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PhyChem – Electronic structure

Emission Spectra

Production of hydrogen spectrum:
1. H2(g) receives a high energy spark

2. H2 molecule absorb energy ( Some H–H bonds are broken ( H atoms are excited

3. Excited H atoms release their excess energy by emitting light of various wavelengths

 

( Called the “Atomic emission spectrum” or “Emission line spectrum of the H atom”




( Composite of discrete wavelength, not continuous




( Produce only a few discrete lines on the photographic paper

Characteristic features of hydrogen emission line spectrum:
· Consist of several groups / series of discrete lines in different parts of the electromagnetic spectrum.

( Freq. from high to low: Lyman, Balmer, Paschen, Brackett, Pfund

( Brackett series overlaps Pfund series and Paschen series
· Each group / series, the line get closer together
( The series of lines converge towards the high frequency end of the spectrum, and eventually merge into a continuum
· The spectrum (wavelengths / frequencies of lines) are unique to the element

· General mathematical formula for the frequencies/wavelengths of the lines in each series:
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where:
= wavelength,

= frequency, 
c = speed of light,

R = Rydberg constant



n1= series (Ly=1, Ba=2, Pa=3, etc.),
n2= Line (First=1, Second=2, Third=3, etc.)
Interpretation of hydrogen spectrum:
· Quantum theory says that: Energy are stored / transmitted in a definite amount known as quanta, but not in arbitrary quantities.

( Energy are quantized

· Plank’s equation: The quantum of energy ( Frequency of radiation
( E = h


where h = Planck’s constant = 6.626(10–34 Js
· H atom receive energy due to collision during electric discharge


( Electron excited to a state of higher energy



( Hydrogen atom is in excited state

· The excited atom will emit its excess energy and return to the ground state

( Electron drops to states of lower energies, thou’ a single transition or a series of transition


( Energies emitted are in form of photons ( Line spectrum

· Changes in the energy of electron between discrete energy levels will produce certain  of light

( Discrete lines in the spectrum

· Excited electrons fall back from various possible high energy levels to the same lower energy levels ( A series of spectrum

( Electrons fall from any energy level to n = 1 ( Lyman series, to n=2 ( Balmer series, etc.

· Electronic energy levels in an atom converge, and finally come together at n = ( level

( En(n–1 tends to 0 as n tends to (

( E2(1 
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( Line spectrums come together at a convergence limit at high frequencies

· Since different element have different electronic configuration, it will give different spectrum

( Uniqueness of atomic emission spectrum

Ionization energy

Ionization energy: Energy applied to excite an electron from its ground state to the n = ( level



( Energy required to remove an electron of an atom from its ground state

First Ionization energy: Energy required to remove an electron from a neutral gaseous atom




( M(g) ( M+(g) + e–

H1 = 1st I.E.



( M+(g) ( M2+(g) + e–
H2 = 2nd I.E.,

M2+(g) ( M3+(g) + e–
H3 = 3rd I.E., etc.
Evidence of Quantum Shells:
· Successive ionization requires a larger amount of energy than the preceding one
( Removing electron results in the ion carries more positive charge
 
( Stronger electrostatic binding

( Outer electrons are removed, later on the electrons are closer to the nucleus

( General increase in successive I.E.
· Small increase in successive I.E.: Reflects The electrons are in the same quantum shell

( Increase due to more positively-charged ion
· Sharp increase in successive I.E.: Reflects The electrons involved are in different quantum shell
( Increase due to more positively charged ion and electrons much closer to the nucleus

Evidence of Sub-shells:
· Noble gas at the peak
· Group I elements at the minima of each period

· Across the period, first I.E. increase gradually with some peaks
· I.E. in 1st Period  2nd Period  3rd Period, etc.

· Sharp decrease when principal quantum number increases (from noble gas to Group I elements)

· Across the period, a group of 8 elements are made up of sub-groups of 2, 3, and 3 elements
Atomic Orbitals

Sub-shells and Orbitals:

Quantum Shell
Sub-shell
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· According to French Physicist Louis de Broglie, electron possesses characteristics of both a particle and a wave.

( Broglie’s equation: m c =
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( The momentum of a particle in motion is inversely proportional to the wavelength

· Uncertainty principle: The position and momentum of an electron cannot both be known with absolute certainty simultaneously.

Orbit: The path of an electron around a nucleus.
Orbitals: A region or volume of space within which there is a high probability
 of finding an electron.



( An orbital has a fixed energy level

S-Orbitals: Spherical shapes, the lowest energy orbitals in a principal shell

P-Orbitals: Dumb-bell shapes, consists of Px, Py, and Pz orbitals

Quantum numbers

Principal quantum number (n)

( Identifies the shell / level to which the electron belongs


( K-shell ( n=1,
L-shell ( n=2,
M-shell ( n=3,
etc.


( The higher the values of n, the higher the energy level of the shell


( Number of electrons in a principal shell = 2n2
Subsidiary quantum number (l)

( Assigned to the subshell in which an electron is found.

 
( l = 0, 1, 2, …, (n–1)

where n is the principal quantum number


 
( Each orbital can accommodate only 2 electrons
 
( Number of orbitals in subshell = 2l+1
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( Relative energy level of subshells:

 
( 4s has a lower energy then 3d.

