Objectives: electromagnetic radiation, particle-wave dualism, atomic structurePRIVATE 

That light consists of electromagnetic waves was long time known.

But about 1900 new observations about light and matter brought new explanations and 

new insights.

These new theories where necessary, because without them experiments could not be 

explained.

General believe before 1900: physics is basically known, only some details are still 

needed. But then came new experiments which nobody could explain.

Electromagnetic waves or water waves:

A particular property oscillates in space and time and the oscillation moves. 

When two waves occupy the same space, then constructive and destructive 

interference can happen, depending on what are the phases where the waves meet.

The oscillating properties in electromagnetic waves are the electric field (E) and the 

magnetic field (H) which are perpendicular to each other and also perpendicular to the 

direction of motion and they oscillate.
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The values of E at the same location in space are simply equal when the 2 waves are 

in phase and then add up, become larger in 100 % constructive interference.

The values of E at the same location in space are such that one is the negative of the 

other when the 2 waves are out of phase and then add up to 0, the wave vanishes in 

100 % destructive interference.

Reality is mostly in between.

But also the two pure effects can be experimentally studied.

The intensity of light (brightness) is proportional to the square of the electric field 

strength: I proportional to E2 

The oscillations of E (and H) have a sine form, both in space and time, and the time 

between two maxima is called the period τ of the wave.

The distance between two maxima of E in space is the wavelength λ of the wave.

long wavelength: low energy, direction to red, 

short wavelength: high energy, direction to violet
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The frequency of the light is v = 1/τ

The velocity of light is c = Δx/Δt = λ/τ = λv

The larger the frequency, the larger the energy of the light.

Old believe: energy of light proportional to its intensity. Einstein proved that this was 

wrong, and that it is the frequency and the wavelength that determine the energy.

The speed of light in vacuum is c = 2.9979 x 108 m/s and in vacuum it is the same 

for all colors (wavelengths) of light.

In matter the speed of light is different for different colors (wavelengths).

Transperancy from book: connection between wavelength and frequency

A famous observation on which the new physics first came out is black body 

radiation.

A black body is a body that absorbs all light hitting it and reflects nothing. All 

radiation from black body is created inside the black body, not reflected.

The sun is a black body, because all its radiation comes from the inside and is not 

a reflected light.

A good model of a black body is a hot box with a pinhole in it.
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The measurement of the radiation energy density as function of frequency brought 

surprises:
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The classical theory implies that the radiative energy density should increase when the 

frequency increases.

Experiment showed a maximum and 0 energy density at high frequencies (ultraviolet 

catastrophy).

Planck could explain that and obtain the exact experimental curve by assuming that 

not all amounts of energy are possible, but that energy comes in discrete packets or 

portions. These packets are called quanta, quantum if it is 1 packet.

Plancks idea for the possible sizes of these quanta was ΔE = nhv where n is an 

integer and h is Planck's constant, h = 6.626 x 10-34 Js

Such quanta of light energy are called photons, particles that make up light. Energy 

of 1 photon of light: E = hv

1905 Einstein proved the particle nature of light by the photoelectric effect:
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The current he measured as function of the frequency of the light was always 0 for 

every frequency below a threshhold frequency (energy) vo, for higher frequencies it 

rose to a saturation value.

If light would behave like a wave then its energy must be proportional to its intensity. 

However, the threshhold did not change with changing intensity.

Interpretation: fixed amount of energy, w, needed to cut an electron out of the electrode 

material. Thus when the frequency is too low for that, then it does not matter how 

many photons (intensity) hit the electrode, because each photon has a definite energy.
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Einstein: energy E = mc2 and with E = hν he got the mass of 1 particle of light, a 

photon: 
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If the frequency used is larger than w, then the energy difference is used to accelerate the electron to a speed v, and the difference of the light energy minus the energy w needed to cut the electron loose from the electrode is equal to the final kinetic energy, Ekin, of the electron:

Ekin = (1/2) mv2 = hν – w; v = [(hν – w )/(0.5 m)]1/2

Thus light behaves both like a wave in some experiments (many photons interact with 

matter: reflection) and in other experiments like a particle (1 photon interacts with 1 

particle of matter): wave - particle dualism.

Question: if light behaves sometimes like a particle, do particles behave sometimes 

like a wave?

Yes: Compton observed interference of electrons with X-rays.

de Broglie found the wave length of matter particles, mass m at speed v:
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For large masses classical physics still true, but not for small particles like electrons.
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8
Example:

A sodium (Na) lamp emits light at 570 nm wavelength.

What is the frequency of the light?

What is the energy of 1 photon?

What is the energy of 1 mol of photons?
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1 Hz = 1/s
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In the formula „ny“ is the frequency of the light, ν
Electrons (e-) are accelerated (me = 9.11 x 10 -31 kg) with a voltage, V = 1000. V. 

What is the wavelength λ of the electrons?

The energy of the electrons E = e x V, e = 1.609 x 10-19 As, 1 VAs = 1 Ws = 1 J.
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de Broglie wavelength:
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8
very small wavelength, thus to observe interference Compton had to use X-rays of 

comparable wavelength.

