Unit CH5          Further Physical and Inorganic Chemistry
	Content
	In
	Comments

	MODULE CH5
TOPIC 18 REDOX
18.1 Redox. Electron transfer: oxidation and reduction. Oxidation state.
18.2 Ion /electron half equations.
18.3 Electrode systems exemplified by: Cu2+(aq)|Cu(s); Zn2+(aq)|Zn(s); H+(aq)|H2(g) Pt; Fe3+(aq), Fe2+(aq)|Pt; [image: image1.png]MnOj (aq)



, Mn2+(aq)|Pt; X2(g)|2X– (aq). (X = Cl– , Br– , I– ).
18.4 Redox reactions and electrode potentials. Cells. Standard electrode potentials, E(; their use to predict feasibility of specified reactions. Metal extraction.
18.5 Redox reactions exemplified by [image: image2.png]Cr,0F



 with Fe2+; [image: image3.png]MnOj



 with Fe2+; I2 with [image: image4.png]50,02



 and its use to determine Cu2+; and the associated titrations.
	  
	  

	Candidates should be able to:
(a) describe redox in terms of electron transfer, use oxidation states (numbers) to decide which species have been oxidised and which reduced in a redox reaction;
	13.1, 13.2, 13.3
	  

	(b) write ion-electron half equations for redox reactions for which stoichiometric information is supplied, and use titration and other data to carry out appropriate calculations;
	13.4
	  

	(c) recall and use the redox reactions specified in 18.3 and 18.5 above, including the appropriate colour change and ion/electron half-equations, and use titration and other data to carry out calculations;
	13.4
	  

	(d) describe the use of [image: image5.png]Cr,0F



 as an oxidising agent, including the appropriate ion/electron half equation for the [image: image6.png]Cr,0% —Cr**



 conversion, the interconversion reaction of [image: image7.png]Cr,0% < Cro}



 and recall the colours of all the above listed species;
	13.4,

11.3
	Photographs of thecolour changes are shown in 11.3, 13.3 and 13.4

	(e) describe the redox reaction between Cu2+ and I– and the determination of the liberated iodine with [image: image8.png]5,08



,
	18.3, 13.4
	  

	(f) appreciate the very wide range of occurrences of redox processes in chemistry;
	Chapter 13
	  

	(g) describe simple electrochemical cells involving

(i) metal/metal ion electrodes, and

(ii) electrodes based on different oxidation states of the same element;
	13.6, 13.7, 13.8
	  

	(h) explain and use the term standard electrode potential especially

(i) the use of the standard hydrogen electrode in 18.3 in determining standard electrode potentials,

(ii) to calculate standard potentials of cells formed by combining different electrodes and

(iii) to predict the feasibility of specified reactions;
	13.7, 13.8
	  

	(j) show awareness that electrode processes represent oxidations and reductions.
	13.10, 13.11
	Galvanic cells and electrolytic cells are both covered.

	TOPIC 19 CHEMISTRY OF THE S-BLOCK:
GROUPS I AND II
19.1 Trends in the s-block: reactions of the elements (Li - Cs) with water, their normal oxides and hydroxides. Flame tests.
19.2 Salient differences between the behaviour of Group I compounds and Group II compounds.
	  
	  

	Candidates should be able to:
(a) recall the reactions of the elements ( Li – Cs ) with water and explain the trends in their general reactivity †;
	16.3
	  

	(b) recall for Group I elements the formulae of the oxides (MO) and the hydroxides (MOH) and the reactions of the oxides with water †;
	16.4
	N.B. M2O.

	(c) recall the flame colours of the elements Li, Na and K and their use in qualitative analysis;
	16.9
	See photos in 4.3 and 16.9.

	(d) appreciate and understand the chemistry of the s - block as mainly exemplifying typical ionic behaviour and draw comparisons between the behaviour of Group I compounds and those of Group II as exemplified by
	16.4
	16.4 focuses on the difference for the oxides.

	
(i) the much greater solubility in water of most Group I compounds,
	  
	(Note: MgCl2 and CaCl2 are more soluble than NaCl or KCl.)

	
(ii) the differences in the mode of thermal decomposition of the nitrate(V) salts,
	16.7
	  

	
(iii) the generally higher stabilities of the hydrogencarbonates of Group I.
	16.6
	  

	(e) recall the formation and chemical properties of the saline hydrides of Groups I and II.
	17.8
	‘Saline’ means salt like.

