Advanced Higher Chemistry Learning Outcomes
Unit 1: Inorganic and Physical Chemistry
(i) 
Electromagnetic radiation and atomic spectra
Electromagnetic radiation
Electromagnetic radiation may be described in terms of waves.

Electromagnetic radiation can be specified by its wavelength () (lambda) and by its frequency (). (nu)

The electromagnetic spectrum is the range of frequencies or wavelengths of electromagnetic radiation.

The unit of measurement of wavelength is the metre or an appropriate sub-multiple.

The unit of measurement of frequency is the reciprocal of time in seconds (s-1) and is called the Hertz (Hz).

The velocity of electromagnetic radiation is constant and has a value of approximately 3 x 108 ms-1.

Velocity, frequency and wavelength are related in the expression: c =  
Under certain circumstances electromagnetic radiation may be regarded as a stream

of particles, rather than as waves. These particles are known as photons.

The energy (E) of radiation, and the energy associated with photons, is related to

frequency by Planck’s constant (h) in the expressions:


E = h for one photon


E = Lh for one mole of photons


where L is Avogadro’s Constant.

Spectroscopy

Atomic emission spectroscopy and atomic absorption spectroscopy involve

transitions between electronic energy levels in atoms.

The emission spectrum of hydrogen provides evidence of energy levels.

Generally, the energy differences correspond to the visible region of the

electromagnetic spectrum, i.e., to the approximate wavelength range of 400-700 nm.

Some applications use the ultra-violet region (wavelength range approximately 200-400 nm).

In emission spectroscopy the sample is energised by heat or electricity causing

electrons to be promoted to higher energy levels. The wavelength of the radiation

emitted as electrons fall back to lower energy levels is measured.

In absorption spectroscopy electromagnetic radiation is directed at the sample.

Radiation is absorbed as electrons are promoted to higher energy levels. The

wavelength of the absorbed radiation is measured.

Each element provides a characteristic spectrum which can be used to identify an element.

The amount of species can be determined quantitatively if the intensity of emitted or

transmitted radiation is measured. 

Each line of the emission spectrum represents radiation of a specific wavelength or

frequency from which the difference in energy between the levels can be calculated.

(ii) 
Atomic orbitals, electron confirgurations and the Periodic Table
Quantum theory states that matter can only emit or absorb energy in small fixed

amounts (called quanta).

The energy of a bound electron in an atom is quantised.

An atom can be considered as emitting a photon of light energy when an electron

moves from a higher energy level to a lower energy level.

Emission spectra of elements with more than one electron provide evidence of

sublevels within each principal energy level above the first.

There are four quantum numbers (n, ℓ, mℓ and  ms) used to describe any electron within an atom.
The four quantum numbers are:

· the principal quantum number, n

· the angular momentum quantum number, ℓ

· the magnetic quantum number, mℓ

· the spin quantum number, ms

The principal energy levels correspond to the principal shells. The second and

subsequent principal shells contain subshells which correspond to the sublevels.

Subshells can be labelled s, p, d and f.

The types of subshells within each principal shell are as follows:

First shell s subshell

Second shell s and p subshells

Third shell s, p and d subshells

Fourth and subsequent shells s, p, d and f subshells

Electrons, like photons, display the properties of particles and waves.

Treating bound electrons in atoms as waves leads to regions of high probability of

finding the electrons. These regions are called atomic orbitals.

There are four types of orbitals, namely s, p, d and f, each with a characteristic shape

or set of shapes. Diagrams of the shapes of s, p and d orbitals should be recognised.

An orbital holds a maximum of two electrons, as required by the Pauli exclusion principle.

The number of orbitals in each subshell is as follows :


s subshell one s orbital


p subshell three p orbitals


d subshell five d orbitals


f subshell seven f orbitals

In an isolated atom the orbitals within each subshell are degenerate (are of equal energy).

The aufbau principle states that orbitals are filled in order of increasing energy. (aufbau = building up)
The relative energies corresponding to each orbital can be represented

diagrammatically for the first four shells of a multi-electron atom.