Spectrum of light
In matter light of different wavelength has different speed, and thus light of different 

color (wavelength) is bent at a different angle when passing a glas prism:
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in vacuum light of all wavelengths has the same speed c

Sunlight is white and thus contains all colors.

It is also continuous: all wavelengths are contained in sunlight:

Transperancy: sunlight spectrum from book

When an electrical discharge was sent through a gas of H atoms, people expected to 

see also a continuous spectrum.

But: Serieses of discrete lines appeared, each line containing light of just 1 distinct 

wavelength:
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Thus also in atoms electrons cannot have all energies, but only distinct energies 

(energy levels).

When an electron goes from a higher to a lower energy level, then the energy 

difference between the levels is emitted as a discrete line:
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Objectives: Bohr's model for the H atom, quantum mechanical atom model, quantum 

numbers, orbitals, filling of orbitals with electrons

1913: Bohr proposed a semi-classical and semi-quantum-mechanical model for the 

atom to explain the observed line spectra.

Purely classical point of view: An electron (Bohr's model is correct only for 1-

electron atoms) could move on a circular orbit around the nucleus,

if the electrostatic attraction of Z+ charges on the nucleus and the negative electron 

(inward force) 

and the centrifugal force (outward force) exactly balance each other:
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9
In the above formula it must be Z and NOT Z2
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Problems with that:

1. All distances r are possible, thus all energies are possible: no line spectrum.

2. Due to angular momentum conservation, the classical atom would be planar.

Experiment: H is spherical

3. The electron is an accelerated charge (direction of speed changes on a circular 

orbit).

Maxwell's electrodynamics: an accelerated charge loses energy by emitting 

electromagnetic radiation.

The electron loses energy and thus comes closer to the nucleus, finally falling into it.

The classical H atom is not stable.

Bohr kept the classical basis, but in addition, he considered a condition for the 

quantum angular momentum:
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This together with the balance condition of the forces yields the radius and the orbit 

speed of the possible orbits, and thus finally the energy, an electron has in an allowed 

orbit:
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Thus the energy is quantized: only certain energies with integer n are possible for 

electrons.

RH is the Rydberg constant: RH = 2.178 x 10-18 J per electron

or per mol: RH = 1313 kJ/mol

for hydrogen atoms, Z = 1

important: all energy levels are negative

When n is infinite, the electron is dissociated from the nucleus and all energies there 

are possible again (continuum). These are the energies > 0.

[image: image24.wmf]
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The level with the lowest energy (negative), n = 1, is called the groundstate.

Electrons that are not excited are in this level, E1 = - 1313 kJ/mol

The levels with n > 1 are the excited states, because the electron needs to take up 

energy to come there from n = 1, En = - 1313/n2 kJ/mol

If an electron falls from a state of higher energy (higher ni, number of absolute E 

smaller, but it is negative) into one of lower energy (smaller nf, number of absolute 

E larger, but it is negative), then it sends out the energy difference between the two 

states as light.

Thus ΔE = -RH (1/nf2 - 1/ni2) < 0, because the system (atom) loses energy in emission

If light is send into an atom, and the electron absorbs the part of the right frequency 

(energy) of it, the electron can go into a state of higher energy (higher nf, number of 

absolute E smaller, but it is negative) from one of lower energy (smaller ni, number 

of absolute E larger, but it is negative), then that frequency of light, corresponding

to the energy difference between the two states, is absorbed from the light.

Thus ΔE = -RH (1/nf2 - 1/ni2) > 0, because the system (atom) gains energy in 

absorption from the light

Calculate the longest wavelength (smallest light energy) in the visible Balmer series.

In the Balmer series all transitions end up in n = 2. Thus the higher state must be 

n = 3, because that means the smallest energy difference in the Balmer series and 

thus the smallest frequency and the longest wavelength of the light sent out.

energy difference:
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12
In the above formula it must be 2.178 x 10-18 J and NOT 2.178 J

The energy of the emitted light must be equal to the absolute energy difference 

(ΔE < 0, because the atom loses this energy, when it sends out a photon):
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This is visible red light and is in excellent agreement with the measured spectrum.

Bohr's model is very good for H and for all 1-electron atoms, like He+, Li2+, ..

but it does not work for other elements with more than 1 electron.

The electron must be considered as a wave not as a particle:

Thus after finishing a circular orbit, the electronic wave will interfere with itself.

The conclusion is, that only if the circumference of the orbit is an integer 

multiple of the de Broglie wavelength of the electron, the orbit is stable because of 

constructive interference of the electron's matter wave with itself.

Otherwise it would repeatedly interfere destructively with itself and finally vanish 

from an orbit with inappropriate radius. Thus the circumference of the orbit must be 

n (principal quantum number) times the de Broglie wavelength of the electron.

