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Chemical Changes and Structure


Learning Outcomes
	SECTION 1 Controlling the Rate.

Subsection (a) Collision Theory



	1. 
	I can use “Collision Theory” to explain the effects of concentration, particle size, temperature, and collision geometry on reaction rates.

Collision Theory states that before a reaction can take place, the particles must collide with each other.

The smaller the particles the larger the surface area and more particles available to react therefore more collision = faster reaction

The higher the concentration the more chance of a collision = faster reaction

The higher the temperature, more particles moving faster so more collisions and more particles with energy greater than the activation energy = faster reaction

Particles must collide with he correct geometry



	2. 
	I can calculate the average reaction of reaction

Average rate = change in quantity
                          change in time

	
	

	3. 
	I can state  Rate = 1/ t   (s-1)                                                                                                  

	Subsection (b) Reaction Profiles.



	4.
	I can give the definition of an activated complex.

As a reaction proceeds from reactants to products, an intermediate stage is reached at the top of the activation barrier at which a highly energetic species called an activated complex is formed.



	5.
	I can give the definition of activation energy.

The activation energy is the minimum kinetic energy required by colliding molecules for a reaction to occur



	6.
	I can use potential energy diagrams to:-

· say if a reaction is exothermic or endothermic.
Exothermic reactions give out energy to the surroundings.
In an exothermic reaction, the products have less energy than the reactants.

In an endothermic reaction, the products have more energy than the reactants.

Endothermic reactions take in energy from the surroundings.
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· calculate the enthalpy change for a reaction with the correct units and sign.

∆H is negative for an exothermic reaction. The unit is kJmol-1

∆H  is positive for an endothermic reaction. The unit is kJmol-1

· calculate the activation energy needed for forward, reverse and catalysed reactions.

In the potential energy diagrams the activation energy is the ‘energy barrier’ which reactants must get over to become products.



	7.
	I can explain why it is essential that chemists can predict the quantity of heat taken in or given out in an industrial process.
Runaway reactions such as those causing the disasters in Bhopal and Seveso occur when the rate at which a chemical reaction releases energy exceeds the capabilities of the plant to remove heat. 

Endothermic reactions require heating = energy costs.



	Subsection (c) Temperature and kinetic energy.



	8.
	I can give the definition of temperature.
Temperature is a measure of the average kinetic energy of the particles in a chemical. 



	9.
	I can use energy distribution diagrams to explain the effect of temperature on reaction rate.
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The activation energy is the minimum energy that particles need to collide successfully. Only particles with energy above this level have the potential to react. At a higher temperature more particles have energy greater than the activation energy so faster reaction.



	Subsection (d) Catalysts.



	10.
	I can state how catalysts affect the activation energy for a chemical reaction.
Catalysts lower the activation energy for a reaction, making it easier to form the activated complex to form.



	11.
	Draw a potential energy diagram to show the effect of a catalyst on the activation energy.

Enthalpy reactant and products unchanged

Hump should be lowered to show the activation energy is lowered
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	Section 2
Trends in the Periodic Table and Bonding

Subsection (a)
The Arrangement of Elements in the Periodic Table.



	12.
	I can describe the connection between atomic number and the order of elements in the Periodic Table.



	
	Elements are arranged in order of increasing atomic number.

 

	13.
	I can predict the properties of an element using its position in the Periodic Table.



	
	Group 1 reactive.  Reactivity increases down the group.

Group 7 reactive.  Reactivity decreases down the group.

Group 0 unreactive.

	14.
	I can identify periods in the Periodic Table.



	
	Rows are periods.



	15.
	I can identify groups in the Periodic Table.



	
	Columns are groups.



	16.
	I can explain why certain elements have similar properties.



	
	Elements with the same number of outer electrons have similar properties.



	17.
	I can describe the relationship between the number of outer electrons and group.



	
	The number of outer electrons is the same as the group number.



	18.
	I can describe the change in the number of outer electrons across a period.



	
	The number of outer electrons increases as you go across a period.



	19.
	I can identify the position of metals and non–metals in the Periodic Table.



	
	Metals are at the right hand side of the Periodic Table while non-metals are at the left hand side.



	20.
	I can describe the move from metallic to non-metallic characteristics.



	
	Metallic characteristics decrease as you go across a period.



	21.
	I can identify the position of the gaseous elements in the Periodic Table.



	
	The gaseous elements (nitrogen, oxygen, fluorine, chlorine, helium, neon, argon, krypton and xenon) are at the top right hand side of the Periodic Table.  Hydrogen is at the top left hand side.



	22.
	I can identify the alkali metals, halogens, noble gases and transition elements in the Periodic Table.

	
	alkali metals = group 1

halogens = group 7
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noble gases = group 0

transition metals = middle section of the Periodic Table

	Subsection (b)  Bonding and Structure of the first twenty Elements

	23.
	I can explain how a covalent bond is formed.



	
	A covalent bond is a pair of shared electrons.



	24.
	I can describe the behaviour of outer electrons in metallic bonding.



	
	In metals the outer electrons are delocalised.



	25.
	I can explain the difference between covalent network and covalent molecular.



	
	Covalent molecular elements or compounds have a definite number of atoms bonded together.  Covalent network elements or compounds have a vast but indefinite number of atoms bonded together.



	26.
	I can give examples of metallic, covalent molecular, covalent network and monatomic elements.



	
	Metallic elements are at the right hand side of the Periodic Table.  

N2, O2, F2, Cl2, Br2, I2, P4, S8, H2 and fullerenes such as C60 are covalent molecular.

Si and C in the form of diamond and graphite are covalent network.