	Note:
† Balanced chemical equations required.
	  
	  

	TOPIC 20 CHEMISTRY OF THE P-BLOCK
20.1 Group IV (C-Pb)
20.1.1 Changes in the nature of the element down the group.
20.1.2 The inert pair ion effect in Groups III, IV and V. Relative stability of oxidation states II and IV in Group IV.
20.1.3 Oxides and chlorides of C, Si and Pb.
20.1.4 Reactions of Pb2+
	  
	  

	Sub-topic 20.1
Candidates should be able to:
(a) describe the change from non-metallic to metallic elements down the group;
	19.4
	  

	(b) show knowledge of the increasing stability of the inert pair (ns2) cations on descent of Groups III, IV and V;
	19.5
	The focus is on the most familiar (Sn2+, Pb2+).

	(c) describe the change in relative stability of oxidation states II and IV down Group IV, the reducing properties of Sn2+(aq) and the oxidising nature of Pb(IV), e.g. the reaction with concentrated hydrochloric acid †;
	19.5, 19.6
	  

	(d) recall the nature, physical, acid-base and redox properties of the oxides of C and Pb (CO, CO2, PbO and PbO2) the reducing properties of CO and the oxidising properties of PbO2 †;
	19.5
	  

	(e) describe the types of bonding in the chlorides of C, Si and Pb and their reactions withwater †;
	19.6
	  

	(f) recall the reactions of Pb2+(aq) with NaOH, Cl– , I– and [image: image9.png]S0



 †.
	  
	  

	Note: † Balanced chemical equations required.
	  
	  

	20.2 Group VII (Cl, Br and I only)
20.2.1 Group trends and displacement reactions.
20.2.2 Reaction of sodium halides with concentrated H2SO4.
20.2.3 Oxidation states of the halogens in oxyacids and their anions. Reaction of Cl2 with NaOH(aq).
20.2.4 Halogen compounds in commerce and industry
	  
	  

	Candidates should be able to:
(a) explain the group trends and displacements in terms of position in the Periodic Table and E( values;
	18.1, 18.3
	  

	(b) recall the existence of C1 and I in oxidation states -I, +I and +V (and the formulae C1O-, [image: image10.png]cloz



 and [image: image11.png]103



) together with the reaction of chlorine, Cl2. with aqueous NaOH and the various disproportionation reactions involved;
	18.4
	  

	(c) recall the behaviour of sodium halides with concentrated sulphuric acid (the formation and subsequent reactions of HX, the products and their oxidation states) and explain the differences in terms of E( values;
(Equations not required)
	18.5
	Photo of reaction shown.

	(d) show a knowledge of the relationship of the bleaching and bacterial action of Cl2 and chlorate(I) (ClO-) to their oxidising power and the use of chlorate(V) as a weed killer;
	18.2
	  

	(e) show understanding of the chemistry of Group VII in terms of (i) the decreasing
electronegativity, and (ii) the increasing stability of the higher oxidation states ( e.g. [image: image12.png]103



 vs. [image: image13.png]cloz



), on descent of the group;
	18.1

18.4
	  

	(f) show an awareness of the very wide range of halogen containing compounds of commercial and industrial importance.
	18.2
	  

	TOPIC 21 TRANSITION ELEMENTS
21.1 Electronic configuration of the d block elements Sc to Zn.
Transition elements. General properties. Variable oxidation state. Catalytic power.
21.2 Complex formation and the shapes of such species. Coloured ions. Reaction of cations in solution with NaOH(aq).
21.3 Industrial and biological importance.
	  
	  

	Candidates should be able to:
(a) recall that transition elements (except Cu) possess partly filled d-orbitals and derive the electronic configuration of any first row transition metal ion using a Periodic Table;
	20.1
	The subject core focuses on the partially filled d subshell in the ions, which then includes Cu.