Heisenberg (1926): introduction of Ψ, the wavefunction of the electron and 

introduction of the uncertainty principle:

It is not possible to determine position and momentum of a particle at the same time.

to get position very accurate, one needs to use high energy light (e.g. X-rays),

that in turn changes the momentum when hitting the particle:
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Ψ(x,y,z)2: probability to find the electron at point x,y,z in space

For the determination of the wavefunction one has to solve the famous Schröِdinger 

equation (1925): ĤΨ = Eψ, where Ĥ is the Hamilton operator, the energy operator, 

which is a partial differential operator of second order acting on the wavefunction and 

E is the total energy of the system under study.

Transperancies from the book:

R2(x,y,z) = Ψ2(x,y,z) for H plotted versus distance r from the nucleus: probability 

largest close to the nucleus and falling when r increases

Radial probability: 4πr2R2 versus r: probability to find the electron on a sphere with 

radius r: 0 at nucleus, going through maximum, then decreasing.

The maximum is at 0.0529 nm, Bohr's radius

Form of an Orbital (no orbit): Surface (here sphere) within which the probability to 

find the electron is 90 %:

1000 times you measure its position, 900 time it will be inside that surface, 100 times 

outside.

Quantum numbers
Each electron in an atom is described by a set of 4 numbers, the so-called quantum 

numbers.

3 numbers for space dimensions, 1 for the spin orientation (up or down) of the 

electron (it spins around itself like a little planet):

1. Principal Quantum number, n = 1,2,3,.... (same as in Bohr's model of H)

2. Angular momentum quantum number, l = 0,1,2,...,(n-1)

3. Magnetic quantum number, ml = -l,...,-1,0,1,...,+l

4. Spin quantum number, s = 1/2 for spin up or s = -1/2 for spin down

(n,l,ml,s) is the set of quantum numbers (in this sequence) for each electron

Such a set of quantum numbers is only possible, if

1. n > 0

2. 0 ( l ( (n-1)

3. -l ( ml ( +l

4. s = +1/2 or s = -1/2

5. no 2 sets of quantum numbers can be the completely the same for different elec-

​trons, at least 1 quantum number must be different for 2 electrons, example 

2 electrons can have n, l,ml = 0, but then 1 must have s = +1/2 and the other one 

then must have s = -1/2.

Example: if n = 3, what are the other possible quantum numbers?

n = 3: l = 0,1,2,...(n-1) = 0,1,2

l = 2: d-orbital: ml = -2,-1,0,1,2, s= + or - 1/2

l = 1: p-orbital: ml = -1,0,1, s= + or - 1/2

l = 0: s-orbital: ml = 0, s= + or - 1/2

(1,0,0,1/2): n = 1, l = 0: 1s orbital, the 1 for n = 1 and the s for l = 0

(2,1,0,1/2): n = 2, l = 1: 2p orbital, the 2 for n = 2 and the p for l = 1

What is the uncertainty in space, Δx, in an orbital?
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The electronic mass is m = 9.11 x 10-31 kg, with an uncertainty of Δm = 10-33 kg

The speed is u = c/10 = 2.998 x 107 m/s, with an uncertainty of Δu = 105 m/s

Thus Δ(mu) = mΔu + uΔm = 1.21 x 10-25 kg m/s

The uncertainty in space is therefore
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17
The size of a 1s orbital is about 0.25 nm

Thus the electron can be everywhere in the orbital and the probability of finding it at 

a certain distance r from the nucleus is 4πr2Ψ2(r)

[image: image31.wmf]
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The energy of an orbital generally increases when the number of nodes increases.


Principal quantum number, n

number of radial nodes
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and 8-shapes + rings

Transperancies from book: shapes of s,p,d, and f orbitals

1s: no node

2s: 1 radial node, 2p : 1 angular node plane no radial node

3s: 2 radial nodes, 3p: 1 angular + 1 radial node, 3d: 2 angular nodes, no radial

Objectives: Repeat shapes of orbitals, Pauli exclusion principle, Hund's rule, Aufbau 

principle, Periodic table

Pauli exclusion principle
No 2 electrons can have the same set of quantum numbers:

2 electrons can be in the same orbital (n,l,ml), but then one must have spin up 

(s = 1/2) and the other one spin down (s = -1/2):

[image: image32.wmf]
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In hydrogen, H, and in all 1-electron ions, like He+, Li2+, Be3+, B4+, etc.:

The orbitals with the same principal quantum number n have the same energy, 

they are degenerate

In poly-electronic atoms (more than 1 electron):

orbitals in a so-called np or nd subshell are still degenerate, but ns has a different 

energy than np which is again of different energy than nd.

Actually, 3d is even of higher energy than 4s, and 4f of higher energy than 6s, and 

even higher than the first 5d transition element (La).

Reason: electron-electron interactions

Filling of orbitals with electrons when the atomic number increases:

The orbitals are filled from lower to higher energy with 2 electrons (spin up, spin 

down) in each orbital.

