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	Foundation Chemistry

	
	LP3.1, LP3.2, LP3.3; PS3.1, PS3.2, PS3.3


	Content
	In
	Comments

	5.1.1 Atoms, Molecules and Stoichiometry
N3.1, N3.2.
	  
	  

	Content
( Relative masses of atoms and molecules.
( The mole, the Avogadro constant.
( The determination of relative atomic masses, Ar, from mass spectra.
( Chemical equations.
( The calculation of empirical and molecular formulae.
( The calculation of reacting masses, mole concentrations and volumes of gases.
	  
	  

	Assessment outcomes
(The term relative formula mass or Mr will be used for ionic compounds.)
Candidates should be able to:
	  
	  

	(a) define the terms relative atomic, isotopic, molecular and formula masses, based on the 12 C scale.
	2.4
	  

	(b) describe the basic principles of the mass spectrometer limited to ionisation, acceleration, deflection and detection.
( Limited to ions with single charges.
( Detailed knowledge of the mass spectrometer is not required.
	3.2
	  

	(c) outline the use of mass spectrometry
(i) in the determination of relative isotopic masses;
(ii) as a method for identifying elements, for example: use in Mars space probe.
	3.2
	  

	(d) interpret mass spectra in terms of isotopic abundances.
	3.2
	  

	(e) calculate the relative atomic mass of an element given the relative abundances of its isotopes, or its mass spectrum.
	2.4
	  

	(f) define the mole in terms of the Avogadro constant; molar mass as the mass of 1 mole of a substance.
	3.3
	  

	(g) define the terms empirical formula and molecular formula.
	9.3
	  

	(h) calculate empirical and molecular formulae, using composition by mass.
	9.3
	  

	(i) construct balanced chemical equations (full and ionic).
	9.1
	and throughout

	(j) perform calculations (including use of the Mole Concept, formulae and equations) involving
	  
	  

	(i) reacting masses;
	9.1, 9.2
	  

	(ii) volumes of gases;
	9.4
	  

	(iii) volumes and concentrations of solutions in simple acid-base titrations.
	9.5, 9.6, 9.7
	  

	(k) deduce stoichiometric relationships from calculations such as those in (j).
	9.1
	  

	5.1.2 Atomic Structure
C3.2, C3.3; IT3.3.
	  
	  

	Content
( The nucleus of the atom: protons and neutrons, atomic (proton) and mass (nucleon) numbers.
( Ionisation energies.
( Electrons: electronic energy levels, atomic orbitals, electronic configuration.
	  
	In the book the term electronic structure is used rather than electronic configuration for continuity from GCSE.

	Assessment outcomes
Candidates should be able to:
	  
	  

	(a) recognise and describe protons, neutrons and electrons in terms of relative charge and relative mass.
	2.4
	  

	(b) describe the distribution of mass and charge within an atom.
	2.3
	  

	(c) describe the contribution of protons and neutrons to the nucleus of an atom, in terms of atomic number and mass number.
	2.3, 2.4
	  

	(d) deduce the numbers of protons, neutrons and electrons in
(i) an atom given its atomic and mass number;
(ii) an ion given its atomic number, mass number and ionic charge.
	2.4
	  

	(e) distinguish between the isotopes of an element in terms of their different masses and different numbers of neutrons.
	2.4
	  

	(f) explain the terms first ionisation energy and successive ionisation energy of an element in terms of 1 mole of gaseous atoms or ions (see also 5.1.4(e), (f)).
	4.8
	  

	(g) explain that ionisation energies are influenced by nuclear charge, electron shielding and the distance of the outermost electron from the nucleus.
	4.8
	  

	(h) predict the number of electrons in each principal quantum shell of an element from its successive ionisation energies.
	4.8
	  

	(i) describe the shapes of s- and p- orbitals.
	4.5
	  

	(j) describe the numbers and relative energies of s-, p- and d- orbitals for the principal quantum numbers 1, 2, 3 and also the 4s- and 4p- orbitals.
	4.3
	  

	(k) deduce the electronic configurations of
(i) atoms, given the atomic number, up to Z=36;
(ii) ions, given the atomic number and ionic charge, limited to s and p blocks up to Z = 36.
( Candidates should use sub-shell notation, i.e. for oxygen: 1s22s22p4
	4.6
	  

	5.1.3 Chemical Bonding and Structure
	  
	  

	Content
( Ionic bonding.
( Covalent bonding and dative covalent (co-ordinate) bonding.
( The shapes of simple molecules.
( Electronegativity and bond polarity.
( Intermolecular forces.
( Metallic bonding.
( Bonding and physical properties.
	  