Electronic configurations:

Representation:


(1) Notation:
Fe: 1s2 2s2 2p6 3s2 3p6 3d6 4s2

 
(2) Electrons-in-boxes diagram:

N:
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Rules in building up electronic structures:

Aufbau (Building-up) principle: Electrons enter orbitals in order of ascending energy


( Enter the lowest energy orbital first before the higher ones are to be occupied

Pauli’s exclusion principle:

(1) No orbital can accommodate more than two electrons

(2) If two electrons occupy the same orbital, they must have opposite spins

Hund’s rule:
When orbitals of the same energy, i.e. the p, d, f sub-shell, are to be filled, they will be occupied singly with electrons first, before any pairing.  Moreover, all of the unpaired electrons would have parallel spins.
Electronic structures of some elements:

( Carbon: 1s2 2s2 2px1 2py1

or

1s2 2s2 2p2

( The p-subshell consists of px, py and pz orbitals along the x-, y- and z-axis in a 3D model.

( Neon: 1s2 2s2 2p6;

Sodium: 1s2 2s2 2p2 3s1
or [Ne] 3s1

( 1s2 2s2 2p6 is abbreviated as [Ne], so as Potassium: [Ar] 4s1


( [He], [Ne], etc. are used to represent a full-filled octet electronic structure

( Argon: 1s2 2s2 2p6 3s2 3p6;

Potassium: 1s2 2s2 2p6 3s2 3p6 4s1

( 4s subshell having a lower energy level then the 3d subshell.

( Vanadium: [Ar] 3d3 4s2;


Sodium: [Ar] 3d5 4s1

( “[Ar] 4s2 3d4” is at a higher energy level then “[Ar] 4s1 3d5”


( Exactly half full subshells exhibit increased stability.

( Nickel: [Ar] 3d8 4s2;


Copper: [Ar] 3d10 4s1

( “[Ar] 4s2 3d9” is at a higher energy level then “[Ar] 4s1 3d10”


( Full subshells exhibit an enhanced stability.

Periodic Table

Periodic table:



( A tabular arrangement of elements in a way that groups similar elements together.


( Groups: Elements with similar outer electronic structures



( Periods: Elements with outer electronic structure [ ]ns1 to [ ]ns2np6


( Shows different blocks: s-, p-, d-, f-block.




( s-block: elements with a electronic structure [ ](n–1)p6ns1 or [ ](n–1}p6ns2





( Group IA & IIA elements



( d-block: elements with a electronic structure [ ]nsx(n–1)d1 to [ ]nsx(n–1)d10





( Group IB to VIIB and Group VIII elements



( p-block: elements with a electronic structure [ ]ns2np1 to [ ]ns2np6





( Group IIIA to VIIA and Group 0 elements





( Noble gas, i.e. Group 0 elements are elements with [ ]ns2np6



( f-block: elements with a electronic structure [ ]ns2(n–1)d1(n–2)f1 to [ ]ns2(n–1)d1(n–2)f14





( Lanthanide
 series (58Ce ~ 71Lu) & Actinide
 series (90Th ~ 103Lr)

Atomic radius:
· Atomic radius: Distances between atoms joined by single covalent or metallic bond.
· Effective Nuclear Charge experienced by an e–
Attraction experienced by an e–
=
Attraction due to total nuclear charge (protons)
–
Repulsion by other electrons
(shielding effect)

( The nuclear charge experienced by that electron which is modified by the shielding effect of other electron is called effective nuclear charge
· Shielding effect
: Electron blocks the attraction from the nucleus to other electron by giving a repulsion or shelter
( Electrons shield each other weakly in same shell.

( Outer shell electrons are shielded strongly by inner shell electrons

· Electrons experience a higher ENC ( Experience a stronger attraction
( The nucleus draw electrons closer ( The atom become smaller size
· Across the period, each successive element:
 

( Have one more proton & electron




( Electron is added on the same principal shell ( Weak shielding effect




( Proton gives a stronger attraction




( Attraction by proton  Shielding effect ( E.N.C. ( ( Decrease in atomic size

Interpretation of Ionization Energy with Effective Nuclear Charge:
· Ionization energy: The energy absorbed when the least tightly bound electron is removed from a gaseous atom or ion to form positive gaseous ion



( Energy is absorbed ( work done in overcoming the attractive force from nucleus

· Factor affecting I.E.:
1. Atomic radius


2. Effective nuclear charge on the electron to be removed


3. Electronic configuration

· If a electron is removed from an extra stable state, energy required is higher.

( Extra stable state: Full filled orbitals s2, p6, d10 or Half filled orbitals p3, d5




( Extra stable state is caused by uniform distribution of electronic charge around an atom

· If a extra stable state is attained after an electron is removed, the energy required is lower

· First I.E. has a general inc. across the period


( E.N.C. inc. & atomic radius dec.

· Helium has the highest first ionization energy among all the elements.



( Shortest atomic radius & only 2 e– in 1s shell thus no shielding effect and greatest E.N.C.

· There is small drops across the period, e.g. Be(B, N(O, Mg(Al and P(S


( Caused by extra-stability of full/half-filled subshells

· First I.E. of the p-block elements are lower than the extrapolation of the s-block elements


( p electrons are less penetrating than s electrons ( more shielded and more easily removed

· Large drop in first I.E. from noble gas to next Group IA elements.


( Additional s-electron in outer shell is screened by full orbitals and is further from nucleus

· Down the group, first I.E. generally decreases.



( Down the group, the outermost e– is shielded by an extra shell of electrons



( Down the group, atomic size increases

· There is an inverse relationship between atomic radius/size and ionization energy
· Second I.E. of an element is always higher than the first
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� Probability of finding a particular electron in an orbital: 95%


� Lanthanide series = Elements with 4f electrons


� Actinide series = Elements with 5f electrons


� Shielding effect = Screening effect
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