Only in a set of degenerate orbitals (same energy), like e.g. 3p, first each orbital of 

the set is filled with 1 lonely electron, and when all 3 degenerate orbitals of the p set 

have 1 electron each (unpaired, parallel spin), then the next one, number 4 is paired 

(Hund’s rule):

[image: image33.wmf]
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Shielding
Take Na for example: the 10, 1s, 2s and 2p, inner electrons are much closer to the 

nucleus than the lonely 3s1 electron. Thus the outer lonely electron does not feel the 

full 11+ nuclear charge, but a lower effective one, because inside the 3s1 electron 

there are the 11+ charges of the nucleus and 10- charges from 10 electrons. 

Therefore the 3s1 electron is not very strongly bound and easily given off to form Na+ 

ions. But it costs a lot of energy to remove 1 of the inner strongly bound 10 electrons: 

Na+ does exist, but Na2+ does not exist.

[image: image34.wmf]
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Penetration
If you look at transperancy: The maximum electron density of, e.g. the 3s orbital is 

more far from the nucleus than that of 3p and 3d. But 3s has 2 more maxima much 

closer to the nucleus. 

Thus 3s is more strongly bound than 3p and that is more strongly bound than 3d. This 

effect is called penetration: because of the additional maxima the 3s electrons 

penetrate the 3p ones and come closer to the nucleus.

Thus: E2s < E2p and also for 3s, 3p, 3d.

The energy sequence for filling the orbitals with electrons when going from element 

to element in the order of increasing atomic number is from lower energy (more 

negative, more strongly bound) to higher energy:

1s,2s,2p,3s,3p,4s,3d,4p,5s,4d,5p,6s, etc:

[image: image35.wmf]
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History of the periodic table
ancient times (Greeks): 4 elements: fire, earth, water, air

around 1800: it was known that there are triads (groups of 3) of elements,

like F2, Cl2, Br2 having similar properties

Mendeleev (1827): First attempt of a periodic table of elements, based on the periodic 

re-occurance of properties: sort the elements according to increasing atomic number 

and put those with similar properties below each other.

On the basis of that principle he had 63 elements in 8 groups

He even could predict by extrapolation and interpolation within groups the existence 

and properties of then undiscovered elements, like eka-silicon (germanium)

Now: 18 groups and 103 (112, but >103 not so sure) elements, the grouping is based 

on quantum mechanics:

The Aufbau priciple
[image: image36.wmf]
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When going from one atomic number to the next, fill in 1 electron after the other, 

from lower to higher energy, but only 2 into each orbital (1 spin up, 1 spin down)

For sets of degenerate orbitals, like p, d, or f apply Hund's rule as told above:

Into a set of degenerate orbitals (same energy) first fill each orbital with one electron,

all unpaired, i.e. all spin up, and when each of the degenerate otbitals of the set has  

1 unpaired electron, then pair the next ones, to fill each orbital finally with 2 e.

Groundstate (lowest energy) electron configurations
1. period

H

1s1


1 unpaired electron

He

1s2


no unpaired electron
[He] core

2. period

Li

1s22s1 or [He]2s1

[He] = 1s2

1 unpaired electron

Be

1s22s2 or [He]2s2

  


no unpaired electron

B

1s22s22p1 or [He]2s22p1



1 unpaired electron

C

1s22s22p2 or [He]2s22p2



2 unpaired electrons

N

1s22s22p3 or [He]2s22p3



3 unpaired electrons

O

1s22s22p4 or [He]2s22p4



2 unpaired electrons

F

1s22s22p5 or [He]2s22p5



1 unpaired electrons

Ne

1s22s22p6 or [Ne] = [He]2s22p6


no unpaired electron

3. period

Na

1s22s22p63s1 or [Ne]3s1
Mg

1s22s22p63s2 or [Ne]3s2
Al

1s22s22p63s23p1 or [Ne]3s23p1
Si

1s22s22p63s23p2 or [Ne]3s23p2
P

1s22s22p63s23p3 or [Ne]3s23p3
S

1s22s22p63s23p4 or [Ne]3s23p4
Cl

1s22s22p63s23p5 or [Ne]3s23p5
Ar

1s22s22p63s23p6 or [Ar]

A noble gas configuration is called the core, e.g. [Ne] or [Ar] core

The electrons outside the core in an unfilled shell are called the valence electrons

4. period

K

1s22s22p63s23p64s1 or [Ar]4s1
Ca

1s22s22p63s23p64s2 or [Ar]4s2
Because 3d is lower in energy than 4p but higher than 4s, now comes the first row of 

transition metal where 3d is filled according to Hund's rule with 10 electrons.