	  

	Assessment outcomes
Candidates should be able to:
	  
	  

	(a) describe ionic bonding as the electrostatic attraction between two oppositely-charged ions.
	5.1, 5.10
	  

	(b) describe, including the use of ‘dot-and-cross’ diagrams, ionic bonding, for example, as in sodium chloride and magnesium oxide.
	5.1
	  

	(c) describe, in simple terms, the lattice structure of sodium chloride.
	5.10
	  

	(d) describe a covalent bond as a shared pair of electrons.
	5.2
	  

	(e) describe, including the use of ‘dot-and-cross’ diagrams,
	  
	  

	   (i) covalent bonding, for example, as in hydrogen, chlorine, oxygen, hydrogen chloride, water, ammonia, methane, carbon dioxide and ethene;
	5.1, 5.2, 5.3, 5.4, 5.5
	  

	   (ii) dative covalent (co-ordinate) bonding, for example, as in the ammonium ion.
	5.3
	  

	(f) explain the shapes of, and bond angles in, molecules and ions by using the qualitative model of electron-pair repulsion for up to 4 electron pairs (including lone pairs), for example, as in BF3 (trigonal), CO2 (linear), CH4 and NH4+ (tetrahedral), NH3 (pyramidal) and H2O (non-linear).
	5.4, 5.5
	Note that all bonds in ammonium ion are equivalent so the H3N ( BCl3 coordinate bond is used. The term V-shaped is used in the book for non-linear.

	(g) predict the shapes of, and bond angles in, molecules and ions analogous to those
specified in (f).
	5.4, 5.5
	  

	(h) appreciate that, between the extremes of ionic and covalent bonding, there is a gradual transition from one extreme to the other.
	5.10, 5.11
	  

	(i) describe electronegativity as the ability of an atom to attract the bonding electrons in a covalent bond.
	5.8, 5.9
	  

	(j) explain that
(i) bond polarity may arise when covalently-bonded atoms have different electronegativities;
(ii) polarisation may occur between cations of high charge density and anions of low charge density.
	5.8, 5.9

5.11
	Electrostatic potential maps show polarity well.

	(k) describe intermolecular forces based on permanent dipoles, as in hydrogen chloride, and instantaneous dipoles (van der Waals’ forces), as in the noble gases.
	7.3, 7.4
	  

	(l) describe hydrogen bonding between molecules containing – OH and – NH groups, typified by water and ammonia.
	7.5
	  

	(m) describe and explain the anomalous properties of water resulting from hydrogen bonding, for example:
  (i) the density of ice compared with water;
  (ii) its relatively high freezing point and boiling point.
	7.5
	  

	(n) describe, in simple terms, the giant molecular structures of diamond and graphite.
	6.3
	  

	(o) describe metallic bonding, present in a giant metallic lattice structure, as the attraction of a lattice of positive ions to a sea of mobile electrons.
	6.1
	  

	(p) describe, interpret and/or predict physical properties, for example: melting and boiling points, electrical conductivity and solubility in terms of
  (i) the types, motion and arrangement of particles (atoms, molecules and ions) and the
forces between them;
  (ii) the different types of bonding (ionic bonding, covalent bonding, hydrogen bonding, other intermolecular interactions, metallic bonding).
(q) deduce the type of bonding present from given information.
	7.1, 7.2, 7.3, 7.4, 7.5
	  

	5.1.4 The Periodic Table: Introduction
C3.2, C3.3; IT3.1, IT3.2, IT3.3. WO3.1, WO3.2, WO3.3
	  
	  

	Content
( The structure of the Periodic Table in terms of groups and periods.
( Periodicity of physical properties of elements.
	  
	  

	Assessment outcomes
Candidates should be able to:
	  
	  

	(a) describe the Periodic Table in terms of the arrangement of elements
  (i) by increasing atomic number;
  (ii) in periods showing repeating trends in physical and chemical properties;
  (iii) in groups having similar physical and chemical properties.
	1.4
	  

	(b) describe, for the elements of Period 3, the variation in electronic configurations, atomic radii, electrical conductivities, melting points and boiling points.
	4.7, 4.8
	  

	(c) explain variations in (b) in terms of the structure and bonding of the elements.
	  