The noble gases He, Ne, Ar Kr, Xe, Rn are monatomic.



	
	

	Subsection (c)  Periodic Trends in Ionisation Energies and Covalent radii

	27.
	I can use covalent radius to describe the changes in the size of atoms across a period and down a group.



	
	The covalent radius is a measure of the size of an atom.

Atoms get bigger as you go down a group and smaller as you go across a period.



	28.
	I can explain the change in covalent radius in terms of changes in the number of occupied shells or the nuclear charge.



	
	As you go across a period the nucleus becomes more positive so the shells of electrons are more strongly attracted to the nucleus.  This made the atoms smaller.

As you go down a group there is another shell of electrons.  This made the atoms larger.



	29.
	I can state what is meant by first, second and third ionisation energies.



	
	The first ionisation energy is the energy required to remove one mole of electrons from one mole of atoms in the gaseous state.

The second and subsequent ionisation energies refer to the energies required to remove further moles of electrons.



	30.
	I can write state equations to represent first, second and third ionisation energies.



	
	First Ionisation Energy        E(g)  (  E+ (g)   +   e-

Second Ionisation Energy        E+(g)  (  E2+(g)  +   e-

Third Ionisation Energy        E2+(g)   ( E3+(g)  +   e-
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	31.
	I can use atomic size and screening effect to explain the change in ionisation energies down a group.



	
	As you go down a group the atoms are bigger as there is another shell of electrons.  The outer electrons are further from the nucleus and are also shielded from the full effect of the nucleus by the inner electrons.  The outer electron is easier to remove so the ionisation energy decreases.

  

	32.
	I can use atomic size and nuclear charge to explain the change in ionisation energies across a period.



	
	As you go across a period the positive charge on the nucleus increases making the atoms smaller. The outer electrons are closer to the nucleus so more strongly attracted.  The outer electron is more difficult to remove so the ionisation energy increases.



	
	

	Subsection (d)  Periodic Trends in Electronegativity

	33.
	I can explain the effect of electronegativity on electrons in a covalent bond.



	
	The higher the electronegativity the stronger the attraction of the atom for the shared electrons in a covalent bond.



	34.
	I can describe, using a data book, the change in electronegativity down a group.



	
	Electronegativity decreases as you go down a group.

Electronegativity increases as you go along a period.

   

	35.
	I can use atomic size and nuclear charge to explain the change in electronegativity across a period.



	
	As atoms get smaller the bonding electrons are closer to the positive nucleus so are more strongly attracted.  The electonegativity increases.



	36.
	I can use atomic size and screening effect to explain the change in electronegativity down a group.



	
	As the atoms get larger the bonding electrons are further from the nucleus and are also screened from the full effect of the nucleus by the inner electrons.  The electronegativity decreases.



	
	

	Subsection (e)  Polar Covalent Bonds

	37.
	I can describe a covalent bond in terms of electrons and positive nuclei.



	
	The atoms in a covalent bond are held together because the two positive nuclei are both attracted to the same pair of shared electrons.



	38.
	I can use electronegativity values to distinguish between pure covalent and polar covalent bonds.



	
	In pure covalent bonds the atoms have the same or very similar electonegativities so share electrons equally.
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In polar covalent bonds the atoms have different electonegativities so the bonding electrons are shared unequally.



	39.
	I can use the data book to assign (+ and (- partial charges on atoms.



	
	The atom with the higher electronegativity will have a greater share of the bonding electrons so will have a (- charge.

The atom with the lower electronegativity will have a (+ charge.



	40.
	I can distinguish between bonds which show a dipole and those that are non-polar.

	
	(+ and (- show partial charges on atoms in a polar covalent bond.  This is called a dipole. 



	
	

	Subsection (f)  Bonding Continuum

	41.
	I can explain the relationship between differences in electronegativity and type of bonding.



	
	Ionic and pure covalent bonding are opposite extremes with polar covalent bonding in e middle,

A very large difference in electronegativity leads to ionic bonding.

A small difference in electronegativity leads to polar covalent bonding.

Atoms with the same electronegativity have pure covalent bonds.



	42.
	I can use data from properties such as conductivity, melting point and boiling point to deduce type of bonding and structure.



	
	High melting point and boiling point = ionic or covalent network

Low melting point and boiling point = covalent molecular

Non-conductor = covalent molecular or covalent network

Conductor when molten or dissolved but not when solid = ionic



	43.
	I can list exceptions to the statements: “Compounds formed between non-metals only are covalent.  Compounds formed between a metal and a non-metal are ionic”.

	
	Acids are ionic (HCl, H2SO4, HNO3)

Some metals can sometimes form covalent compounds (SnI4, TiCl4)

 

	Section 2
Intermolecular forces
Subsection (a)
Van der Waal’s Forces 


	44.
	I can explain the difference between intermolecular and intramolecular forces.



	
	Intramolecular forces hold atoms together to form a molecule - polar covalent bonds and pure covalent bonds.

Intermolecular forces are forces of attraction between molecules – Van der Waal’s forces.



	45.
	I can name temporary and permanent Van der Waal’s forces. 



	
	Temporary – London dispersion forces

Permanent – permanent dipole to permanent dipole attractions such as hydrogen bonding

	46.
	I can give examples of compounds with temporary and permanent Van der Waal’s forces.



	
	London dispersion forces are temporary and exist between all atoms and molecules.

Compounds with N, O or F directly bonded to H have hydrogen bonding between molecules.  Hydrogen bonding is an example of a permanent dipole to permanent dipole attraction,
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	Subsection (b)
London Dispersion Forces 


	47.
	I can explain how London dispersion forces arise.



	
	A temporary uneven distribution of electrons within atoms and molecules.



