbers of oxygen atoms - -2, which is observed in practically all oxygen-containing compounds such as oxides, acids, bases, salts, water etc. and 0, which is observed in free oxygen O2 therefore H2O2 can act both as oxidizing agent, gaining electrons,  and being converted to oxidation number -2 and as a reducing agent - losing electrons and being converted into oxidation number 0.

The half-reactions for H2O2 as an oxidizing agent, are:
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Hydrogen peroxide is a rather strog oxidizing agent and it is therefore widely used in medicine for disinfection.

The half-reaction for H2O2 as an reducing agent in acidic medium is: 
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The strong oxidants such as potassium permanganate are able to oxidize hydrogen peroxide. free oxygen is given off in these reactions.

 2.Sodium nitrite NaNO2


Sodium nitrite NaNO2 (more exactly - the nitrite ion) also can act both as oxidizing or as reducing agent, because the oxidation number of nitrogen atom is +3 - i.e. between the more typical oxidation numbers of nitrogen +2 and +5. 

With the most typical strong oxidants NaNO2 reacts as a reducing agent, and then nitrogen atom loses 2 electrons forming nitrate ion where the oxidation number of nitrogen is +5:


 EMBED "Equation" \* mergeformat  


With the typical reducing agents NO2- reacts as an oxidizing agent, it gains one electron and the oxidation number of nitrogen atom from +3 becomes +2. Nitrous oxide NO is formed in these reactions and the half-reaction is:
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In acid medium nitrite ion is even able to oxidize I- ions and iodine is formed. 
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