	  

	(d) classify the elements into s-, p- and d- blocks.
	4.7
	  

	(e) interpret successive ionisation energies of an element in terms of its position in the Periodic Table (see also 5.1.2(f)– (h)).
	4.8
	  

	(f) describe and explain the variation of the first ionisation energies of elements shown by
  (i) a decrease down a group in terms of increasing atomic radius and electron shielding;
  (ii) a general increase across a period, in terms of increasing nuclear charge;
  (iii) the periodic decrease between Groups 2 and 3, in terms of the higher energy level of the p sub-shell compared with that of the s sub-shell;
  (iv) the periodic decrease between Groups 5 and 6, in terms of an increase in energy from mutual repulsion of paired electrons in a Group 6 p-orbital.
  ( Periodic trends in ionisation energies will consider s and p blocks only
	4.8
	  

	(g) interpret data on electronic configurations, atomic radii, electrical conductivities, first ionisation energies, melting points and boiling points to demonstrate periodicity.
	4.8
	  

	5.1.5 The Periodic Table: The Group 2 elements and their compounds
IT3.1 WO3.1, WO3.2, WO3.3
	  
	  

	Content
( Similarities and trends in the properties of the Group 2 metals magnesium to barium and their compounds.
( Oxidation number.
( Redox processes as electron transfer and changes in oxidation number.
( The relative reactivity of the Group 2 elements.
( Trends in some reactions of Group 2 compounds.
	  
	  

	Assessment outcomes
Candidates should be able to:
	  
	  

	(a) describe and explain the trends in electronic configurations, atomic radii and ionisation energies of the Group 2 elements, Mg to Ba
	16.2
	  

	(b) use the rules for assigning oxidation state (number) with elements, compounds and ions.
	13.2, 16.2
	  

	(c) describe oxidation and reduction in terms of
	  
	  

	   (i) electron transfer;
	13.1
	  

	   (ii) changes in oxidation state.
	13.2
	  

	(d) describe the redox reactions of the elements (Mg to Ba) with oxygen and with water and explain the trend in reactivity in terms of ionisation energies.
	13.1
	  

	(e) describe the reactions of Mg, MgO and MgCO3 with hydrochloric acid (see also 5.3.3(f), (g)).
	9.5, 16.4, 16.6
	  

	(f) describe the thermal decomposition of CaCO3 (limestone) to form CaO (lime) and the subsequent formation of Ca(OH)2 (slaked lime) with water.
	16.6. 16.4
	  

	(g) describe lime water as an aqueous solution of Ca(OH)2 and state its approximate pH.
	16.4
	  

	(h) describe the reaction of lime water
   (i) with carbon dioxide forming CaCO3(s);
   (ii) with excess carbon dioxide, forming Ca(HCO3)2(aq), as in hard water.
	16.4
	  

	(i) interpret and make predictions from the chemical and physical properties of the Group 2 elements and their compounds.
	16.1
	  

	(j) show awareness of the importance and use of Group 2 elements and their compounds, with appropriate chemical explanations, for example: the use of Ca(OH)2 in agriculture to neutralise acid soils; the use of Mg(OH)2 in some indigestion tablets as an antacid.
	16.4
	  

	5.1.6 The Periodic Table: The Group 7 elements and their compounds
IT3.1. WO3.1, WO3.2, WO3.3.
	  
	  

	Content
( Similarities and trends in the properties of the Group 7 non-metals chlorine to iodine.
( Characteristic physical properties.
( The relative reactivity of the elements.
( Characteristic reactions of halide ions.
( The reaction of chlorine with water and with sodium hydroxide .
	  
	  

	Assessment outcomes
Candidates should be able to:
	  
	  

	(a) explain the trend in the volatilities of chlorine, bromine and iodine in terms of van der Waals’ forces.
	7.4, 18.1
	  

	(b) describe the relative reactivity of the elements Cl2, Br2 and I2 in displacement reactions.
	18.2, 18.3
	  

	(c) explain the trend in (b) in terms of oxidising power, i.e. the relative ease with which an electron can be captured.
	18.3
	  

	(d) describe the characteristic reactions of the ions Cl– , Br– and I– with aqueous silver ions followed by aqueous ammonia (knowledge of complex formulae not required).
	18.6
	  

	(e) describe and interpret, in terms of changes in oxidation number,
   (i) the reaction of chlorine with water, as used in water purification to prevent life-threatening diseases;
   (ii) the reaction of chlorine with cold, dilute aqueous sodium hydroxide, as used to form bleach.
	18.4
	  


                             