	48.
	I can state where London dispersion forces arise.



	
	Between all atoms and molecules.



	49.
	I can relate the strength of London dispersion forces to the number of electrons within the atom or molecule.



	
	The greater the number of electrons the stronger the London dispersion forces.



	50.
	I can relate London dispersion forces to other types of bonds in terms of strength.



	
	London dispersion forces are very weak – weaker than all other types of bonding.



	
	

	Subsection (c)
Permanent Dipole-Permanent Dipole Interactions 


	51.
	I can explain how permanent dipole-permanent dipole interactions arise.



	
	An atom in one molecule with a partial positive charge ((+) attracts an atom in a neighbouring molecule with a partial negative charge ((-).

 

	52.
	I can use spatial arrangement of polar covalent bonds to predict whether a molecule is polar or non-polar.



	
	If the positive centre coincides with the negative centre the molecule is non-polar. 

eg tetrahedral - CCl4
If the positive and negative centre do not coincide the molecule is polar. 

eg tetrahedral CHCl3 , bent H2O



	53.
	I can relate permanent dipole-permanent dipole interactions to other types of bonds in terms of strength.



	
	Permanent dipole – permanent dipole interactions are weak but stronger than London dispersion forces.

Ionic and covalent bonds > permanent dipole–permanent dipole > London dispersion                                                                       forces  



	
	

	Subsection (d)
Hydrogen Bonding 


	54.
	I can correctly describe hydrogen bonding as an example of intermolecular or intramolecular bonding.



	
	Hydrogen bonding is an example of a permanent dipole – permanent dipole attraction.

It is intermolecular – between molecules.



	55.
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I can identify from the structural formula or the molecular formula compounds which have hydrogen bonds.

 

	
	Molecules with N, O or F directly bonded to H will have hydrogen bonding between molecules.



	56.
	I can relate hydrogen bonding to other types of bonds in terms of strength.



	
	Hydrogen bonding is weak but is stronger than other examples of permanent dipole- permanent dipole attractions.

Ionic and covalent bonds > hydrogen bonding > other permanent dipole–permanent dipole  attractions > London dispersion forces  



	
	

	Subsection (e)
Relating Properties to Intermolecular Forces

	57.
	I can explain the relationship between the type and strength of intermolecular bonds and melting point, boiling point and viscosity.



	
	Covalent compounds with hydrogen bonding between molecules have higher melting points, boiling points and viscosity than those with only London dispersion forces.



	58.
	I can predict the strength of intermolecular forces by considering the polarity of molecules and the number of electrons.



	
	Polar molecules will have stronger intermolecular forces than non-polar molecules.

The greater the number of electrons the stronger the London dispersion forces between molecules.



	59.
	I can explain patterns in melting and boiling points in terms of the strength of intermolecular forces.



	
	The higher the melting point and boiling point the stronger the intermolecular forces.



	60.
	I can explain why the boiling points of ammonia, water and hydrogen fluoride are higher than expected given the number of electrons present in the molecules.



	
	NH3, H2O and HF have hydrogen bonding between their molecules.  



	61.
	I can explain how hydrogen bonding affects boiling points, melting points, viscosity and solubility (miscibility).



	
	Hydrogen bonding increases melting points, boiling points and viscosity compared to those with only London dispersion forces.  Hydrogen bonding between the molecules and water molecules makes the substance soluble or miscible with water.



	62.
	I can explain why ice is less dense than water.

	
	Hydrogen bonding between water molecules gives ice an open structure.  The density of ice is lower than that of liquid water unlike other chemicals where the solid is more dense than the liquid. 



	
	

	Subsection (f)
Predicting solubility from solute and solvent polarities 


	63.
	I can state the type of solvent which tends to dissolve ionic compounds and polar molecular compounds.



	
	Like dissolves like.
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Polar solvents tend to dissolve ionic compounds and covalent compounds with polar molecules.

Water is a polar solvent.



	64.
	I can state the type of solvent which tends to dissolve non-polar molecular compounds.



	
	Like dissolves like.

Non-polar solvents tend to dissolve covalent compounds with non-polar molecules.



	65.
	I can select groups within molecules which imply hydrogen bonding.



	
	Molecules with O-H and N-H groups have hydrogen bonding between molecules. The O(- or N(- in one molecule attracts the H(+ in another.



	66.
	I can identify molecules with a permanent dipole by considering the spatial arrangement of polar covalent bonds.



	
	If the positive and negative centres coincide the molecule is non-polar.

If the positive and negative centres do not coincide the molecule is polar.
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Chemical Changes and Structure
Control of reaction rates

· In your earlier studies you learned that 4 factors affect the rate of a reaction. List 4 ways to increase the rate of reactions: 
CONTROLING THE RATE

COLLISION THEORY

Collision Theory states that before a reaction can take place, the particles must collide with each other.
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EFFECT OF SURFACE AREA
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· Explain in terms of the collision theory how increasing surface area increases rate of reaction.

In this section you will learn how to compare the rates of reactions mathematically. 

There are 2 different methods for investigating the effect of particle size. Some groups will use method A and some method B. Share the results once you have finished.  