Hund’s Rule states that when degenerate orbitals are available, electrons fill each

singly, keeping their spins parallel before spin pairing starts.

Electronic configurations using spectroscopic notation and orbital box notation can

be written for elements of atomic numbers 1 to 36.

The Periodic Table can be subdivided into four blocks (s, p, d and f) corresponding

to the outer electronic configurations of the elements within these blocks.

The variation in first ionisation energy with increasing atomic number for the first

36 elements can be explained in terms of the relative stability of different electron

configurations, and so provides evidence for these electronic configurations.

The relative values of first, second and subsequent ionisation energies can be

explained in terms of the stabilities of the electronic configurations from which the

electrons are being removed.

Shapes of molecules and polyatomic ions
The shapes of molecules or polyatomic ions can be predicted from the number of

bonding electron pairs and the number of non-bonding electron pairs.

The arrangement of electron pairs is linear, trigonal, tetrahedral, trigonal bipyramidal

and octahedral when the total number of electron pairs is 2, 3, 4, 5 and 6, respectively.

Electron pair repulsions decrease in strength in the order:

non-bonding pair/non-bonding pair > non-bonding pair/bonding pair > bonding

pair/bonding pair.

These different strengths of electron pair repulsion account for slight deviations from

expected bond angles in molecules such as NH3 and H2O.
(iii)
 Transition metals

Electronic configuration

The d block transition metals are metals with an incomplete d subshell in at least one of their ions.

The filling of the d orbitals follows the aufbau principle, with the exception of

chromium and copper atoms. These exceptions are due to a special stability

associated with all the d orbitals being half filled or completely filled.

When transition metals form ions it is the s electrons which are lost first rather than the d electrons.
Oxidation states

An element is said to be in a particular oxidation state when it has a specific

oxidation number.

The oxidation number is determined by following certain rules.

Transition metals exhibit variable oxidation states of differing stability.

Compounds of the same transition metal but in different oxidation states may have

different colours.

Oxidation can be considered as an increase in oxidation number and reduction can be

considered as a decrease in oxidation number.

Compounds containing metals in high oxidation states tend to be oxidising agents

whereas compounds with metals in low oxidation states are often reducing agents.

Investigate the oxidation reactions of manganate(VII) ions and dichromate(VI) ions.

Transition metal complexes

A complex consists of a central metal ion surrounded by ligands.

Ligands are electron donors and may be negative ions or molecules with non-bonding

pairs of electrons. Ligands can be classified as monodentate, bidentate, etc.

The number of bonds from the ligand to the central metal ion is known as the coordination

number of the central ion.

Complexes are written and named according to IUPAC rules.

In a complex of a transition metal the d orbitals are no longer degenerate.

The energy difference between subsets of d orbitals depends on the position of the

ligand in the spectrochemical series.

Colours of many transition metal complexes can be explained in terms of d-d transitions.

The effects of d-d transitions can be studied using ultra-violet and visible absorption

spectroscopy.

Ultra-violet and visible absorption spectroscopy involve transitions between electronic energy levels in atoms and molecules where the energy difference corresponds to the ultra-violet and visible regions of the electromagnetic spectrum.

The wavelength ranges are approximately 200-400 nm for ultra-violet and 400-700 nm for visible.

An ultra-violet/visible spectrometer measures the intensity of radiation transmitted

through the sample and compares this with the intensity of incident radiation.

Catalysis

Transition metals or their compounds act as catalysts in many chemical reactions.

It is believed that the presence of unpaired d electrons or unfilled d orbitals allows intermediate complexes to form, providing reaction pathways of lower energy compared to the uncatalysed reaction.

The variability of oxidation states of transition metals is also an important factor.
(iv)
 Chemical equilibrium

Reactions at equilibrium

A chemical reaction is in equilibrium when the composition of the reactants and

products remain constant indefinitely.

The equilibrium constant (K) characterises the equilibrium composition of the

reaction mixture.

The equilibrium constant can be measured in terms of concentrations or, for gaseous

reactions, in terms of pressure.