Sc

1s22s22p63s23p64s23d1 or [Ar]4s23d1
and so on, until Cr which is an exception, because a half-filled d5 shell is very stable:

Cr

1s22s22p63s23p64s13d5 or [Ar]4s13d5
NOT

1s22s22p63s23p64s23d4 or [Ar]4s23d4 as you maybe think

also in the 5th period the same exception occurs:

Mo

[Kr]5s14d5
NOT

[Kr]5s24d4 as you maybe think

Now filling goes on as usual, having s2, so next is Mn: [Ar]4s23d5
and so on, until Cu which is also an exception, because a filled d10 shell is very 

stable:

Cu

1s22s22p63s23p64s13d10 or [Ar]4s13d10
NOT

1s22s22p63s23p64s23d9 or [Ar]4s23d9 as you maybe think

also in the 5th period the same exception occurs:

Ag

[Kr]5s14d10
NOT

[Kr]5s24d9 as you maybe think

Now filling goes on as usual, having s2, so next is Zn: [Ar]4s23d10
[image: image37.wmf]
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The figures in the book describe the filling clearly

Objectives: Periodic properties, such as ionization potential, IP, metallic character,

exothermic electron affinity, -EA, atomic and ionic radius, alkaline metal group (I)

Trends of periodic properties apply usually to main-group or representative elements

(s and p filling) only, not to transition metals, rare earths, or actinides

Ionization potentials or energies, IP
This are the positive energies associated with the reations (E for element) in the gas phase:

IP1 + E(g) ( E+(g) + e-


first ionization energy

IP2 + E+(g) ( E2+(g) + e-

second ionization energy

IP3 + E2+(g) ( E3+(g) + e-

third ionization energy

and so on until all electrons are ionized out

Li has 3 electrons and thus it has 3 IP-s

H has 1 electron and thus it has 1 IP

The IP values decrease when going down a group in the periodic table:

IP(Li) > IP(Na) > IP(K) > IP (Rb) > IP (Cs)

When the period number increases, the outmost electron gets more far away from the

nucleus, thus it is less strongly bound, thus easier (less energy) to remove

When going left to right in a period, the nuclear charge increases, but the

shielding by the core electrons is constant, while shielding by other valence electrons 

is much less important, thus also the effective nuclear charge increases, the additional 

electron is bound more strongly, the IP increases.

General trend:

[image: image38.wmf]
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effective nuclear charge: Zeff = Z - # of core electrons

second period: 2 core electrons (1s2):

C : Zeff = 6 - 2 = 4

O : Zeff = 8 - 2 = 6

the number of shielding electrons (core electrons) is constant in a period, but the 

nuclear charge increases from left to right.

Exceptions: 

IP(Be) > IP(B), because in B the electron that must be removed is a 

lonely 2p1 electron.

IP(N) > IP(O), because in O we have 2p4 and thus the repulsions between the two

paired electron in the same orbital offset partially the increase in nuclear charge

[image: image39.wmf]
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A large jump from IPm to IPm+1 indicates that a core electron is removed, which is 

much more strongly bound than the m valence electrons.

Example: Al: [Ne]3s23p1: the 3 valence electrons are much easier removed than the 

[Ne] core electrons:

Al(s2p1)(g) ( Al+(g) + e-


IP1 = 580 kJ/mol

Al+(s2)(g) ( Al2+(g) + e-


IP2 = 1815 kJ/mol  s electrons need more energy than p electrons to remove them

Al2+(s1)(g) ( Al3+(g) + e-


IP3 = 2740 kJ/mol

Al3+([Ne])(g) ( Al4+(g) + e-

IP4 = 11600 kJ/mol much more energy is needed to remove a core elctron

Such jumps in ionization energies can help to identify an element, or if the element 

is known to find out the charge of an ion.

When removing electrons to make ions:

Main groups: first remove the highest one in energy

Transition rows: from ns2(n-1)dx, first remove the s electrons

Arrange Al, Si, and In in the order of increasing IP-s.

The IP is the larger, the smaller the period number n, and the larger the group 

number G (I - VIII in the representative elements) is:

[image: image40.wmf]
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Metallic character
The more easily the outmost electron of an element can be removed (the more small

the IP is), the larger is the metallic character of the element (opposite trend to IP)

[image: image41.wmf]
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Electron affinity, EA
Electron affinity is associated with the reaction in the gas phase:

E(g) + e- ( E-(g)

If the reaction happens spontaneously, then EA is exothermic and thus negative

The trend here is not that clear as for IP-s, but is still there, especially for som 

groups like the halogens

Memorize the trend best for the exothermic EA, which is -EA because EA is usually 

negative:

[image: image42.wmf]
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C(g) + e- ( C-(g) happens spontaneously, because adding of an electron to a p2 

subshell to form the half-filled p3 subshell is exothermic

N(g) + e- ( N-(g) never happens spontaneously, because adding of an electron to a

half-filled p3 subshell, requires pairing of 2 electrons in 1 orbital which costs 

repulsions, not off-setted by any increase in nuclear charge, thus it is endothermic

O(g) + e- ( O-(g) happens spontaneously, because Z is larger than in N

O-(g) + e- ( O2-(g) never happens in gas phase, the isolated O2-(g) ion is unstable

However, in solid oxides the O2- ion is stabilized by the cations in the lattice (as we 

will see later in Chapter 8)

Atomic radius
From left to right in a period the shielding decreases and Zeff increases. Thus the

electrons become more strongly bound and thus the atoms get smaller from left to 

right

With increasing period number the electrons are in outer shells, n, which are larger 

than the inner ones.

The figure in the book shows the trend clearly.

Easier for memorization:

[image: image43.wmf]
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Order Be, B, and Mg in sequence of decreasing atomic radius.