Method A results

	time (s)
	0
	10
	20
	30
	40
	50
	60
	70
	80

	volume 

(cm3) C
	
	
	
	
	
	
	
	
	

	volume

(cm3) G
	
	
	
	
	
	
	
	
	


· Plot the results on a graph with time on the x axis and volume on the y. Use the same set of axes for both sets of results. 
Average rate =  change in volume =  _____________ cm3 s-1
                             time interval
	
	Rate over 1st 25 seconds

               (cm3 s-1)


	rate over 2nd  25seconds

            (cm3 s-1)



	Whole chips (C)


	
	

	Ground chips (G)


	
	


Method B results

	time (s)
	0
	20
	40
	60
	80
	100
	120
	140
	160

	Mass (g)
C
	
	
	
	
	
	
	
	
	

	mass(g)
G
	
	
	
	
	
	
	
	
	


· Plot the results on a graph with time on the x axis and volume on the y. Use the same set of axes for both sets of results. 
Average rate =  change in mass  The answer will have the units  g s-1
                             time interval
	
	Rate over 1st 25 seconds

                   (g s-1)


	rate over 2nd 25seconds

             (g s-1)



	Whole chips (C)


	
	

	Ground chips (G)


	
	


1. were the results of both experiments what you expected? If not, how do they differ?

2. What are the sources of error in your experiment and are they significant?

effect of concentration on reaction rate 
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Concentration is measured in moles per litre or mol l-1 
Collision theory says that particles must collide before a reaction can occur. 
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· Explain fully why increasing the concentration increases the rate of reaction.

·  In every reaction the rate decreases as time goes by. Explain why this is so.


If we followed the rate of reaction using the concentration of the acid, the rate would have the unit 

Average rate =  change in concentration =   mol l-1 s-1
                                   time interval
       CHEMICAL CLOCK CHALLENGE – Calculating average rate of reaction

In the earlier experiments you measured the average rate of reaction over a period of time. Sometimes it is easier to make comparisons by calculating the rate of a reaction using the formula

Rate = 1/ t   (s-1)                                                                                                  time  = 1/ rate   (s)
This allows a comparison of the rate under different conditions to be compared.

For example if a piece of magnesium ribbon completely reacts with HCl in 120s the rate would be 

 Rate = 1/ t   s-1      = 1/ 120  =  0.0083   s-1
Carry out the chemical clock challenge
	Volume of water (cm3)
	Volume of 0.5 mol l-1 KI (aq) (cm3)
	Relative Concentration

KI
	Time (s)
	Rate (1/t)

	0.0
	25.0
	         1.0
	 
	 

	5.0
	20.00
	0.8
	 
	 

	10.0
	
	
	 
	 

	15.0
	
	
	 
	 

	20.0
	
	0.2
	 
	 


· Plot a graph of 1/time on the vertical (y) axis and relative concentration on the

horizontal (x) axis.

· Sketch the graph obtained when rate is plotted against concentration


Effect of temperature on reaction rate. 

Carry out the vanishing cross experiment and discover the rise in temperature needed to double the reaction rate 
When sodium thiosulfate solution is reacted with acid, a precipitate of sulfur forms. The time

taken for a certain amount of sulfur to form is used to indicate the rate of the reaction.

· Complete the equation for the reaction

Sodium            + hydrochloric   →  sodium chloride + water + sulphur dioxide + sulphur 
thiosulphate       acid

Na2S2O3



	Initial temperature

(oC)
	Final temperature

(oC)
	Average temperature (oC)
	Time for cross to disappear (s)
	Rate =1/t   (s-1)

	
	
	
	
	

	
	
	
	
	

	
	
	
	
	

	
	
	
	
	

	
	
	
	
	


· Plot a graph of 1/time on the vertical (y) axis and average temperature on the

horizontal (x) axis.

· Work out the rise in temperature required to double the rate of reaction. 
· Sketch the graph obtained when rate is plotted against temperature





Reaction profiles

Enthalpy (H) is a measure of the energy stored in a chemical. During a reaction, chemicals may release some of their stored energy to the surroundings, usually as heat. These are exothermic reactions e.g combustion, displacement, neutralisation, respiration.
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Other reactions take in heat from the surroundings causing them to become cooler. Some may take in light. The energy stored in the chemical increases; these are endothermic reactions such as photosynthesis, reaction of ethanoic acid with sodium hydrogen carbonate.
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Potential Energy diagrams help to show the enthalpy changes involved. 

Exothermic                                                          Endothermic






                   Path of reaction                                                                          Path of reaction

· What symbol is used to show the ‘enthalpy change’? 

· What units are used?

· How do you show whether the reaction is exothermic or endothermic?

· Calculate the enthalpy change for both diagrams using the equation

                    ∆H  =   Hproducts  -     Hreactants
Carry out the experiments showing endo and exothermic reactions and watch the videos of the thermi te reaction
For industrial processes it is essential that chemists can predict the quantity of heat taken in or given out as this will influence the design of the process. 
· If a reaction is endothermic what will happen to the temperature?

· What effect will this temperature change have on the reaction rate? 

· What costs will be incurred to prevent this?
· If a reaction is exothermic what will happen to the temperature?

· What effect will this temperature change have on the reaction rate? 

· What problems might this cause?
Runaway reactions such as those causing the disasters in Bhopal and Seveso occur when the rate at which a chemical reaction releases energy exceeds the capabilities of the plant to remove heat. 

ACTIVATION ENERGY AND THE REACTION PATHWAY


Potential energy diagrams give useful information about the energy profile of a reaction.

The activation energy is the minimum kinetic energy required by colliding molecules for a reaction to occur. In the diagrams shown above the activation energy appears like a ‘energy barrier’ which reactants must get over to become products. 
The higher the Ea the higher the barrier and the slower the reaction.

1. Mark Ea and ∆H on the PE diagrams and then calculate the value of each for the forward reaction.

2. Mark Ea and ∆H on the PE diagrams for the reverse reaction and then calculate the value of each 

As a reaction proceeds from reactants to products, an intermediate stage is reached at the top of the activation barrier at which a highly energetic species called an activated complex is formed.