	(b) recall that 4s electrons are lost more readily than 3d electrons in ion formation;
	20.1
	  

	(c) explain why various oxidation states are possible in transition elements;
	20.4
	  

	(d) recall that transition metals and their compounds are often good catalysts, give an example, and explain why this is so in terms of partially filled d-shells and variable oxidation states;
	20.6
	  

	(e) recall that many complexes are formed between transition metal ions and ligands, most of these are coloured, e.g. [Cr)H2O)6]3+, [Cu(H2O)6]2+, [Cr(NH3)6]3+, [Fe(CN)6]4-;
	20.7
	  

	(f) describe the shape, bonding, colour and formulae of the approximately octahedral complex ions [Cu(H2O)6]2+, [Cu(NH3)4(H2O)2]2+ and the approximately tetrahedral ion [CuCl4]2-;
	20.7
	  

	(g) (i) explain the origins of colour in transition metal complexes and give a qualitative account of this for octahedral 6-coordinate species in terms of the splitting of the d-orbitals involved, and
	20.11
	  

	
(ii) show understanding of the spectroscopic consequences of (i) above and explain that in many cases the colours of such transition metal complexes arise from d-d transitions between the split d-orbital levels *;
	20.11
	  

	(h) describe the reactions of Cr3+, Fe2+, Fe3+, Cu2+, and Zn2+ with excess OH– †;
	20.11
	  

	(i) show an awareness of the economic importance of transition metals and their importance as trace elements in living systems, and give one example of economic importance and one example of trace element importance.
	20.6

20.10
	20.6 explains the role of transition metals in catalysts.

20.10 explains the crucial role of iron in haemoglobin.

	Note:
† Balanced chemical equations are required.
* The simple electrostatic model is adequate to account for the d-orbital splitting. Candidates should be able appropriately to allocate electrons to the split d-orbitals using the arrows in boxes technique (1(l)), but consideration of the factors leading to high or low spin behaviour will not be required
	  
	  

	TOPIC 22. PERIODICITY
This topic is largely concerned with the trends in behaviour of both elements and
compounds as a function of position within the Periodic Table.
22.1 Electronegativities, redox, acid-base properties, reactions of elements with oxygen, chlorine and water. Trends across periods. The behaviour of chlorides towards water.
22.2 Covalency maxima.
22.3 Ionic or covalent behaviour, metallic or non-metallic nature and amphoteric
character.
22.4 Electron deficient species of Group III.
22.5 Trends in the s - block: reactions of the elements (Li - Cs) with water, normal oxides and hydroxides. Flame tests.
	  
	  

	Candidates should be able to:
(a) appreciate that electronegativities generally increase from left to right across a period and decrease from top to bottom down a group, so that elements in the top right of the Periodic Table tend to be oxidising agents and those on the lower left reducing agents (c.f. 3.1 (h));
	5.9
	The link between redox properties and standard electrode potential is closer than that with electronegativities.

	(b) appreciate that oxides of the elements tend to become more acidic from left to right across a period and that oxides and chlorides similarly tend to become more covalent from left to right across a period (c.f. 5.1 (c));
	17.5
	  

	(c) recall and understand the reactions, if any, of
	  
	  

	
(i) oxygen with elements Na to S †,
	16.3, 17.4
	  

	
(ii) chlorine with elements Na to S †,
	16.5, 17.7
	  

	
(iii) water with elements Li to Ar †;
	16.3
	  

	(d) recall and understand the reactivity towards water of the chlorides of the elements Na to S, particularly when reflecting the increasing tendency towards covalency moving across this period †;
	17.7
	The sulphur chlorides such as S2Cl2 continue the trend to hydrolysis shown by the phosphorus halides.

	(e) show understanding of why the maximum number of electron pairs which can surround a central atom is greater in Row 3 (Na-Ar) than in Row 2 (Li-Ne);
	16.8
	  

	(f) demonstrate knowledge of how amphoteric character is related to ionic or covalent bonding, to metallic or non-metallic behaviour and to electronegativities;
	  
	  

	(g) recall, understand and rationalise the incidence of covalent bonding in compounds of Be;
	16.8
	  

	(h) recall that amphoteric character is largely concentrated in the region comprised by the elements Be, Zn, Al, Ga, In, Sn and Pb; recall and understand typical examples of amphoteric behaviour for the elements Be, Zn, Al, Sn and Pb †;
	16.8 (Be), 19.3 (Al), 19.5 (Pb), 20.11 (Zn)
	Sn resembles Pb.

	(i) understand the electron deficient nature of Group III systems such as BF3, BCl3 and monomeric AlCl3 , their electron acceptor properties and the cause of the ready formation of the Al2Cl6 dimer;
	19.3, 17.7
	  

	(j) appreciate that Al may exhibit either mainly ionic or mainly covalent bonding in its compounds;
	19.3
	  

	Note: † Balanced chemical equations are required.
	  
	  

	TOPIC 23. CHEMICAL KINETICS
23.1 Obtaining and analysing rate data. Rate equations. Rate constants. Orders of reactions. Experimental methods.
23.2 The use of kinetic data in establishing reaction mechanisms.
	  