For the general reaction:


aA + bB   →
cC + dD

where [A], [B], [C] and [D] are the equilibrium concentrations of A, B, C and D,

respectively, and a, b, c and d are the stoichiometric coefficients in a balanced

reaction equation.

In a homogeneous equilibrium all the species are in the same phase.

In a heterogeneous equilibrium the species are in more than one phase.


 
[C]c[D]d

 
[A]a[B]b
The concentrations of pure solids or pure liquids are constant and are given the value

1 in the equilibrium equation.

Equilibrium constants are independent of the particular concentrations or pressures of

species in a given reaction.

Equilibrium constants depend on the reaction temperature.

Le Chatelier’s principle states that when a reaction at equilibrium is subject to change

the composition alters in such a way as to minimise the effects of that change.

For endothermic reactions a rise in temperature causes an increase in K, i.e., the yield

of the product is increased.

For exothermic reactions a rise in temperature causes a decrease in K, i.e., the yield of

the product is decreased.

The effects of changes in concentration or pressure on the position of equilibrium can

be explained quantitatively in terms of a fixed equilibrium constant.

The presence of a catalyst does not affect the equilibrium constant.

Equilibria involving ions (Acid/Base equilibria)
The Bronsted-Lowry definitions of acid and base state that an acid is a proton donor
and a base is a proton acceptor.

For every acid there is a conjugate base, formed by loss of a proton.

For every base there is a conjugate acid, formed by gain of a proton.

The ionisation of water can be represented by:

H2O(l) + H2O(l) H3O+(aq) + OH-(aq)

Water is amphoteric.

The dissociation constant for the ionisation of water is known as the ionic product

and is represented by:

Kw = [ H3O+] [ OH- ]
The value of the ionic product varies with temperature.

At 25ºC the value of Kw is approximately 1 x 10-14.

A shorthand representation of H3O+ is H+. Stoichiometric equations and equilibrium

expressions can be written using H+ instead of H3O+ where the meaning is clear.

The relationship between pH and the hydrogen ion concentration is given by

pH = -log10 [H+]

A soluble salt of a strong acid and a weak base dissolves in water to produce an acidic solution.

The concept of strong and weak acids

In aqueous solution, strong acids are completely dissociated but weak acids are only partially dissociated.

Equimolar solutions of weak and strong acids differ in pH, conductivity and reaction rates, but not in stoichiometry of reactions (I.e. it takes the same volume of 0.1 moll-1 base to neutralise equimolar solutions of strong/weak acid).

The weakly acidic nature of solutions, of ethanoic acid, sulphur dioxide and carbon monoxide can be explained by reference to equations showing the equilibrium.

A soluble salt of a strong acid and a strong base dissolves in water to produce a neutral solution.

A soluble salt of a weak acid and a strong base dissolves in water to produce an alkaline solution.

The acidity, alkalinity or neutrality of the above kinds of salt solution can be explained by reference to the appropriate equilibria. The pH of salt solutions 

The dissociation in aqueous solution of an acid of general formula HA can be
represented as:


HA(aq) + H2O(l) 

H3O+(aq) + A-(aq)

The acid dissociation constant of acid HA is given by:


Ka = 
[H3O+ ][A-]



    [HA]

The conjugate base of an acid of general formula HA is A-.

The dissociation constant of an acid can be represented by pKa where:


pKa = - log Ka
The relationship of the pH of a weak acid to its dissociation constant is given by


pH = ½ pKa - ½ log c

The dissociation in aqueous solution of base of general formula B can be represented as:

B(aq) + H2O(l) BH+(aq) + OH-(aq)

The conjugate acid of a base of general formula B is BH+.

The dissociation of the conjugate acid of the base can be represented as:

BH+(aq) + H2O(l)   →  B(aq) + H3O+(aq)

The dissociation constant for the conjugate acid is:


Ka = [B] [H3O+]



[BH+]

Indicators

Indicators are weak acids for which the dissociation can be represented as:


HIn(aq) + H2O(l)
H3O+(aq) + In-(aq)

The acid indicator dissociation constant is represented as KIn and is given by the

following expression:


KIn = [H3O+] [In- ]



    [HIn]

In aqueous solution the colour of the acid indicator is distinctly different from that of

its conjugate base.