                        A + B       →      X      →          C+D

This unstable activated complex only exist for a short period of time. From the peak of the energy barrier it can lose energy in one of two ways i.e. to the stable products or to form the reactants again.

The activation energy is the energy needed by colliding particles to form the activated complex.

COLLISION GEOMETRY
Reaction rate depends on collision geometry. Particles must collide with sufficient energy (the activation energy) but also the correct geometry. If the particles collide in the wrong way a reaction cannot occur.

Draw a diagram to show correct and incorrect collision geometry.

TEMPERATURE AND KINETIC ENERGY
Collision Theory can explain the effect of temperature on reaction rate. 
Temperature is a measure of the average kinetic energy of the particles in a chemical. 

· Draw a diagram below to show the distribution of kinetic energy of particles at 2 different temperatures.
The activation energy is the minimum energy that particles need to collide successfully. Only particles with energy above this level have the potential to react.

· Add a line to the diagram to represent the activation energy. Shade in the areas that represent the number of particles that have the potential to react successfully at both temperatures.

· As temperature increases, what happens to the number of particles that have energy greater than the activation energy and therefore the potential to react? 

EFFECT OF CATALYSTS                                                                     

· What is the definition of a catalyst?

There are 2 types of catalysis, heterogeneous and homogenous. What do these terms mean?

Heterogenous: 

Homogenous: 

HOW HETEROGENOUS CATALYSTS WORK 
In industry the active sites of the catalyst can sometimes be blocked by impurities the catalyst is said to be poisoned. This can cause additional costs arising from regenerating (cleaning the catalyst surface).

INVESTIGATING THE ACTION OF CATALYSTS
Carry out the catalyst problem solving activity
AN EXAMPLE OF A HOMOGENOUS CATALYST

Carry out the practical ‘following catalysis’
· The catalyst helps the ‘activated complex’ to form. What colour is seen as the activated complex forms? 
· What type of catalysis was taking place; explain your decision.

The catalyst is thought to help in the formation of the activated complex by helping the particles to collide with the correct geometry. 
CATALYSTS AND POTENTIAL ENERGY DIAGRAMS

Catalysts lower the activation energy for a reaction, making it easier to form the activated complex to form. This can be shown on a PE diagram,

Calculate Ea and ∆H for the forward uncatalysed reaction in the PE diagrams
Calculate Ea* and ∆H for the catalysed forward reaction in the PE diagrams
	
	∆H 
	Activation energy

	Effect of catalyst – forward reaction
	
	

	Effect of catalyst – reverse reaction
	
	


Calculate Ea and ∆H for the reverse uncatalysed reaction in the PE diagrams
Calculate Ea* and ∆H for the catalysed reverse reaction in the   PE diagrams

Catalysts function by reducing the activation energy by providing another route for the reaction to take place which has a different activated complex with lower energy. They do not affect the enthalpy change ΔH.


ENERGY DISTRIBUTION AND A CATALYST

Remember heating speeds up a reaction by increasing the number of particles with energy greater than the activation energy. A catalyst speeds up the reaction by lowering the activation energy.
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With a catalyst the energy barrier is lowered so more successful collision and therefore a faster reaction.
TRENDS IN THE PERIODIC TABLE
The familiar form of the Periodic Table is based on the work of Mendeleev.  He arranged the known elements in order of their atomic masses and kept similar elements in the same column.  He left gaps for elements which had not been discovered at that time.

Elements are arranged in rows and columns in the Periodic Table. 
A row is called a period and a column is called a group.

Both rows and periods are numbered.

H and He are the 1st period

From Li to Ne is the 2nd period, etc.

Elements of the same of the Periodic Table have similar properties.
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	group name
	group number
	properties

	
	
	Unreactive non-metals. Gases at room temperature.

	
	
	Very reactive non-metals. Coloured.

	
	
	Fairly reactive metals.

	
	
	Very reactive metals. Usually stored under oil to prevent reaction with oxygen and water vapour in the air.


· Plot a graph of density against atomic number for the first 20 elements.

Use the data book or www.webelements.com to draw each of the following graphs. You need only consider the first 20 elements.  Each time sketch the graph and mark on the position of the alkali metals (Li and Na), the noble gases (He, Ne and Ar) and the group IV elements (C and Si)
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Each of the graphs drawn have been periodic, that is they show the same pattern over and over again. Each pattern on the graph corresponds to a row or period on the Periodic Table. Describe this in the space beside the graph
Elements in the same column or group appear at the same point in the pattern on the graphs.
The size of an atom is indicated by its covalent radius.

The covalent radius of an element is actually half the distance between the nuclei of 2 of its bonded atoms.
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        The size of atoms ………………. As you go across an period


The size of atoms

……..….. as you

go down a group

The changes in covalent radius can be explained by the changes within the atoms.

An atom consists of a positive nucleus surrounded by negative electrons. The electrons are arranged in shells or energy levels. The nucleus is minute compared to the size of the whole atom.

(Compare the size of a garden pea to the size of a football pitch.)

Although the electrons move about in the space outside the nucleus they do not ‘fill’ that space. (In the same way, footballers move about a pitch but do not ‘fill’ the pitch.)

Atoms in the same period have the …….. number of energy levels or shells of electrons.

As you go across a period the …….. charge on the nucleus increases. The shells or energy levels of …….. are strongly attracted to the …….. so the size of the atoms


As you go down a 

group there is 

another shell or 

energy level of 

electrons so the 

size of the atoms
…………..
The first ionisation energy of an element is the energy required to remove one mole of electrons from one mole of atoms in the gaseous state.

i.e.

