Determination of Fe2+ by Redox Titration with Mn04.

Pre-Lab Discussion

Oxidation is broadly defined as the loss, or apparent loss, of electrons by an atom or ion. Similarly, reduction is the gain, or apparent gain, of elec​trons by an atom or ion. Neither oxidation nor reduction can ever occur alone. Whenever electrons are lost by one substance, they must be gained by another. Reactions involving the exchange or transfer of electrons from atoms or ions of one substance to those of another substance are called oxidation-reduction reactions, or redox reactions, for short. In such reactions, the substance that is oxidized (loses electrons) is called the reducing agent. The substance that is reduced (gains electrons) is called the oxidizing agent.

Because they are made up of two distinct processes—oxidation and reduction—redox reactions can be represented by two half-reactions. For example, the balanced equation for the reaction of sodium with chlorine is

2Na + Cl2 ( 2NaCl

In half-reaction form, the equation for this reaction is

2Na ( 2Na+ + 2e-       (oxidation)

Cl2 + 2e- ( 2Cl-
         (reduction)

As the equations for these half-reactions show, the two electrons lost by the sodium atoms are gained by the chlorine atoms. For any redox reac​tion, the number of electrons gained in the reduction half-reaction must equal the number of electrons lost in the oxidation half-reaction.

In theory, every half-reaction is reversible. In one direction, it is an oxidation half-reaction. In the reverse direction, it is a reduction half-reaction. The Table of Standard Electrode Potentials in Appendix A of this lab manual lists reduction half-reactions. Thus, it is a table of reduction potentials. However, each reaction can be reversed and written as an oxidation half-reaction, in which case the sign of the electrode potential (E°) is reversed. For example, the reduction half-reaction F2(g) + 2e- ( 2F- heads the list in this table. In this half-reaction, F2 is reduced and is thus the oxidizing agent. The electrode potential for this half-reaction is +2.87 volts. By reversing this half-reaction, you get 2F- ( F2 (g) + 2e-, which is an oxidation half-reaction. F is oxidized and is thus the reducing agent. The electrode potential for this half-reaction is —2.87 volts.

The Table of Standard Electrode Potentials can be used to predict whether or not a redox reaction will occur spontaneously. For a redox reaction to occur, the reduction half-reaction must appear higher in the table than the oxidation half-reaction. Consider the possible redox reaction:

Fe(s) + Pb(N03)2(aq) ( Pb(s) + Fe(N03)2(aq)

If this reaction does occur, the half-reactions will be:

Fe(s) ( Fe2+ + 2e-
(oxidation)

Pb2+ + 2e- ( Pb(s)
(reduction)

In the table, the half-reaction for the reduction of Pb2+ does appear higher on the list than that for the oxidation of Fe(s) (the reverse of the half-reac​tion for the reduction of Fe2+. Thus, the redox reaction will occur. As another check, the algebraic sum of the E° values of two half-reactions must be positive for the reaction to occur. In this case, E° of the reduction reaction is —0.13, while that of the oxidation reaction is +0.44. The alge​braic sum is +0.31.

In this experiment, you will observe this reaction: 
Fe2+ + MnO4-  + H+  ( Fe3+  + Mn2+  + H20

SAFETY NOTES:
1. 
The Mn in KMnO4 is in the 7+ oxidation state, in the Mn2+ ion it is 2+, therefore the reduction is 5e- + Mn7+ ( Mn2. KMnO4 is the oxidizing agent (oxidizer) because it itself is reduced.

2.
The Fe2+ is oxidized to Fe3+ therefore the oxidation is Fe2+  ( Fe3+ + 1 e- and the Fe2+   which is oxidized is the reducing agent.

3.
In the 7+ state, Mn is purple in color, in the 2+ state it is clear. Unreacted (excess) Mn7+  at the end of the reaction gives the pink (very light purple) endpoint.

4.
The potassium and hydrogen do not change oxidation states and are spectator ions in this reaction, the redox is between Mn7+ and Fe2+.

5.
The hydrogen is functioning as an oxygen scavenger; it bonds to the oxygen (02-) that is released during the reduction of the Mn in KMnO4. The Mn04 enters the system as KMnO4.

6.
KMnO4 is a strong oxidizer (oxidation agent). Goggles, aprons and gloves MUST be used. NEVER, I repeat NEVER fill a burette above your head, place the burette clamped to a ring stand on a stool that is covered with paper toweling. Pour from a small beaker and use a small funnel to fill the burette. If you spill any, call your teacher immediately.

7.
The acid buffer contains dilute H3P04 and H2S04, if you spill some put some Na2CO3(s) on it and call your teacher.

3.
You should balance the reaction before doing any mole ratios!

PROCEDURE.

1.
Obtain a burette and flush it through with water.

2.
Add about 10.0 mL of KMnO4 solution and allow it to run through the stopcock, this will flush the water out of the burette.

3.
Fill the burette with KMnO4 solution to the 50.OmL mark. The KMnO4(aq) solution was prepared with 1.5 grams of KMnO4(s) dissolved into 1.0 L of water, calculate molar mass of the potassium permanganate and the molarity in your report.

4.
In a 125.0 mL Erlenmeyer flask, add 40 ml of water and 15 mL of acid buffer solution, mix well. Then dissolve 0.35 grams of your unknown solid, mix well.

5.
Titrate the sample slowly till you get a permanent pink endpoint. If you titrate quickly, the reaction will produce side products and you will have a false endpoint, have patience and mix after each addition of KMnO4.

6.
Record the volume of KMnO4 dispensed to reach the pink endpoint for each trial. Calculate the moles of KMnO4 dispensed from the burette for each trial, use this to calculate the moles of Fe2+ in your sample. The moles of Fe2+ can be converted to grams and that will give you the % composition by mass of the iron in your O.35g sample. NOTE — you MUST balance the reaction to do the needed mote ratios between Fe2+ and KMnO4
7.
NOTE you should repeat the titration three times or until the volumes of KMnO4 dispensed from the, burette agree, ask your teacher for guidelines of acceptable deviation.

	TABLE 1 – EQUATIONS AND IDENTIFICATION

	1. What substance is oxidized in this reaction?

	

	2. Write the equation for the oxidation half reaction.

	

	3. What substance is reduced in this reaction?

	

	4. Write the equation for the reduction half reaction.

	

	5. Balance the two reactions. What is the coefficient for Fe2+?

	

	6. Write the coefficient found in #5 on the underline in Table 3, line D).


	TABLE 2 – VOLUME OF BUFFER USED

	TRIAL 1
	

	TRIAL 2
	

	TRIAL 3
	

	AVERAGE OF 3 TRIALS
	


	TABLE 3 – RESULT TABLE

	A
	Volume of KMnO4
	

	B
	Molarity of KMnO4  (1g / gfm of KMnO4)
	

	C
	Moles of KMNO4 used (C = A/1000 x B)
	

	D
	Moles of Fe2+ (D = C * ___)
	

	E
	Mass of Fe2+  (E = D *56)
	

	F
	Mass of Fe compound (measured in lab)
	.35 g

	G 
	Experimental % composition of Fe2+ in compound (e/f X 100)
	

	H
	Theoretical experimental % composition of Fe2+ (56/152 X 100)
	36.8%

	I
	% error (H-G)/H X 100
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