	  

	Candidates should be able to:
(a) describe in outline the variety of methods for studying reaction kinetics e.g. the iodine clock reaction, colorimetry and other spectroscopic techniques, pressure and volume changes;
	15.2, 15.3, 15.5
	  

	(b) calculate rates from numerical or graphical data (including drawing tangents to concentration-time curves);
	15.3
	  

	(c) recall and apply the general rate equation, rate = k[A]m[B]n, define rate, rate constant and reaction order, and give the units of rate constants up to, and including, second order;
	15.5
	  

	(d) (i) calculate integral orders of reaction (0, 1 or 2) from given rate data;
(ii) appreciate that orders of reaction may only be found through rate measurement and not from stoichiometric equations;
	15.5
	  

	(e) distinguish clearly between rate and equilibrium and between the effects of temperature change on rates and on the position of equilibrium (cf Topic 24);
	Chapter 11 and Chapter 15
	  

	(f) explain and use the concept of rate determining step;
	11.4, 15.4, 15.6
	  

	(g) deduce the kinetics that would apply to a suggested mechanism or, conversely, suggest a mechanism consistent with a determined or given reaction order in simple cases and show an understanding of how kinetic evidence may support a proposed mechanism.
	15.6
	  

	TOPIC 24 ENERGY CHANGES AND EQUILIBRIA
24.1 Enthalpy changes of lattice formation and breaking. Enthalpy changes of solution.
Application of Hess's Law (Born-Haber cycle) to the formation of simple ionic compounds.
24.2 Quantitative treatment of gaseous and solution equilibria, including the use of
Kp and Kc.
24.3 Lowry- Brønsted theory; strong and weak acids and bases.
Dissociation constants of weak acids, Ka
The definition of pH, pH calculations, pH profiles and acid-base titrations.
24.4 Buffer solutions; salt solutions. Indicators and their uses.
	  
	  

	Candidates should be able to:
(a) understand the use of the terms enthalpy change of atomisation, lattice formation and breaking, hydration and solution (formal definitions are not required);
	10.7
	  

	(b) explain how enthalpy changes of solution are related to lattice breaking enthalpies and hydration enthalpies of the ions;
	10.7
	  

	(c) show understanding of the way in which the solubilities of ionic solids in water depend upon the balance between the lattice breaking enthalpies and the hydration enthalpies of the ions;
	10.7, 16.7
	  

	(d) apply Hess's Law (Born-Haber cycle) to the formation of simple ionic compounds and carry out appropriate calculations (data will be supplied as necessary);
	10.8
	  

	(e) recognise that the most stable ionic compounds will be those formed most exothermically from their elements;
	10.8
	The role of Gibbs energy (Chapter 14) should not be ignored.

	(f) calculate values of Kp and Kc , or of quantities present at equilibrium, given appropriate data (no manipulations of mole fraction or of degree of dissociation will be required);
	11.5, 11.8
	  

	(g) show ability to use given or calculated values of Kp and Kc to estimate qualitatively the location of the position of equilibrium for a system;
	11.5, 11.8
	  

	(h) understand and apply the Lowry-Brønsted theory of acids and bases (limited to aqueous solutions);
	12.1
	  

	(i) recall the definition of pH and calculate pH values from those of [H+ (aq)] and vice versa;
	12.3
	  

	(j) explain and use pH, Kw and Ka in calculations involving strong and weak acids, and use pH and Kw in calculations involving strong bases;
	12.4, 12.5, 12.6
	  

	(k) recall the forms of the acid - base titration curves for the systems: strong acid /strong base (e.g. HCl NaOH), strong acid/ weak base (e.g. HCl/NH3) and weak acid/strong base (e.g. CH3COOH/NaOH), explaining these in terms of the appropriate acid and base strengths;
	12.8, 12.9
	  

	(l) understand the mode of action of buffer solutions, exemplified by the CH3COONa / CH3COOH system, appreciate their importance, and carry out appropriate pH calculations;
	12.10, 12.11
	  

	(m) recall and explain qualitatively typical pH values exhibited by solutions of the salts NaCl, CH3COONa and NH4Cl;
	12.9
	This can be approached by noting the pH range in a typical titration and approximating to half the value (see the top of page 203).

	(n) understand the working of an indicator and select suitable indicators for specified acid-base titrations, given appropriate pH values.
	12.8, 12.9
	  


 