M(g)
(
M+(g)
+     e-
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The changes in these properties depend on the changes within the atoms.
· Using your data book, state what happens to the first ionisation energy as you go along a period.

· Explain this in terms of electron arrangement and nuclear charge.
· Using your data book, state what happens to the first ionisation energy as you go down a group.

· Explain in terms of atomic size, nuclear charge and the screening effect of the inner shell electrons.

The second ionisation energy of an element is the energy required to remove the second mole of electrons.

i.e.

M+(g)
( 
The ………ionisation energy of an element is the energy required to remove the ……….mole of electrons.

i.e.

M2+(g)
( 

· Explain why the second ionisation energy of an element is always greater than the first ionisation energy.

· Explain why the second ionisation energy of K is much greater than the second ionisation energy of Mg. Remember to show how the electron arrangement alters.


BONDING IN ELEMENTS AND THE PERIODIC TABLE

BONDING IN METALS
The elements can be classified into metals and non-metals.
· Experimentally how could you distinguish between metals and non-metals?

Mark the position of the metals on the periodic table below.
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Metals, in particular the alkali metals Li, Na, K show metallic bonding.
In a metal the atoms are packed closely together. The electrons in their outer shells tend to move about from atom to atom. These electrons do not ‘belong’ to one atom in particular and are said to be delocalised.
Metals can be considered as a giant lattice of +ve ions held together by these delocalised electrons.

Metallic bonding is the attraction of these positively charged ions for the delocalised electrons.

Use the diagram to explain the electrical conductivity of metals.
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        The strength of metallic bonding increases as you go along a period.



The strength of

metallic bonding

decreases as you

go down a group.

· Explain both of these changes in terms of delocalised electrons.
THE NON METALS,  MONOTOMIC GASES (noble gases)

Each of these elements has a full outer energy level so has no reason to form bonds.

The noble gases occur as single atoms. They are said to be monatomic.

Since they can be liquefied and solidified there must be some weak attraction between the atoms. This attraction is called London dispersion force.
· Add two electrons to each of the He atoms shown below to explain how London dispersion forces arise.

	
	The electrons in a atom may become unevenly distributed causing a temporary dipole i.e. one side of the atom becomes fleetingly negative while the other side becomes positive.

This has a knock on effect on the neighbouring atoms.

London dispersion forces exist only between particles rather than within particles.

London dispersion forces are much weaker than all other types of bonding. The strength of London dispersion force increases as the size of the atoms increase.

London dispersion forces are important in the absence of other types of attractions between molecules.


· Look up the boiling points of the noble gases. Explain the trend observed as you go down the group.
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COVALENT MOLECULAR ELEMENTS
Many non-metals exist as discrete covalent molecules held together by covalent bonds.

Discrete molecules have a definite formula with a definite number of atoms bonded together.

Look at the samples and molecular models provided.
	Element
	valence

number 
	molecular formula
	structure of molecule
	melting point (°c)
	boiling point (°c)
	state at room temperature

	hydrogen
	
	
	
	
	
	

	carbon (fullerenes)
	
	C60
	
	Low-but not in data
	Low-but not in data
	

	nitrogen
	
	
	
	
	
	

	phosphorus
	
	
	
	
	
	

	oxygen
	
	
	
	
	
	

	sulphur
	
	
	
	
	
	

	fluorine
	
	
	
	
	
	gas

	chlorine
	
	
	
	
	
	


Covalent molecular substances have ……….. melting points and boiling points

Within the molecules there are strong …………. bonds.

Between the molecules there are only weak …… … ………… forces.

To boil a covalent molecular element e.g ……………………………………... energy must be supplied to ……………………. the molecules from each other.

As only very weak ………………………… forces exist between the particles this only requires a little energy so resulting in boiling points and melting points.

FULLERENES
There are 3 crystalline forms of carbon known — diamond, graphite and the recently discovered fullerenes.

Fullerenes exists as covalent molecules with a definite formula - the smallest being C50 but ranging in size to C540
Fullerenes are a large family of ‘carbon cage’ molecules each made up of rings of .... and .... carbon atoms.

They include football shaped molecules and tube shaped molecules called nanotubes.
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	C60 is called ………………….  ……………………..
Fullerenes undergo ………….. reactions across their double bonds

With no ‘free’ ………..fullerenes are normally poor conductors except when exposed to certain ……………….of light.

	*List 5 potential uses of fullerenes
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	Nanotubes are fullerenes made from ‘tubes’ of 6-carbon rings rather like a rolled up sheet of graphite.

The ends are ‘closed’ with 5-carbon rings

	*List 4 potential uses of nanotubes
	


COVALENT NETWORK ELEMENTS
Polymorphs are different crystalline forms of the same element.

There are several polymorphs of carbon:- ………………….  and ………………..
Examine the models and the structures shown below.
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	diamond

Each C atom forms ………... covalent bonds.

All ... outer electrons are used in bonding. There are no delocalised electrons. Diamond does not conduct electricity

Strong covalent bonds are formed in all 3 dimensions - the bonds round each C are arranged in a …………………… shape.

To cut or to break diamond means breaking lots of strong ……………….. bonds. This needs a lot of energy so it is difficult to cut or break diamond.

This 3 dimensional network of covalent bonds makes diamond very ………………….
	graphite

Each C atom forms ………… covalent bonds.

Only ... outer electrons are used in bonding. Each C atom has ………outer electron not used in bonding.

These outer electrons can move from atom to atom - they are delocalised. Graphite conducts …………………………
Covalent bonds are formed in only …………dimensions - the atoms are arranged in layers.

Between the layers there is very weak ……………………………….. .

The layers of C atoms can slip and slide over each other.

