 CHAPTER 4 - REDOX CHEMISTRY





4.1 Introduction


The corrosion of iron, the production of small-scale energy sources, the electroplating of silver and gold onto base metals, the production of aluminium and iron - all of these and so many more are examples of this critically important class of chemical reactions. Redox reactions are frequently observed in both large-scale industrial processes and complex biochemical reactions occurring within cells. Much of the technology upon which we have become increasingly reliant depends on light, highly efficient, small-scale energy sources, more commonly known as “batteries”. As is the case with acid/base chemistry our understanding of the mechanisms of redox reactions is relatively recent, although this type of reaction has been known and exploited since the Iron Age.


	


4.2  Definitions of oxidation and reduction


As the name would suggest, oxidation reactions were originally defined as any reaction in which a substance accepts oxygen. Reduction was defined as that process whereby a substance loses oxygen in a chemical reaction. This definition was later expanded to include any reaction whereby hydrogen is gained (reduction) or lost (oxidation). Neither of these definitions are suitable in all situations however, and so the formal definition of redox reactions with which the VCE student must be familiar is as follows:





Oxidation reactions involve the loss of electrons.


Reduction reactions involve the gain of electrons.





Note that the terms “oxidation” and “reduction” are referring to processes which may occur in chemical reactions. The terms “oxidant” and “reductant” are reserved for actual chemical species which undergo these reactions. The oxidant, or oxidising agent, is the chemical which oxidises another substance: to achieve this end, it must (by definition) force the other species to lose electrons. In other words, the oxidant must gain electrons. Following similar logic, a reductant, or reducing agent, is the chemical which reduces another substance: it must (by definition) force the other species to gain electrons by donating its own.  And so, we have derived another most important definition which should be committed to memory:





An oxidant (oxidising agent) accepts electrons and is itself reduced.


A reductant (reducing agent) donates electrons and is itself oxidised.





An important corollary can be drawn between redox reactions and acid/base systems at this stage. Just as acids and bases always function together, so too must oxidants and reductants; an oxidant cannot accept electrons unless there is a reductant available to donate them, and vice versa. Furthermore, when an oxidant accepts electrons, the product of this reaction must, by definition, be able to donate electrons in the reverse reaction. Just as with acid/base systems, the existence of conjugate redox pairs is noted as a fundamental aspect of redox chemistry.





4.3 The determination and use of Oxidation numbers.


It is not always easy to determine at first glance whether or not a particular reaction is redox in nature and if it is, which chemical species are acting as oxidant and reductant. A very useful tool to assist in this regard is the “oxidation number” - an assigned number that indicates the number of electrons that an atom appears to have lost or gained from its normal complement when it is combined with other atoms. Note that oxidation numbers have no real meaning, they are merely a useful device to help us recognise redox reactions.





 The rules for assigning oxidation numbers are as follows:


i) the oxidation number of atoms in neutral elements is always zero.                                	eg. He, O2, Br2, Fe, Cu all have oxidation numbers of zero.  


ii) The oxidation number of atoms in simple ions is the same as the charge on the ion:                                                                                                                   eg. H+, Cl-, Zn2+, Cr3+, O2- have oxidation numbers of +1, -1, +2, +3 and -2 respectively. 


iii) The oxidation number of oxygen is nearly always -2, the only common exception being -1 in the case of the peroxide ion, O22-


iv) The oxidation number of hydrogen is usually +1, the exceptions being the metal hydrides, such as NaH, KH and CaH2, where hydrogen has an oxidation number of -1.


v) The sum of the oxidation numbers of all the atoms in a compound or ion is equal to the charge on that compound or ion. In the case of a neutral compound, the sum of the oxidation numbers must be zero. 


vi) The oxidation number of the most electronegative element in a compound is always assigned the negative value.





Example 4.1


Calculate the oxidation number of the underlined species for each of the following:


	a)  SO2			b)  Fe2O3 		c)  S8


	d)  MnO4-		e)  VO32-		f)  Cr2O72-


	g)  OCl-		h)  H2O2		i)  CuHSO4





Solution


	a)  +4			b)  +3			c)  0


	d)  +7			e)  +4			f)  +6


	g)  +2			h)  -1			i)  +1














Once the oxidation numbers of species involved in chemical reactions have been determined it is relatively simple to determine whether a reaction is redox in nature or not, as change in oxidation number always occurs in a redox reaction. Furthermore, if the oxidation number of a particular atom increases, that atom has undergone oxidation; if it has decreased, the atom has undergone reduction. 