The colour of the indicator is determined by the ratio of [HIn] to [In-].

The theoretical point at which colour change occurs is when [H+] = KIn
Therefore the theoretical point occurs when pH = pKIn
The colour change is assumed to be distinguishable when [HIn] and [In-] differ by a

factor of 10.

The pH range over which a colour change occurs can be estimated by the expression:

pH = pKIn ± 1

Buffer solutions

A buffer solution is one in which the pH remains approximately constant when small amounts of acid or base are added.

An acid buffer consists of a solution of a weak acid and one of its salts.

In an acid buffer solution the weak acid can supply hydrogen ions when these are removed by the addition of a small amount of base. The salt of the weak acid provides the conjugate base, which can absorb excess hydrogen ions produced by the addition of a small amount of acid.

A basic buffer consists of a solution of a weak base and one of its salts.

In a basic buffer solution the weak base removes excess hydrogen ions and the

conjugate acid provided by the salt supplies hydrogen ions when these are removed.

The pH of an acid buffer solution can be calculated from its composition and from

the acid dissociation constant.


[H3O+(aq)] = Ka[acid]




[salt]

or


pH = pKa – log  [acid]



                [salt]

The required composition of an acid buffer solution can be calculated from the desired pH and from the acid dissociation constant.

Knowledge of calculation of pH or composition of a basic buffer solution is not required

(v)
 Reaction feasibility
Enthalpy of formation
The standard molar enthalpy of formation refers to the enthalpy change which occurs

when one mole of a substance is prepared from its elements in their standard states.

The standard enthalpy of formation of a substance can be calculated from standard

enthalpy changes which are experimentally determined.

The standard enthalpy of a reaction can be calculated from tabulated standard molar

enthalpies of formation using the relation:

ΔHº = ΔHºf (products) - ·ΔHºf (reactants)

 Entropy

The entropy (S) of a system is the degree of disorder of the system.

The greater the disorder, the greater the entropy.

Entropy increases as temperature increases.

Changes of state involve changes in entropy.

Melting and evaporation are accompanied by increases in entropy.

One version of the Third Law of Thermodynamics states that:


the entropy of a perfect crystal at 0K is zero.

The standard entropy of a substance is the entropy value for the standard state of the

substance. It has the symbol So

The change in standard entropy for a reaction system can be calculated from the

standard entropy values for the reactants and products.

Free energy
One version of the Second Law of Thermodynamics states that the total entropy of a

reaction system and its surroundings always increases for a spontaneous process.

Heat energy released by the reaction system into the surroundings increases the

entropy of the surroundings, whereas heat absorbed by the reaction system from the

surroundings decreases the entropy of the surroundings.

The change in entropy of the surroundings that occurs as a result of a chemical

reaction can be calculated from the temperature and from the enthalpy change for the

reaction system.

The total entropy change is proportional to the change in free energy (∆G) of the

reaction system. The direction of spontaneous change is in the direction of decreasing

free energy.

The change in standard free energy for a reaction is related to the standard enthalpy

and entropy changes by:


∆Go = ∆Ho - T∆So

The standard free energy change of a reaction can be calculated from the standard

enthalpy and standard entropy changes for the reaction.

The standard free energy change of a reaction can be calculated from the standard

free energies of formation of the reactants and products.

A reaction is feasible under standard conditions if the change in standard free energy

between reactants and products is negative.

This means that the equilibrium composition favours the products over the reactants.

Under non-standard conditions any reaction is feasible if ∆G is negative.

At equilibrium ∆G = 0.

A reaction will proceed spontaneously in the forward direction until the composition

is reached where ∆G = 0.

Applications of the concept of free energy

The feasibility of a chemical reaction under standard conditions can be predicted

from the calculated value of the change in standard free energy (∆Gº).

The temperature at which the reaction becomes feasible can be calculated for a

reaction for which both ∆Hº and ∆Sº have positive values.
Ellingham diagrams are plots of variation of free energy change with temperature and

can be used to predict the conditions under which a reaction can occur.