To cut or break graphite means breaking ……….. ……… which are very ……………… so it is …………….. to cut or break graphite than diamond.

This layered arrangement of atoms makes graphite very brittle.


Covalent networks do not have a definite number of atoms joined together and are composed of a large lattice structure.

Boron, silicon and carbon in the form of diamond and graphite exist as covalent networks.

· From the data book, the melting point of carbon is……………….. and ……………………. for silicon.

· Explain why these values are among the highest of any of the elements.

· *Why are the values so very much higher than those of say oxygen, nitrogen, sulphur?
   BONDING IN ELEMENTS - A SUMMARY

Shade the periodic table below to show the type of bonding.
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The strength of metallic bonding depends on the number of ……………………………… electrons per atom.

The strength of metallic bonding ………………………….. as you go along a period and …………………………… as you go down a group.

The melting point and the boiling point of metals varies but is generally high (high hundreds to thousands of °C)

The noble gases exist as …………………… atoms with ……………………………. between the atoms.

This gives ……………………. melting points and boiling points. (low hundreds of °C).

Covalent molecular elements have …………………….. melting points and boiling points (low hundreds of °C), as only weak ……..………………………… between the molecules need be broken.

Covalent network elements have ………………………… melting points and boiling points (perhaps thousands of °C), as strong ……………………. bonds

need to be broken.
        BONDING IN COMPOUNDS
Atoms bond or join together to try to get the same electron arrangement as the nearest noble gas. 
This can result in three different types of compound - ionic, covalent molecular or covalent network.

In ionic bonding the atoms …………………..  electrons to form charged particles called 

…………………….Ionic bonding is simply the attraction between the positive and negative ions

In covalent bonding the atoms electrons.

This can result in:-

Covalent molecular compounds made of discrete particles with a definite …………..
Covalent network compounds made of a giant lattice of atoms covalently bonded.

Covalent bonding is simply the attraction of the shared electrons for the nuclei of both the bonded atoms.

· Draw diagrams to show how the following compounds are formed.

Your answer you should clearly show the arrangement of the electrons and the type of bonding in each case.

(a)
KF

(b)
H20

(c)
MgO

(d)
CCI4
The properties of a compound depend on the type of bonding present.

In the following experiment you will investigate melting points of ionic and covalent molecular solids. Place the test tubes provided in a beaker of boiling water for a few minutes.
	substance
	ionic or covalent molecular
	did it melt?

	copper sulphate
	
	

	naphthalene
	
	

	salol
	
	

	potassium nitrate
	
	

	sodium chloride
	
	

	paraffin wax
	
	


Find out the actual melting point of these compounds.

Ionic compounds have ……………. melting points. ( …………………. of °C).
· Explain this in terms of arrangement and movement of particles as well as attraction between particles.

Covalent molecular solids have ……………………  melting points.

· Explain this in terms of attraction between and movement of particles.

Covalent network compounds
Silicon dioxide has the formula SiO2. Silicon carbide has the formula SiC.

· What type of bonding would you expect to exist in these compounds?

· Would you expect these compounds to have high or low melting points?

· Find out the actual melting points.

· How do they fit with your prediction?

· Examine the models of these compounds.

· Explain melting point and boiling point in terms of bonding and movement of particles

· Consider the valances of C and Si and use this information to work out the exact structure of silicon carbide.

· Rub a piece of wood with the sample of silicon carbide. Silicon carbide (SiC) is widely used as an abrasive as it is an extremely hard material. Explain this is terms of its structure.

ELECTRONEGATIVITY

The electronegativity is a measure of the attraction an atom involved in a bond has for the electrons in a bond.
Elements at the top right hand side of the periodic table e.g. F .0, N are the most electronegative.

Elements at the bottom left hand side of the periodic table e.g. K, Rb, Cs are the least electronegative.
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Electronegativity ………………………… as we go along a period

Electronegativity ………………………… as we go down a group.
· Explain why the electronegativity values increase across a period using the terms nuclear charge, covalent radius and screening.

· Explain why the electronegativity values decrease down a group using the terms nuclear charge, covalent radius and screening.
Electronegativity values can be used to predict the type of bond formed.

If the difference in electronegativity is high, as occurs in METAL/NON-METAL combinations, the electrons will transfer to the more electronegative atom and ………………………………. bonding will occur.

e.g.



Na atom
F atom

(
Na+ F-
   ions

electronegativity value
……….
………..

In a covalent bond between two identical atoms the electrons must be equally shared as each atom has the same attraction for the bonding electrons.

	e.g
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	non-polar covalent bond


If the bond is between 2 different atoms the sharing will NOT be equal. The electrons in the bond will spend more time closer to the more electronegative atom.
	e.g.
	H
	CI
	(
	H
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+
	
	CI
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+
	polar covalent bond

	electronegativity value
	……
	……
	
	
	
	
	


In this case the electrons spend a greater proportion of time closer to the chlorine than the hydrogen. This means that the chlorine has a slight negative charge and the hydrogen slightly positive..

The greater the difference in electronegativity between the two atoms , the more polar the bond will be.

These molecules have polar-covalent bonds because the atoms have significantly different electronegativities. Show the direction of the polarity on each of the molecules below i.e. mark in the charges 
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BONDING CONTINUUM
Pure covalent bonding and ionic bonding can be considered as being at opposite ends of a bonding continuum with polar covalent bonding lying between these two extremes. The larger the difference in electronegativities between bonded atoms is, the more polar the bond will be. If the difference is large then the movement of bonding electrons from the element of lower electronegativity to the element of higher electronegativity is complete resulting in the formation of ions. 
Compounds formed between metals and non-metals are often, but not always ionic. 
*collect the activity sheet for the formation of tin iodide 

predict its melting point ………oC

determine its melting point ……oC 

How does the actual mpt compare to your prediction? 