Oxidation involves an increase in oxidation number.


Reduction involves a decrease in oxidation number





When examining a chemical reaction so as to determine which species acts as oxidant and which as reductant we must first determine the oxidation number of each constituent atom and establish which have changed. From the rules above, it can be seen that the oxidant will have undergone a decrease in oxidation number as it undergoes reduction. Similarly, the reductant will have undergone an increase in oxidation number as it undergoes oxidation.





Example 4.2


By assigning oxidation numbers determine which species is acting as the oxidant and which the reductant in the following redox reactions:


	a)  Mg (s)  +  2HCl (aq)   ---->  MgCl2 (aq)  +  H2 (g)


	b)  2Fe3+ (aq)  +  Sn2+ (aq)  ---->  2Fe2+ (aq)  +  Sn4+ (aq)


	c)  2Al2O3 (l)  +  4C (s)  ---->   4Al (l)  +  3CO2 (g)  


	d)  5S2- (aq)  +  8MnO4- (aq)  +  24H+ (aq) ---->  8Mn2+ (aq)  +  12H2O (l)  +  			5SO42- (aq)


	e)  Zn (s)  + 2MnO2 (s)  + 2NH4+ (aq) ---->  Zn2+ (aq)  +  Mn2O3 (s)  +  2NH3 (aq)  		+  12H2O (l)


Solution											a)  Oxidant is HCl as the oxidation number of hydrogen decreases from +1 to zero.		Reductant is Mg as the oxidation number of magnesium increases from zero to +2.	b) Oxidant is Fe3+ as the oxidation number of iron decreases from +3 to +2.	Reductant is Sn2+ as the oxidation number of tin increases from +2 to +4.		c)  Oxidant is Al2O3 as the oxidation number of aluminium decreases from +3 to 			zero. 									Reductant is C as the oxidation number of carbon increases from zero to +4	d) Oxidant is acidified MnO4- as the oxidation number of manganese decreases 			from +7 to +2.								           	Reductant is S2-  as the oxidation number of sulfur increases from -2 to +6.     	                      	e)  Oxidant is acidified MnO2 as the oxidation number of manganese decreases 	from +4 to +3.


	 Reductant is Zn as the oxidation number of zinc increases from zero to +2.








4.4 Writing Partial Redox equations 


There are a number of occasions where you will be required to write a balanced partial or full ionic equation for a redox reaction, having been given only the formulae of the reactant and product species. Whilst this is very simple in the case of monatomic species, more complex polyatomic species require more care and attention to detail. 





The following procedure may be adopted to generate balanced partial redox equations:


	(i)  Balance the equation with respect to all atoms except hydrogen and oxygen


	(ii)  Balance the oxygen atoms by adding water to the relevant side


	(iii)  Balance the hydrogen atoms by adding H+ (aq) ions to the relevant side


	(iv)  Balance the overall charge by adding electrons to the relevant side





Example 4.3


Write balanced partial redox equations for each of the following:


	a)  Cu2+ (aq)  ---->  Cu (s)


	b)  Cl2 (g)  ---->  Cl- (aq)


	c)  SO2 (g)  ---->  SO42- (aq)


	d) MnO4- (aq)----> Mn2+ (aq)


 	e)  CH3CH2OH (aq)  ---->  CH3CHO (aq)


Solution


	a)  Cu2+ (aq) ---->  Cu (s)


Balance charge by adding 2 electrons to the left-hand side:


	Cu2+ (aq)  +  2e  ---->  Cu (s)





	b) Cl2 (g)  ---->  Cl- (aq)


Balance chlorine atoms:


	Cl2 (g)  ---->  2Cl- (aq)


Balance charge by adding 2 electrons to the right-hand side:


	Cl2 (g) +  2e ---->  2Cl- (aq)





	c) SO2 (g)  ---->  SO42- (aq) 


Balance oxygen atoms by adding 2 water molecules to the left-hand side:


	SO2 (g)  +  2H2O (l)  ---->  SO42- (aq)  


Balance hydrogen atoms by adding 4 H+ (aq) ions to the right-hand side:


	SO2 (g)  +  2H2O (l)  ---->  SO42- (aq)  +  4H+ (aq)  


Balance charge by adding 2 electrons to the right-hand side:


	SO2 (g)  +  2H2O (l)  ---->  SO42- (aq)  +  4H+ (aq)  +  2e


	


	d) MnO4- (aq) ---->  Mn2+ (aq)


Balance oxygen atoms by adding 4 water molecules to the right-hand side:		


	MnO4- (aq)  ---->  Mn2+ (aq) +  4H2O (l)


Balance hydrogen atoms by adding 8 H+ (aq) ions to the right-hand side:


	MnO4- (aq)  +  8H+ (aq) ---->  Mn2+ (aq) +  4H2O (l)


Balance charge by adding 5 electrons to the left-hand side:


	MnO4- (aq)  +  8H+ (aq) +  5e  ---->  Mn2+ (aq) +  4H2O (l)


	e) CH3CH2OH (aq)   ----> CH3CHO (aq)


Balance hydrogen atoms by adding 2H+ (aq) ions to the right-hand side:


	CH3CH2OH (aq)  ----> CH3CHO (aq)  +  2H+ (aq)  


Balance charge by adding 2 electrons to the right-hand side:


	CH3CH2OH (aq)  ----> CH3CHO (aq)  +  2H+ (aq)  +  2e





4.5 Writing balanced Ionic equations for Redox reactions


To write a balanced overall ionic equation for a redox reaction, first generate partial equations for the oxidation and the reduction reactions and then balance these with respect to electrons. The two partial equations can then be added and any reagents shown on both sides of the equation can be cancelled.





Example 4.4


Write a balanced overall ionic equation for the reaction whereby copper metal is formed when a piece of zinc metal is placed in a solution of copper (II) sulfate solution.





Solution


 The relevant partial equations are


	Cu2+ (aq)  +  2e  ---->  Cu (s)  and


	Zn (s)  ---->  Zn2+ (aq)  +  2e


When the two equations are added the electrons cancel out, as required. The overall ionic equation for this reaction is:


	Cu2+ (aq)  +  Zn (s)  ---->  Cu (s)  +  Zn2+ (aq)





Example 4.5


Write a balanced overall ionic equation for the reaction whereby ethanol is oxidised to ethanoic acid by acidified potassium dichromate. The dichromate ion is itself reduced to the chromium (III) ion by this reaction.





Solution


 The relevant partial equations are


	Cr2O72- (aq)  +  14H+ (aq)  +  6e ----> 2Cr3+ (aq)  +  7H2O (l)  and 


	CH3CH2OH (aq) +  H2O (l)   ----> CH3COOH (aq)  +  4H+ (aq)  +  4e


Note that we need to multiply the first equation by 2 and the second by 3 in this instance in order to balance the number of electrons on both sides of the equation:


	2Cr2O72- (aq)  +  28H+ (aq)  +  12e ----> 4Cr3+ (aq)  +  14H2O (l)  and 


	3CH3CH2OH (aq) +  3H2O (l)   ----> 3CH3COOH (aq)  +  12H+ (aq)  +  12e


The partial equations can now be added:


	2Cr2O72- (aq)  +  28H+ (aq)  +  12e  + 3CH3CH2OH (aq) +  3H2O (l)  


		----> 4Cr3+ (aq)  +  14H2O (l)  +  3CH3COOH (aq)  +  12H+ (aq)  +  12e





This equation can now be simplified to produce the overall ionic equation:


2Cr2O72- (aq)  + 16H+ (aq) + 3CH3CH2OH (aq)  ---> 4Cr3+ (aq)  +  11H2O (l)  +  											3CH3COOH (aq)





4.6 Volumetric analysis involving redox reactions


The fundamental principles of volumetric analysis are unchanged, whether the reagents involved are acid/base or redox in nature. The most commonly used primary redox standards employed in the school laboratory are acidified potassium permanganate (H+/ MnO4- ) and acidified potassium dichromate (H+ /Cr2O72- ). A significant advantage of using the permanganate ion is that no indicator is required as the permanganate ion has an intense purple colour while its conjugate, Mn2+, has no colour. Note that the common acid/base indicators, such as phenolphthalein and methyl red, are not suitable for redox titrations; specific redox indicators (such as starch) are required.


Some examples of volumetric analyses involving redox reactions are


	(i)  the determination of alcohol (or SO2) content in wine


	(ii) the determination of acetyl salicylate in an aspirin tablet


	(iii) the determination of ascorbic acid in a Vitamin C tablet


	(iv) the determination of available chlorine in pool chlorine


It is likely that the student will have performed one or more of these exercises as part of the Product Analysis work requirement.