Ellingham diagrams can be used to predict the conditions required to extract a metal

from its ores.

Kinetics
The rate of a chemical reaction normally depends on the concentrations of the

reactants.

For a first order reaction the rate of reaction is proportional to the concentration of

one reactant and the rate can be expressed as:


rate = k [A]
where k is the rate constant and [A] is the concentration of reactant A in mol l-1.

The order of a reaction with respect to any one reactant is the power to which the

concentration of that reactant is raised in the rate equation.

The overall order of a reaction is the sum of the powers to which the concentrations

of the reactants are raised in the rate equation.

In general for a reaction of type:


aA + bB → products

where the rate equation is of the form:


rate = k [A]n [B]m
the order of reaction is n with respect to A and m with respect to B and the overall order is n + m.
The rate constant can be determined from initial rate data for a series of reactions in which the initial concentrations of reactants are varied.

Reaction mechanisms usually occur by a series of steps.

The rate of reaction is dependent on the slowest step which is called the rate determining step.

Experimentally determined rate equations can provide evidence for a proposed reaction mechanism but cannot provide proof, as other possible reaction mechanisms may also give the same rate equation.

Unit 2: Organic Chemistry and Instrumental Analysis
(i) Molecular orbitals

Hybridisation sp3 , sp2 hybrid orbitals and their role in the formation of sigma and pi bonds.
Bonding in alkanes can be described in terms of sp3 hybridisation and sigma bonds.

Hybridisation is the process of mixing atomic orbitals in an atom to generate a set of

new atomic orbitals called hybrid orbitals.

A sigma () bond is a covalent bond formed by end-on overlap of two atomic

orbitals lying along the axis of the bond.

Bonding in ethene can be described in terms of sp2 hybridisation, sigma and pi bonds.

A pi () bond is a covalent bond formed by the sideways overlap of two parallel atomic orbitals lying perpendicular to the axis of the bond.

The symmetry and position of bonding orbitals between atoms determines types of bonding Ionic, polar and non-polar covalent bonding.  i.e. bonding types are not discrete by are on a continuum.
Formation of bonding molecular orbitals.

Molecular orbitals are obtained by combining the atomic orbitals of the atoms in a molecule.

When two atomic orbitals combine two new molecular orbitals will be formed. One of the new molecular orbitals will be a bonding orbital and the other will be an anti-bonding orbital.

In bonding molecular orbitals the electrons occupy the region between two nuclei. 

Electrons in molecular orbitals obey the same rules as electrons in atomic orbitals. 

A molecular orbital can extend over the whole or part of a molecule.

A Homo orbital is the highest energy molecular orbital occupied with an electron.

A Lumo orbital is the lowest energy molecular orbital without an electron.
Absorption of visible light by organic molecules.

An explanation of why organic molecules are colourless or coloured with reference to molecular orbital theory

Including Homo and Lumo or conjugated systems.

A conjugated system is part of a molecule that has alternating carbon to carbon single bonds and carbon to carbon double bonds.

In a conjugated system a molecular orbital forms extending over many carbon atoms.

The electrons in a conjugated system will be delocalised.

The more extensive a conjugated system is, the smaller is the gap between its homo and lumo. 

If a conjugated system is very extensive then the gap between the lumo and homo may be small enough such the molecule will absorb a photon in the visible region of the spectrum thus producing a coloured molecule.
Describe a chromophore and explain its role in the colour exhibited by the compound

A chormophore is the group of atoms within a molecule responsible for the absorption of light in the visible region of spectrum. 

(ii)     Molecular structure

Draw and convert between molecular, structural and skeletal formulae with no more than 10 carbons

(iii) Stereo chemistry

Stereoisomers have identical molecular formulae and the atoms are bonded together in the same order but the arrangement of the atoms in space is different, making them non-superimposable.

Geometric isomerism

Geometric isomerism is one type of stereoisomerism and can arise due to the lack of free rotation around a bond, frequently a carbon-carbon double bond.

Geometric isomers are labelled cis and trans according to whether the substituent groups are on the same side or on different sides of the carbon-carbon double bond.