What kind of bonding does it exhibit?

The properties of the compound should be used to deduce the type of bonding and structure rather than the type of elements present in the formula.

POLAR MOLECULES
Unequal sharing of electrons can result in the formation of polar covalent bonds.

Depending on the shape of the molecules the whole molecule can be polar. e.g. water molecules are polar but CH4 molecules are not.
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	The H-O bonds are polar covalent.

Water molecules are bent in shape.

The whole water molecule is polar because it has a positive ‘end’ and a negative ‘end’.

We say the molecule has a permanent dipole if the 
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+ve centre and

the 
[image: image26.wmf]d

-ve centre do not coincide.
Molecules with a permanent dipole attract each other. The attraction is stronger than London dispersion forces. Hydrogen bonding is a particular example of permanent dipole- permanent dipole attraction. Chemicals which have hydrogen bonding still have London dispersion forces as well.


· Explain with the aid of a diagram why CCI4 molecules are non-polar.


HYDROGEN BONDING
CH4, SIH4, GeH4 and SnH4 are all covalent molecular substances.

*Would you expect the boiling points of these compounds to be high or low?

· Explain how would you expect the boiling point to alter as you go down the group?

· Check your answer by computer.

· Given the elements of group V group VI and group VII also form covalent molecular hydrides, how would you expect their boiling points to alter as you go down the group?

· Again check your answer by computer and graph the results below. You should show all 4 graphs.
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The boiling point of ………, ………… and ………. are higher than we would expect given their mass.

Differences in electronegativity lead to polar covalent bonds.

This is particularly important when H is bonded to very electronegative elements such as ………, …………… and ……………

Compounds such as NH3 , H2O and HF contain molecules which attract each other, because of the polar nature of the covalent bonds.

· Indicate the attractions between molecules.

(i)
H
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(ii)


(iii)

These attractions between the molecules are called hydrogen bonds.

· Draw diagrams to show H-bonding in ethanol.

Hydrogen bonding occurs in compounds which have hydrogen atoms bonded to a very electronegative element such as N, O and F.

Hydrogen bonds are stronger than London dispersion forces but weaker than covalent bonds and ionic bonds.

Hydrogen bonding causes the melting point, boiling point and viscosity of a chemical to be higher than would otherwise be expected.
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Water is very unusual because solid water (ice) is actually less dense than liquid water. This is because hydrogen bonding between H2O molecules in ice gives a very open structure.

VAN DER WAALS’ FORCES
All molecular elements and compounds and monatomic elements will condense and freeze at sufficiently low temperatures. For this to occur, some attractive forces must exist between the molecules or discrete atoms.
Any "intermolecular" forces acting between molecules are known as Van der Waals' forces. There are several different types of Van der Waals' forces such as 
· London dispersion forces 
· Permanent dipole-permanent dipole interactions which includes hydrogen bonding. 


‘LIKE DISSOLVES LIKE’
Polar and ionic substances tend to dissolve in polar solvents

Because it is polar, water is useful as a solvent for ionic compounds.

· Add water molecules to the diagram to help explain how water can break down the crystal lattice which exists in an ionic solid such as sodium chloride.
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Pure hydrogen chloride is a gas at room temperature. The H-Cl bond is polar covalent

When water is added the H-Cl bond breaks to produce ions. The ionic solution is called hydrochloric acid.

· Add water molecules to the diagram to help explain how water can help break the H-Cl bond.

H
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-Cl
[image: image38.wmf]d

-

(
H+
Cl-
[image: image39.png]=5




Non-polar substances tend to dissolve in non-polar solvents.

e.g. covalent compounds tend to dissolve in non polar solvents such as white spirit which is a mixture of hydrocarbons.
CHARACTERISTIC PROPERTIES OF COMPOUNDS - SUMMARY
	
	ionic
	covalent molecular
	covalent network

	Type of particles present
	lattice structure of ions
	discrete molecules
	(usually) 3D giant network with covalent bonds between atoms

	Forces/bonds holding particles together
	attractive forces between ions
	very weak London Dispersion Forces or weak Hydrogen bonds between molecules
	xxxxxx

	Melting points and boiling points
	high melting point and boiling point
	* low melting point and boiling point
	high melting point and boiling point

	Electrical properties
	conducts electricity when in solution or molten
	non conducting
	non conducting

	Solubility
	often soluble in water (which is a polar solvent ) and insoluble in non-polar, covalent solvents.
	often soluble in non-polar organic solvents
	tend not to be soluble


The actual melting point and boiling point of a covalent molecular compound depends on the size and type of the molecules and

the type of intermolecular bonding i.e  ……………………   ……. ……………. or …………………………. bonding.

A low melting point or boiling point is considered to be in the low hundreds of °C

A high melting point or boiling point is considered to be thousands of °C

concentration





Rate (s-1)





Rate (s-1)





Temperature (oC)





kJmol-1





∆H  =   Hproducts  -     Hreactants








∆H is negative for an exothermic reaction. The unit is kJmol-1





In an exothermic reaction, the products have less energy than the reactants.





Exothermic reactions give out energy to the surroundings.





kJmol-1





∆H  is positive for an endothermic reaction. The unit is kJmol-1





In an endothermic reaction, the products have more energy than the reactants.





Endothermic reactions take in energy from the surroundings.





∆H  =   Hproducts  -     Hreactants








125  





PE


kJmol-1








PE


kJmol-1








92  





               ∆H  





               ∆H  





70  





115  








PAGE  
2

_1352790051.unknown