When G is same, larger n is larger atom.

When n is same, smaller G is larger atom.

[image: image44.wmf]
27
The trends in atomic radius are opposite to the trends in IP.

Ionic radius: When you have ions with the same noble gas configuration, then the 

sequence of their radius is most easy to predict

When elements form ions, then they always try to get a noble gas configuration

For cations it is the noble gas above the elements:

Na+, Mg2+, Al3+ all have [Ne] configuration

cations lose electrons thus [Ne] cations are smaller than the [Ne] anions which gain 

electrons.

The larger the positive charge, the smaller the cation is.

For anions it is the noble gas after the elements:

F-, O2-, N3- all have [Ne] configuration

antions gain electrons thus [Ne] anions are larger than the [Ne] cations which lose 

electrons.

The larger the negative charge, the larger the anion is.

Thus: R(N3-) > R(O2-) > R(F-) > R(Ne) > R(Na+) > R(Mg2+) > R(Al3+)

Note: to set up such a sequence, all ions must have the same noble gas configuration.

R(Cs+) > R(Na+), because Cs has a much larger quantum number n than Na.

Examples in next lecture

Periodic table groups
Alkaline metals (I): Li, Na, K, Rb, Cs, Fr

Alkaline earth metals (II): Be, Mg, Ca, Sr, Ba, Ra

Earth metals (III): (B, metaloid), Al, Ca, In, Tl

Metaloids: B, Si, Ge, As, Sb, Te, Po

Halogens: F, Cl, Br, I, At

Noble gases: He, Ne, Ar, Kr, Xe, Ra

Chemical Properties of group I elements (reading assignment: 7.13)
Reactions with halogens (Redox)

2 Na + Cl2 ( 2 NaCl

Reaction tendency: Cs > Rb > K > Na > Li

The more easy the electron can be removed, the higher is the reaction tendency

Reaction with N2: 6 Li + N2 ( 2 Li3N nitrides

with S: 2 Na + S ( Na2S sulfides

with H2O: 2 K + 2 H2O ( 2KOH + H2
Reaction tendency in aqueous solution: Li > K > Na

Because the hydration energy of the very small Li+ is much larger than for the others

K reacts more violently with water than Na, and that more violently than Li.

Reason: decrease in melting point. For K and Na heat of reaction is enough to melt 

the metal and the melt reacts more violently.

Reaction with O2:

4 Li + O2 ( 2 Li2O
O2-: oxide

4 Na + O2 ( Na2O2
O22-: peroxide

K + O2 ( KO2
O2-: hyperoxide

Trend reverse than expected, because of solid state effects

Objectives: Examples

What are the electron configurations of P, In, Ag, Hf?

To find the noble gas core, go to the element asked for and take the noble gas just 

before it in the periodic table, that is the core.

If your element is H or He, 1. period: there is no core, H is 1s1, He is 1s2
If your element is in the 2. period, then the core is the noble gas right before it, 

[He] = 1s2
Our example, P, is in the 3. period, thus the noble gas before it is Ne, where 

[Ne] = 1s22s22p6, P is in main group V, and thus has [Ne]3s23p3 (number of valence 

s and p electrons = number of the main group) equal to 1s22s22p63s23p3 for P.

If an element is in the 4. period, then the noble gas right before it is Ar, where

the core is [Ar] = 1s22s22p63s23p6.

Note that in the period 4, the first two elements have no d electrons, then in the first 

transition metal row, 3d is filled and after in main groups III to VIII you must include 

3d10
The examples In and Ag are in the 5th period. Here the next lower noble gas is Kr, 

where the core is [Kr] = 1s22s22p63s23p64s23d104p6. the first 2 elements of period 5 

have 5s filling, then comes 4d filling in the second transition metal row, and 5p 

filling in main group III to VIII.

In is main group III, so it comes after 4d filling is complete, and thus it has the 

configuration [Kr]5s24d105p1 equal to 1s22s22p63s23p64s23d104p65s24d105p1.

Note that Ag is a transition metal, which has also the [Kr] core, and the count would 

give 5s24d9, however, it is an exception because of the stability of a completely filled 

4d subshell, and thus it has the configuration 

[Kr]5s14d10 = 1s22s22p63s23p64s23d104p65s14d10. Similar exceptions are at Cu and Au, 

and with the half-filled subshells s1 and d5 at Cr, Mo, and W.

Hf is in the 6th period, thus the next smaller noble gas is Xe with the core

[Xe] = 1s22s22p63s23p64s23d104p65s24d105p6. In the next two elements the 6s orbital is 

filled, then the 4f, leading to the 14 lanthanides or rare earth metals row elements. 

After that 5d filling goes on which has started at La just before the 4f filling begins. 

After Hg the groups III to VIII with 6p filling come.

Hf is the second element in the third transition metal row and thus 6s is filled, also 4f 

is filled with 14 electrons, and at Hf the second electron goes into 5d, the first one 

inserted at La.