Geometric isomers display differences in some physical properties.

Geometric isomerism can also influence chemical properties, for example cis-but- 2-enedioic acid is more readily dehydrated than trans-but-2-enedioic acid.

Optical isomerism

Optical isomers are non-superimposable mirror images of each other and are said to be chiral. (pronounced kyral)

Optical isomerism can occur in substances in which four different groups are arranged around a carbon atom.

Optical isomers have identical physical and chemical properties, except when they are in a chiral environment, but they have an opposite effect on plane polarised light and are said to be optically active.

Mixtures containing equal amounts of both optical isomers are optically inactive.

In biological systems only one optical isomer of each organic compound is usually

present.

(iv)  Synthesis
Reaction types

Equations can be written for the following reaction types and,

given equations, these reaction types can be identified.

substitution

addition

elimination

condensation

hydrolysis

oxidation

reduction

Devise synthetic routes, with no more than three steps, from a given reactant to a final product.

Reaction mechanisms

The following reaction mechanisms can be described in terms of electron shifts:


i. radical substitution of alkanes


ii. electrophilic addition to alkenes



carbocation mechanism



cyclic ion intermediate mechanism


iii. nucleophilic substitution



SN1 and SN2
Hydrocarbons and halogenoalkanes

Halogenoalkanes are named according to IUPAC rules.

Monohalogenoalkanes can be classified as primary, secondary or tertiary.

Monohalogenoalkanes undergo nucleophilic substitution reactions.

Monohalogenoalkanes undergo elimination reactions to form alkenes.

Monohalogenoalkanes react with:


1. alkalis to form alcohols


2. alcoholic alkoxides to form ethers


3. ethanolic cyanide to form nitriles which can be hydrolysed to carboxylic acids


    (chain length increased by one carbon atom)

Alcohols and ethers

Alcohols exhibit hydrogen bonding and as a result have higher boiling points than other organic compounds of comparable relative formula mass and shape.

The lower alcohols are miscible with water but as their chain length increases their solubility in water decreases.

Alcohols can be prepared from:


1. alkenes by hydration


2. halogenoalkanes by substitution.

In industry, alcohols (except methanol) can be manufactured by the acid-catalysed hydration of alkenes.

Alcohols react with some reactive metals to form alkoxides.

Alcohols can be dehydrated to alkenes.

Alcohols undergo condensation reactions slowly with carboxylic acids and more vigorously with acid chlorides to form esters.

Ethers have the general formula R'-O-R'' where R' and R'' are alkyl groups.

Ethers are named according to IUPAC rules.

Due to the lack of hydrogen bonding, ethers have lower boiling points than the corresponding isomeric alcohols.

Ether molecules can hydrogen-bond with water molecules thus explaining the solubility in water of some ethers of low relative formula mass.

Ethers are highly flammable and on exposure to air may form explosive peroxides.

Ethers can be prepared by the reaction of halogenoalkanes with alkoxides.

Ethers are used as solvents since they are relatively inert chemically and will dissolve many organic compounds.

Alkenes
Alkenes can be prepared in the laboratory by:


1.dehydration of alcohols using aluminium oxide, concentrated sulphuric acid or


   orthophosphoric acid


2. base-induced elimination of hydrogen halides from monohalogenoalkanes.

Alkenes undergo:


1. catalytic addition with hydrogen to form alkanes


2. addition with halogens to form dihalogenoalkanes


3. addition with hydrogen halides according to Markovnikov’s rule

    to form monohalogenoalkanes


4. acid-catalysed addition with water according to Markovnikov’s rule to form alcohols.

The mechanisms of the above reactions involve:


1. for halogenation cyclic ion intermediate


2. for hydrohalogenation carbocation intermediate


3. for acid catalysed hydration carbocation intermediate

Carboxylic acids

Carboxylic acid molecules also form hydrogen bonds with water molecules thus explaining the appreciable solubility of the lower carboxylic acids in water. As the chain length increases water solubility decreases.

Carboxylic acids are weak acids. Their slight dissociation in water can be explained by the stability of the carboxylate ion caused by electron delocalisation.