4.7 Summary/ Objectives


At the end of this Chapter you should


	- recall the definitions of oxidation and reduction as the loss of electrons and gain of electrons respectively


	- recognise that an oxidant (or oxidising agent) accepts electrons and a reductant (or reducing agent) donates electrons


	- recall that oxidants and reductants must function as conjugate pairs, just as must acids and their conjugate bases


	- learn the rules for assigning oxidation numbers and be able to apply these elements in particular compounds


	- use oxidation numbers to determine whether a particular species has undergone oxidation (increase in oxidation number) or reduction (decreases in oxidation number)


	- learn the rules for writing balanced partial redox equations and be able to apply these rules as required


	- be able to write a balanced full ionic equation for a redox reaction by first writing balanced partial redox equations (always ensure electrons ‘cancel out’ on both sides)


	- recognise the role of acidic media in many important oxidant species (such as permanganate, MnO4-, and dichromate, Cr2�O72-)


	- recall applications of redox chemistry to analytical procedures, such as gravimetric and volumetric analyses (egs. determination of ascorbic acid content in a Vitamin C tablet, determination of bleach content in a commercially available laundry bleach) 





	














Chapter 4 questions





Q1.	Calculate the oxidation number of the underlined element for each of the following species:


	a)  O2			b)  SO3 		c)  Fe(NO3)3


	d)  MnO4-		e)  CrO2		f)  Na2B4O7


	g)  Zn(BrO3)2		h)  Ga2(CO3)3		i)  PbI4


	j)  SnSO4		k)  H3PO4		l)  Mg3(AsO4)2





Q2.	Calculate the oxidation number of sulfur in each of the following species:


	a)  SO2			b)  H2SO4		c)  H2S


	d)  SO32-		e)  S2			f) S2O32-





Q3.	Calculate the oxidation number of nitrogen in each of the following species:


	a)  NO			b)  NO2		c)  N2


	d)  HNO2		e)  HCN		f)  N2O4


	g)  NO3-		h)  N2O		i)  NH3





Q.4 	For each of the following redox reactions, state which species is acting as the oxidant and which as the reductant:


a)  Cl2(g)  +  Zn (s)  ---->  Zn2+ (aq)  +  2Cl- (aq)


b)  2Li (s)  +  2H2O (l)  ---->  2LiOH (aq)  +  H2 (g)


c)  Fe2O3 (s)  +  3H2 (g)  ---->  2Fe (s)  +   3H2O (l)


d)  2H2S (g)  +  SO2 (g)  ---->  3S (s)  +  2H2O (l)


e)  HNO2 (aq)  +  H2O2 (aq)  ---->  HNO3 (aq)  +  H2O (l) 





Q5.	Write partial ionic equations for each of the following:


a)  iodide ions are oxidised to iodine


b)  nitric acid is reduced to nitrogen dioxide


c)  vanadate ions (VO32-) are reduced to vanadium (III) ions


d)  sulfur is oxidised to thiosulfate ions (S2O32-)


e)  methanol (CH3OH) is oxidised to methanal (HCHO)


f)  sulfite ions (SO32-) are reduced to hydrogen sulfide (H2S)





Q6.	Write overall ionic equations for the following redox reactions:


a)  A strip of magnesium metal displaces silver metal from a solution of AgNO3 and is itself dissolved.


b)  Concentrated nitric acid reacts with silver metal to produce Ag+ ions and nitrogen dioxide gas, among other products


c)  When sulfur dioxide gas is bubbled through an acidified solution of potassium dichromate, the SO2 is oxidised to SO42- and the Cr2O72- is reduced to Cr3+ ions.


d)  A solution of potassium permanganate is decolourised by the addition of excess oxalic acid (H2C2O4). CO2 and Mn2+ are among the products of the reaction.


e)  Hydrogen peroxide spontaneously decomposes over a period of time to produce water and oxygen gas 	





Q7.	The reaction which occurs within the common Leclanché dry cell  may be represented by


  2MnO2 (s)  +  Zn (s)  +  NH4+ (aq)  ---->  Mn2O3 (s)  +  Zn2+ (aq)  +  2NH3 (aq)





	(i) Which species is acting as the oxidant and which as the reductant?


	(ii)  What mass of MnO2 would be required to react completely with 15.0g of zinc?





