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Topic 7 – Electronic Structure Of Atoms
ELECTRONIC STRUCTURE OF ATOMS

A. Three rules determine electron configurations.


1. Aufbau Principle



a. Definition

As protons are added one by one to the nucleus to build up the elements, electrons are similarly added to the atomic orbitals of lowest energy first 

in a specific order.




b. The order of filling atomic orbitals of lowest energy first 

    has been determined experimentally and the pattern ( 

    with a few exceptions ( can be obtained two ways: 





(1) From the periodic table






More on this later





(2) From the following mnemonic diagram ( the 

                 Aufbau diagram
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2. Pauli Exclusion Principle




a. Definition

No two electrons in an atom can have the same four quantum numbers (n, l , ml , and ms).




b. Consequences





(1) Each orbital (specific ml ) can hold no more than 

     two electrons.





(2) Two electrons can occupy the same orbital only 

      if they have opposite spins (different ms).



3. Hund’s Rule




a. Definition

The most stable arrangement of electrons in subshells is the one with the greatest number of parallel spins.




b. Consequences

(1) When electrons occupy orbitals of equal energy, 

      one electron enters each orbital until all orbitals 

      contain one electron with their spins parallel.

(2) Only at that point do they begin to pair up.




c. Confirmation

Hund’s Rule is confirmed by the magnetic properties of atoms.


More on this later


B. Representing electron configurations using orbital notation



1. Definition of orbital notation for electrons

Orbital notation uses a diagram that represents each orbital by a line (or box) and each electron by an arrow showing 

how the orbitals of a subshell are occupied by electrons.



2. Representation




a. Each orbital is a line (or box).




b. Electrons are single headed arrows.





(1) ms = + ½ is an up arrow.





(2) ms = ( ½ is a down arrow.




c. Examples of correct and incorrect orbital diagrams

Which of the following orbital diagrams are possible:





[   ]   [((]   [ ( ][ ( ][ ( ]





 1s      2s              2p


NOT possible:  

Electrons have not been added to the atomic orbitals of lowest energy first – violates the Aufbau Principle.





[((]   [(((]   [   ][   ][   ]





   1s        2s            2p


NOT possible:  

There are three electrons in one orbital – violates Pauli exclusion rule.






[((]   [((]







  1s      2s    

NOT possible:  

There are two electrons in the same orbital with the same spin – violates Pauli exclusion rule.





[((]   [((]   [( ][((][   ]





         1s       2s             2p

NOT possible:  

There are two electrons in one orbital with none in the third and the spin of the three electrons is not parallel – violates Hund’s rule.






[((]   [((]    






  1s       2s  







OKAY



3. The number of electrons to be represented can be determined 

    from the atomic number and the charge (if there is one).




a. Two rules



(1) For atoms the number of electrons equals the 

     atomic number.




      #e( = atomic number

(2) For ions the number of electrons equals the 

     atomic number minus the charge.






      #e( = atomic number ( (charge)

b. Examples

(1) Atoms

How many electrons would be represented in the electron configuration for these atoms:






 B

The atomic number of boron is 5 so there would be 5 electrons.






S






The atomic number of sulfur is 16 so 

there would be 16 electrons.

(2) Ions

How many electrons would be represented in the electron configuration for these ions:

Li+

      
      #e( = atomic number ( (charge)






      #e( = 3 ( (+1) = 2






F( 
  
      #e( = atomic number ( (charge)






      #e( = 9 ( ((1) = 10



4. Examples of representing electron configurations using orbital

    notation




Draw the orbital notation for lithium atom by filling in the 

following boxes:




[   ]   [   ]   [   ] [   ] [   ]





  1s     2s           2p




[((]   [( ]   [   ] [   ] [   ]





  1s       2s          2p




Draw the orbital notation for lithium ion by filling in the

following boxes:




[   ]   [   ]   [   ] [   ] [   ]





  1s     2s           2p




[((]   [   ]   [   ] [   ] [   ]





  1s       2s           2p




Draw the orbital notation for oxygen atom




[((]   [((]   [((][ (  ][ (   ]





  1s       2s               2p




Draw the orbital notation for oxide ion




[((]   [((]   [((][(( ][ (( ]





  1s       2s               2p

C. Representing electron configurations using electron configuration

     notation



1. Definition of electron configuration notation

The specific arrangement of electrons among the available sublevels



2. Representation

a. The number of the principal energy level (the value of 

    “n”) is the coefficient.




b. The sublevel  “l  ” is specified by a letter.

c. The number of electrons is the superscript.




d. Configurations are given in order of increasing n, and 

    within each n, in order of increasing l .

“1” comes before “2” which comes before “3” and so on.

“s” comes before “p” which comes before “d” and so on.




e. Bear in mind the maximum capacity of each sublevel:





The “s” sublevel can hold a maximum of two

electrons.

The “p” sublevel can hold a maximum of six electrons.

The “d” sublevel can hold a maximum of ten electrons.

The “f” sublevel can hold a maximum of fourteen electrons.

f. Examples of correct and incorrect electron configurations

Which of the following electron configurations 

are correct:

1s3

NOT correct:

There are three electrons in the “s” sublevel and the “s” sublevel can hold a maximum of two electrons.

1s2 2s2 2p7
NOT correct:

There are seven electrons in the “p” sublevel.  The “p” sublevel can hold a maximum of six electrons.