Carboxylic acids can be prepared by:


1. oxidising primary alcohols and aldehydes


2. hydrolysing nitriles, esters or amides.

Reactions of carboxylic acids include:


1. formation of salts by reactions with metals, carbonates and alkalis


2. condensation reactions with alcohols to form esters


3. reaction with ammonia or amines and subsequent heating of the ammonium salt


    to form amides


4. reduction with lithium aluminium hydride to form primary alcohols.

Amines

Amines are named according to IUPAC rules.

Amines are organic derivatives of ammonia and can be classified as primary, secondary or tertiary.

Primary and secondary amines, but not tertiary amines, associate by hydrogen bonding and as a result have higher boiling points than isomeric tertiary amines and alkanes with comparable relative formula masses.

Amine molecules can hydrogen-bond with water molecules thus explaining the appreciable solubility of the lower amines in water.
The nitrogen atom in amines has a lone pair of electrons which can accept a proton from water, producing hydroxide ions. Amines are weak bases.

Amines react with aqueous mineral or carboxylic acids to form salts.

Aromatics

Bonding in benzene can be described in terms of sp2 hybridisation, sigma and pi bonds, and electron delocalisation.

Benzene is the simplest aromatic hydrocarbon and its unexpected stability can be attributed to the presence of delocalised electrons.

Most reactions of benzene involve attack of an electrophile on the cloud of delocalised electrons, that is electrophilic substitution.

Benzene resists addition reactions but undergoes electrophilic substitution reactions.

These include:


1. chlorination and bromination to produce chlorobenzene and bromobenzene


2. nitration to produce nitrobenzene


3. sulphonation to produce benzene sulphonic acid


4. alkylation to produce alkylbenzenes.

(v)
Elemental determination of structure
Elemental microanalysis

Elemental microanalysis (combustion analysis) can be used to determine the masses of C, H, S and N in a sample of an organic compound in order to find the empirical formula.

Mass spectrometry

Mass spectrometry can be used to determine the accurate molecular mass and structural features of an organic compound.

Interpretation of fragmentation data from mass spectra to gain structural information.

A conventional mass spectrometer functions in the following manner:

The sample is firstly 
onizatio and then 
onizat by being bombarded with electrons Fragmentation can occur when the energy available is greater than the molecular 
onization energy
The parent ion and ion fragments are accelerated by an electric field and then deflected by a magnetic field

The strength of the magnetic field is varied to enable the ions of all the different mass/charge ratios to be detected in turn. A mass spectrum is obtained.

Organic compounds can be identified from the very accurate determination of the relative molecular masses of the parent ion and the ion fragments.

Infra-red spectroscopy

Infra-red spectroscopy can be used to identify certain functional groups in an organic compound.

Interpretation of special data from IR to gain structural information.

Infra-red radiation causes parts of a molecule to vibrate. The wavelengths which are absorbed and cause the vibrations will depend on the type of chemical bond and the groups or atoms at the ends of these bonds.

Infra-red radiation is passed through a sample of the organic compound and then to a detector which measures the intensity of the transmitted radiation at different

wavelengths.

Infra-red spectra are expressed in terms of wavenumber.

The part of the spectrum used is between 4000 and 600 cm-1.

Nuclear magnetic resonance (NMR) spectroscopy

Nuclear magnetic resonance spectroscopy (nmr) can give information about: 


1. the different environments of hydrogen atoms in an organic molecule


2. how many hydrogen atoms there are in each of these environments.

Hydrogen nuclei behave like tiny magnets and in a strong magnetic field some are aligned with the field (lower energy) while the rest are aligned against it (higher energy).

Absorption of radiation in the radiofrequency region of the electromagnetic spectrum will cause the hydrogen nuclei to “flip” from the lower energy alignment to the higher one. As they fall back from the higher to the lower level the emitted radiation is detected.

In the nmr spectrum the peak position (chemical shift) is related to the environment of the proton.

The area under the peak is related to the number of protons in that environment.