Q8.	Calculate the mass of powdered zinc metal that would be required to displace all of the Ag+ ions from 5.0 L of waste photographic emulsion solution as silver metal, according to the equation


	2Ag+ (aq)  +  Zn (s)  ---->  2Ag (s)  +  Zn2+ (aq) 





Presume [Ag+] = 120 ppm and d (waste solution) = 1.00 g.cm-3





Q9.	18.22 ml of a solution of potassium permanganate exactly reacts with 0.605 g of nickel metal; Mn2+ and Ni2+ being among the products. Calculate the concentration of the KMnO4 solution.





Q10.  	8.27 ml of 2.25 M sulfuric acid precisely oxidises 15.0g of an impure sample of iron; SO2 and Fe2+ being among the products. Presuming iron is the only substance undergoing oxidation, what is the percentage purity of iron in the sample?





Q11.	A 0.2817g sample of iron ore was dissolved in acid and all of the Fe present was converted to Fe2+ ions. The resulting Fe2+ solution was titrated with 0.01864 M K2Cr2O7 solution, a titre volume of 21.24 ml being required to reach endpoint; Fe3+ and Cr3+ being among the products. Calculate the percentage of iron in the iron ore sample.





Q12.	A student wishes to verify the mass of active constituent (ascorbic acid, C6H8O6) in a 250 mg tablet of Vitamin C. She weighs the tablet and records the mass as 0.344g. She then dissolves the tablet in about 50 ml of deionised water in a conical flask. This solution is then titrated against a 0.0528 M solution of iodine, using starch as indicator. A titre volume of 27.18 ml was required to reach endpoint.


The equation for this reaction may be written as:


	C6H4O2(OH)4 (aq)  +  I2 (aq)  ----> C6H4O4(OH)2 (aq)  +  2H�+ (aq)  +  2I- (aq)





 	(a)  Calculate the mass of ascorbic acid in the tablet (in mg).


	(b)  What possible functions may the substances perform which make up the remainder of the tablet’s mass?























Q13.	Household bleach contains the strong oxidant ‘sodium hypochlorite’, NaOCl, as the active ingredient. The concentration of NaOCl is generally known as the ‘available chlorine’ and is often expressed as the mass of active ingredient per unit volume of solution, or w/v. 


A student wishes to verify the available chlorine content in a sample of commercially available bleach, quoted as ‘40g/L available chlorine’.





To achieve this aim he pipettes 25.00ml of the bleach into a 250.0 ml standard flask and makes up to the mark with deionised water. He then pipettes three 20.00 ml aliquots of this diluted solution into separate conical flasks and adds about 10 ml of acidified potassium iodide solution. He notes that the solution in the flask immediately becomes dark brown, as the available chlorine oxidises the iodide ions to iodine, according to the equation:


	OCl- (aq)  +  2I- (aq)  + 2H+ (aq)  ----->  I2 (aq)  +  Cl- (aq)  +  H2O (l)





He then titrates this solution with a standard solution of 0.0513 M sodium thiosulfate solution for each flask; an average titre volume of  9.57 ml being required. The relevant equation is:


	I2 (aq)  +  2S2O32- (aq)  ---->  S4O62- (aq)  +  2I- (aq)  





	(i)  Calculate the no. of mol of S2O32- in each flask.


	(ii) Calculate the no. of mol of I2  reduced by the S2O32- ions in each flask.


	(iii) Deduce the no. of mol of OCl-   in the aliquot of diluted solution.


	(iv) Calculate the no. of mol of OCl-  in the original sample of bleach.


	(v) Thus deduce the no. of mol of  chlorine atoms (as Cl-) in the original sample of 	bleach. 


	(vi)  Calculate the mass of available chlorine in the original sample, and thus 	determine the w/v ratio (Presume d (bleach solution) = 1.00 g.ml-1).