Hf: [Xe]6s24f145d2 = 1s22s22p63s23p64s23d104p65s24d105p66s24f145d2
When you form ions, 

then in case of anions you add as many electrons as there are negative charges on the 

ion to the groundstate configuration of the element, using orbitals next higher in 

energy.

in case of cations you remove as many electrons as there are positive charges on the 

ion from the groundstate configuration of the element going from the highest to lower

energy orbitals.

For transition metals, ns2(n-1)dx: first remove the s electrons

In case of ns2(n-1)d10npy : remove first p and s electrons, before removing d electrons

ions and elements are called isoelectronic, when they have the same number of 

electrons.

With what element is Cl- isoelectronic?

In the periodic table Ne is the next smaller noble gas to Cl and it belongs to main 

group VII, thus Cl: [Ne]3s23p5 

and therefore Cl-: add 1 electron to the valence electrons which fills 3p:

Cl- [Ne]3s23p6 = [Ar].

Thus Cl- is isoelectronic with Ar, and also with S2-, K+, and Ca2+  which have 

all [Ar] configuration. Ga3+ has [Ar]3d10 and is not isoelectronic with Ar.

Identify the orbitals indicated by the following sets of quantum numbers and order 

them in sequence of increasing energy.

I (4,0,0,1/2)

II (2,1,-1,-1/2)

III (4,3,-2,1/2)



IV (3,2,2,-1/2)

Note: l=0 is s, l=1 is p, l=2 is d, l=3 is f, and l=4 is g.

(4,0,0,1/2) is principal quantum number n=4 and the angular momentum quantum 

number l=0 is possible, because it must be between 0 and (n-1), also the magnetic 

quantum number ml=0 is possible, because it must be between -l and l, and s=1/2 is 

ok, because it can be 1/2 or -1/2. n = 4 and l=0 means it is a 4s orbital.

(2,1,-1,-1/2): n=2, l=1 is between 0 and (n-1)=1, ml=-1 is between -1 and +1, and 

s=-1/2. n=2 and l=1 denote 2p.

(4,3,-2,1/2): n=4, l=3 is between 0 and (n-1)=3, ml=-2 is between -3 and +3, and 

s=1/2. n=4 and l=3 denote 4f.

(3,2,2,-1/2): n=3, l=2 is between 0 and (n-1)=2, ml=2 is between -2 and +2, and 

s=-1/2. n=3 and l=2 denote 3d.

We know E(4f) > E(3d) > E(4s) > E(2p) and thus with increasing energy:

E(II) < E(I) < E(IV) < E(III)

What is the number of unpaired electrons in C, N, O, and Cr?

C: [He]2s22p2 those in the core are all paired, also the 2 electrons in 2s, but Hund's 

rule tells that the 2 electrons in 2p are unpaired: 2 unpaired electrons

N: [He]2s22p3 those in the core are all paired, also the 2 electrons in 2s, but Hund's 

rule tells that the 3 electrons in 2p are unpaired: 3 unpaired electrons

O: [He]2s22p4 those in the core are all paired, also the 2 electrons in 2s, but Hund's 

rule tells that of the 4 electrons in 2p, 2 are paired and 2 are unpaired: 2 unpaired 

electrons

Cr: the core is [Ar] with all electrons paired. The simple electron count could suggest

[Ar]4s23d4 BUT because of stable half-filled subshells it is REALLY [Ar]4s13d5, thus 

1 unpaired electron in 4s and 5 unpaired electrons in the 5 3d orbitals (Hund's rule): 

6 unpaired electrons

What is the wavelength of a photon emitted by a hydrogen-atom when its electron 

drops from the n=8 to the n=3 state (Ry = 2.179 x 10-18 J)?



[image: image45.wmf]J

 

10

 

 

0.20806

-

 

=

 

 

)

 

8

1

 

-

 

3

1

 

(

 

J

 

10

 

 

2.179

-

 

=

E

 

-

 

E

 

=

 

E

 

-

 

E

 

=

 

E

18

-

2

2

18

-

8

3

i

f

·

·

D

_


18
The energy difference is negative, because the electron drops from the n=8 state 

which is higher in energy to the lower n=3 state and the atom loses energy when 

emitting a photon. 

DO NOT FORGET: if your atom or ion is not hydrogen, then Bohr’s

model holds ONLY for 1-electron ions and there is a factor Z2 in the equation.
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Since all numbers given are exact (Ry is a constant, 3 and 8 are integers), you must 

chose your significant figures according to the choices given.

Which of the following statements is/are correct or incorrect?

1. An s orbital is a sphere. incorrect: not the orbital is a sphere, but its shape (the 

boundary surface enclosing 90 % of the electron probability density).

2. Every orbital has the shape of a sphere. incorrect, only the s orbitals have the 

shape of a sphere.

3. An orbital can be represented by a boundary surface which encloses 90 % of its 

electron probability density. correct, this is the shape of an orbital.

4. The probability of finding an electron in a space element (in a given point) is the 

value of the wave function at this point. incorrect, the value of the square of the wave 

function multiplied by the volume of the space element, dV, is.