The standard reference substance used in nmr spectroscopy is tetramethylsilane

(TMS) which is assigned a chemical shift equal to zero.
Interpretation of  1H NMR spectra

Interpretation of spectral data to gain structural information

Draw and analyse low resolution proton NMR spectra and to analyse high resolution proton NMR spectra.
(vi)
Pharmaceutical chemistry
Drugs are substances which alter the biochemical processes in the body and those which have a beneficial effect are called medicines.

Historical development

The first medicines were plant brews.

Pharmacologically active compounds in plant extracts were identified.

These compounds and derivatives of them were synthesised where practicable.

Aspirin is an example of a medicine developed in this way.

How a medicine functions

The effect of drugs on the body

Most medicines work by binding to receptors. Receptors are usually protein molecules that are either on the surface of cells where they interact with small biologically active molecules or are enzymes that catalyse chemical reactions (catalytic receptors).

Many medicines can be classified as agonists or as antagonists according to whether they enhance or block the body’s natural responses.

An agonist will produce a response like the body’s natural active compound.

An antagonist produces no response but prevents the action of the body’s natural active compound.

Idenify the types of interaction between drug function groups and receptor sites.

Functional groups can bind to receptor sites in 3 ways:

· Hydrogen bonding (either as hydrogen bonding donors or acceptors)

· Ionic bonds

· Van der Waal’s attractions

 .

The shape of the pharmacophore complements that of the receptor site, allowing it to fit into the receptor.

The functional groups on both are correctly positioned to interact and bind the medicine to the receptor.

By comparing the structures of medicines with similar pharmacological activity, the structural fragments that confer pharmacological activity can be recognised.

% solution by mass, % solution by volume and ppm, calculations.

% solution by mass is the mass of solute made up to 100ml of solution.

% solution by volume is the number of cm3 of solute made up to 100ml of solution.
The unit ppm stands for parts per million and refers to 1g per 1 million g or 1mg per kg. 

Unit 3: Researching chemistry
Throughout each of the key areas the following must be considered:

· Precision

· Accuracy

· Uncertainites

· units

(i)     Gravimetric analysis

In gravimetric analysis the mass of an element or compound present in a substance is

determined by chemically changing that substance into some other substance of

known chemical composition, which can be readily isolated, purified and weighed.

(ii) Volumetric analysis
Volumetric analysis involves using a solution of accurately known concentration in a

quantitative reaction to determine the concentration of another substance.

A solution of accurately known concentration is known as a standard solution.

A standard solution can be prepared directly from a primary standard.

A primary standard must have, at least, the following characteristics:

high state of purity

stability

solubility

reasonably high formula mass.

The volume of reactant solution required to just complete the reaction is determined

by titration.

The equivalence point is the point at which the reaction is just complete.

The "end point" is the point at which a change is observed and is associated with the

equivalence point. An indicator is a substance which changes colour at the end-point.

Acid/base titrations are based on neutralisation reactions.

Complexometric titrations are based on complex formation reactions. EDTA is an

important complexometric reagent and can be used to determine the concentration of

metal ions such as nickel(II).

Redox titrations are based on redox reactions. Substances such as potassium manganate

(VII) which can act as their own indicators are very useful reactants in redox titrations.

A quantitative reaction is one in which the substances react completely according to

the mole ratios given by the balanced (stoichiometric) equation.

(iii)   
Practical skills and techniques

Preparation of standard solutions using accurate dilution technique.

Formation and use of calibration curves, using colorimetry to determine unknown using solutions of appropriate concentration.

Use of distillation, reflux, vacuum filtration, recrystallisation and use of a separating funnel in the preparation and purification of an experimental product.

Uses of thin-layer chromatography, melting point and mixed melting point determination in evaluating the purity of an experimental product.

Calculation of Rf values from relevant data and its use in following the course of a reaction. Chromatography

Chromatographic separations depend on the partition equilibrium between two phases, one stationary and the other mobile.

(iv) Stoichiometric Calculations
Calculations from balanced equations, including multi-step reactions, reactant excess and empirical formulae from given data.

Calculations and explanations comparing theoretical and actual yeild.