Q14.	A scientist wishes to determine the percentage by volume of alcohol in a bottle of Chilean wine. She dispenses a 20.00 ml sample of the wine into a 250.0 ml standard flask and makes it up to the mark with deionised water. She then withdraws a 20.00 ml aliquot of this mixture and adds to it precisely 20.00 ml of 0.05279 M K2Cr2O7 and approximately 10 ml of 8M H2SO4. After heating this acidified mixture carefully for 10 minutes all of the alcohol in the wine has been oxidised to ethanal by the excess dichromate, according to the equation:


 3CH3CH2OH (aq) + Cr2O72- (aq) + 8H+ (aq)  ----> CH3CHO (aq) + 2Cr3+ (aq) + 7H2O (l)





The solution is then allowed to cool, about 2g of potassium iodide is added and the excess Cr2O72- oxidises the iodide ions to iodine, according to the equation:


	Cr2O72- (aq) + 14H+ (aq) + 6I- (aq)  ----> 2Cr3+ (aq) + 7H2O (l) + 3I2 (aq) 














Finally, the iodine thus formed is titrated against a standard solution of 0.1091 M sodium thiosulfate solution, an average titre of 7.72 ml being required to reach endpoint. The relevant equation is:


	I2 (aq)  +  2S2O32- (aq)  ---->  S4O62- (aq)  +  2I- (aq)  





	(i)  Calculate the no. of mol of S2O32- in the titre.


	(ii) Calculate the no. of mol of I2  reduced by the S2O32- ions in each flask.


	(iii) Calculate the no. of mol of Cr2O72- in excess.


	(iv) Calculate the no. of mol of Cr2O72- required to oxidise the ethanol in the 	aliquot.


	(v) Calculate the no. of mol of ethanol in the aliquot.


	(vi)  Calculate the mass of ethanol in the original sample.


	(vii) Given that the density of ethanol = 0.785 g.ml-1, determine the % volume of alcohol (% v/v) in the wine. 








		








	













































































Solutions to Chapter 4 questions





Q1.  a)	0	b) +6		c) +3 		d) +7		e) +4		f) +3


        g) +5	h) +3		i) +4		j) +2		k) +5		l) +5





Q2.  a) +4	b) +6		c) -2		d) +4		e) 0		f) +2





Q3.  a) +2	b) +4		c) 0		d) +3		e) -3		f) +4


        g) +5	h) +1		i) -3





Q4.	a) oxidant is Cl2, reductant is Zn


	b) oxidant is H2O, reductant is Li


	c) oxidant is Fe2O3, reductant is H2


	d) oxidant is SO2, reductant is H2S


	e) oxidant is H2O2, reductant is HNO2





Q5.	a)  2I- (aq)  ---->  I2 (aq)  +  2e


	b)  HNO3 (aq)  +  H�+ (aq)  +  e  ---->  NO2 (g)  +  H2O (l)


	c)  VO32- (aq)  +  6H�+ (aq)  +  e  ---->  V3+ (aq)  +  3H2O (l)


	d)  2S (s)  +  3H2O (l)  ---->  S2O32- (aq)  +  6H�+ (aq)  +  4e 


	e)  CH3OH (aq)  ---->  HCHO (aq)  +  2H�+ (aq)  +  2e


	f)  SO32- (aq)  +  8H�+ (aq)  +  6e  ---->  H2S (g)  +  3H2O (l)





Q6.	a)  Mg (s)  +  2Ag+ (aq)  ---->  Mg2+ (aq)  +  2Ag (s)


	b)  HNO3 (aq) +  H�+ (aq)  +  Ag (s)  ---->  NO2 (g)  +  Ag+ (aq) +  H2O (l)


	c)  Cr2O72- (aq) +  2H�+ (aq)  +  3SO2 (g)  ----> 2Cr3+ (aq) +  H2O (l)  +  3SO42- (aq)


	d)  2MnO4- (aq) +  6H�+ (aq)  +  5H2C2O4 (aq)  ---->  2Mn2+ (aq)  +  8H2O (l)  +  			10CO2 (g)


	e)  2H2O2 (aq)  ---->  2H2O (l)  +  O2 (g) 





Q7.	(i) oxidant is MnO2, reductant is Zn


	(ii)  39.9g





Q8.  0.182g		Q9.  0.226 M		Q10.  69.3%		Q11.47.1%





Q12.  a) 253 mg   b)  flavour, colour, binding agents		Q13. (i)  4.909 x 10-4 mol





(ii) 2.455 x 10-4 mol 	(iii) 2.455 x 10-4 mol	    (iv) 0.0307 mol	(v) 0.0307 mol





(vi) 1.088g,   43.5g.L-1    	Q14.  (i) 8.423 x 10-4 mol	(ii) 4.211 x 10-4 mol





(iii) 1.404 x 10-4 mol	   (iv) 9.154 x 10-4 mol     (v)  0.0343 mol  	(vi) 1.580g  





 (vii)  10.06%
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