5. In a 1-electron atom, 3s and 3d have the same energy. correct, in 1-electron atoms 

the energy depends only on the principal quantum number n, not on l.

6. In a  many-electron atom, 3s and 3d have the same energy. incorrect, in many-

electron atoms the energy depends NOT only on the principal quantum number n, 

BUT ALSO on the angular quantum number l: E(3d) > E(3s).

For Na+, F-, Mg2+, and O2-, what is the order of increasing ionic radius?

All the ions are isoelectronic with Ne:

Mg:
[Ne]3s2


Mg2+: [Ne]

Na:
[Ne]3s1


Na+: [Ne]

F:
[He]2s22p5


F-: [Ne]

O:
[He]2s22p4


O2-: [Ne]

Since they are all isoelectronic with Ne, cations are smaller than anions. 

The smallest one is the doubly positively charged Mg2+, the next larger one is the 

singly positively charged Na+, the next larger one is the singly negatively charged F-, 

and the largest one is the doubly negatively charged O2-:

R(Mg2+) < R(Na+) < R(Ne) < R(F-) < R(O2-)

If some of the given ions have different n from the others, than those with the largest 

n have the largest ionic radius, just as in case of the atomic radius.

example: Cs+ is larger than all the other ions

Li+ is smaller than all the other ions. 

For Rb+, Br-, Sr2+, and Se2-, what is the order of increasing ionic radius?

All the ions are isoelectronic with Kr:

Sr:
[Kr]5s2



Sr2+: [Kr]

Rb:
[Kr]5s1



Rb+: [Kr]

Br:
[Ar]4s23d104p5


Br-: [Kr]

Se:
[Ar]4s23d104p4


Se2-: [Kr]

Since they are all isoelectronic with Kr, cations are smaller than anions. 

The smallest one is the doubly positively charged Sr2+, the next larger one is the 

singly positively charged Rb+, the next larger one is the singly negatively charged Br-, 

and the largest one is the doubly negatively charged Se2-:

R(Sr2+) < R(Rb+) < R(Kr) < R(Br-) < R(Se2-)

If some of the given ions have different n from the others, than those with the largest 

n have the largest ionic radius, just as in case of the atomic radius.

example: Cs+ is larger than all the other ions

K+ is smaller than all the other ions. 

Which atom, S, Si, Rb, Te, or Se has the largest first ionization potential or energy?

I increase with decreasing n and increasing main group number G

Largest I1 at that atom with smallest n and largest G.

S:
G = VI,
n = 3

Si:
G = IV,
n = 3

Rb:
G = I,
            n = 5

Te:
G = VI,
n = 5

Se:
G = VI,
n = 4

Smallest n and largest G at S, which has the largest I1
Which of the following orbital symbols are incorrect (impossible)?

1s n=1, l=0: correct

1p n=1, l=1 > (n-1)=0: incorrect

7d n=7, l=2 < (n-1)=6: correct

9s n=9, l=0: correct

3f n=3, l=3 > (n-1)=2: incorrect

4f n=4, l=3 = (n-1)=3: correct

2d n=2, l=2 >(n-1)=1: incorrect

all integer values of n between or equal 1 and infinity are possible

all integer values of l between or equal 0 and n-1 are possible

all integer values of ml between or equal -l and l are possible

s = 1/2 or s = -1/2 are possible

Which of the following sets of quantum numbers, (n,l,ml,s) are possible?

(2,1,-1,1/2): l = (n-1), ml = -l, ok

(1,1,0,-1/2): l > (n-1)=0 not ok

(8,7,-6,1/2): l = (n-1), ml = -l+1, ok

(1,0,2,1/2): l = (n-1), ml > l, not ok

(8,7,-6,0): l = (n-1), ml = -l+1, s = 0, not ok

(8,7,-6,3): l = (n-1), ml = -l+1, s = 3, not ok

(3,2,2,1/2): l = (n-1), ml = l, ok

(4,3,4,1/2): l = (n-1), ml = l + 1, not ok

(0,0,0,1/2): n = 0, not ok

(2,-1,1,1/2): l < 0, not ok

Handout for Chapter 7 (old exam question):

In an experiment on the photoelectric effect, it was found that light of a threshhold frequency 

νo = 5.3 x 1015 Hz is needed to set an electron free from the surface of a metal. When light of 

frequency ν  = 6.7 x 1015 Hz is used in the experiment, to what speed is the free electron 

accelerated?PRIVATE 

The energy difference that can be used to accelerate the electron (the part hνo of the light energy 

must be used to cut the electron free from the metal surface) is

ΔE = h(ν- νo) = 6.62608 x 10-34 Js (6.7 - 5.3) x 1015 s-1 

= 9.2765 x 10-19 J

This energy difference must be equal to the kinetic energy of the accelerated electron:

Ekin = 1/2 meve2 = ΔE

Thus the final speed is

ve = [ΔE/(0.5 me)]1/2 = [9.2765 x 10-19 J/(0.5 x 9.109239 x 10-31 kg)]1/2
    = 143 m/s 
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