1s2 2s2 3s2 2p6 
NOT correct:

This configuration is not given in order of increasing principal energy level.

1s2 2s2 2p6 3s2 3p1 
OKAY  

3. The number of electrons to be represented can be determined 

    from the atomic number and the charge (if there is one), as it 

    was for orbital notation.
 

a. For atoms the number of electrons equals the atomic 

    number.

#e( = atomic number

b. For ions the number of electrons equals the atomic 

    number minus the charge.

#e( = atomic number ( (charge)



4. Examples of representing electron configurations using electron 

                configuration notation




Remember:

Electron configurations are based on the order given by the Aufbau principle, and that order is obtained either from the periodic table or from the Aufbau diagram.

Give the electron configuration for chlorine atom

#e( = atomic number = 17


1s2   2s2   2p6   3s2   3p5

Give the electron configuration for chlorine ion

#e( = atomic number ( (charge)

       = 17 ( (( 1)


= 18





1s2   2s2   2p6   3s2   3p6
5.  Determining an element’s identity from its electron 

    configuration.


a. Procedure



(1) Total all of the electrons in the electron 

                              configuration.

(2) This will be the same as the element’s atomic 

      number.

(3) Use the atomic number and the periodic table 

     to identify the element.

b. Example





Identify the following element from its electron

configuration:

1s2  2s2  2p6  3s2  3p2
2 + 2 + 6 + 2 + 2 = 14

Element 14 is silicon.


D. Hund’s Rule is confirmed by the magnetic properties of atoms

1. Ferromagnetism


a. Permanent magnetism


b. Fe and a few metals


c. Due to having electrons with unpaired spin



(1) Paired electrons




(a) Have opposite spins and opposite 

                  directions of spin magnetism




(b) Cancel each other out.

(2) Unpaired electrons do NOT cancel each 

      other out.

2. Paramagnetism




a. Temporary magnetism




b. Generally a substance with unpaired electrons




c. The greater the number of unpaired electrons in an atom, 

                the stronger the force of attraction.

3. Diamagnetism



a. No attraction to, or a slight repulsion by, a magnetic field



b. Generally a substance with paired electrons



4. Predicting paramagnetism or diamagnetism




Predict whether each of the following would be expected to 

be paramagnetic or diamagnetic as individual atoms:

a. Na vapor 

[so you have only single atoms]


11 e( an odd # of e(, therefore paramagnetic 

1s2  2s2  2p6  3s1

1 electron, the 3s1, is unpaired, therefore it will be paramagnetic.

b. Kr  


36 e( an even # of e(, so you do not know from that 

information alone



1s2  2s2  2p6  3s2  3p6  3d10  4s2  4p6



No unpaired electrons, therefore it will be

diamagnetic.

c. Ge vapor 

[so you have only single atoms]

 
32 e( an even # of e(, so you do not know from that 

information alone


1s2  2s2  2p6  3s2  3p6  3d10  4s2  4p2

There are two electrons in the 4p subshell, one in each of two orbitals, therefore it is paramagnetic.


E. Exceptions to the Aufbau Principle

1. The Aufbau diagram gives correct electron configurations for 

    the vast majority of (but NOT all) elements.



2. Exceptions can occur in the transition metals because the 

                           (n ( 1) d and the n s subshells are very close in energy:

a. Diagram
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b. A filled subshell is more stable than any other 

    configuration.




c. A half-filled subshell is more stable than partially filled 

    subshells.




d. The (n ( 1) d subshell can “steal” one electron from the

    n s subshell to form a half-filled or a filled subshell.

e. Instances

3d can steal one electron from 4s

4d can steal one electron from 5s


etc.




f. Exceptions occur in Group VI B and in Group I B for 

   the transition metals.






(1) In Group VI B because it has four electrons in 

      the d sublevel and is more stable with five.





(2) In Group I B because it has nine electrons in the 

                 d sublevel and is more stable with ten.


The student WILL be expected to be able to do the exceptions for the TRANSITION metals.




g. Examples

What is the actual electron configuration for:





(1) Cr

(a) From diagram







1s2  2s2  2p6  3s2  3p6  3d4  4s2






(b) Actual







1s2  2s2  2p6  3s2  3p6  3d5  4s1




(2) Cu






(a) From diagram







1s2  2s2  2p6  3s2  3p6  3d9  4s2






(b) Actual







1s2  2s2  2p6  3s2  3p6  3d10  4s1



3. Exceptions can also occur in the inner transition metals because 

    the (n ( 1) p and the n d subshells are close in energy.

The student will NOT be expected to be able to do the exceptions for the INNER transition metals.

F. Electron configuration and the periodic table



1. Information on the electron configuration can be determined 

    from the group and the period to which the element belongs.

a. From the period 

The number of the period of the element will be the same as the number of the outermost energy level.

The number of the period = n


b. From the group

(1) For elements in the left tower (the representative 

    elements in Groups I A and II A)

(a) The outermost “s” sublevel is filled or 

     is filling.

(b) The electron configuration will be:



1s2 … n s?
(2) For elements in the right tower (the 

      representative elements in Groups III A 

      through VII A) 

(a) The outermost “p” subshell is filling.

(b) The electron configuration will be:



1s2 … n s2  n p?
(3) For noble gases (the elements in Group VIII A)

(a) The outermost “s” and “p” subshells are 

      completely filled.

(b) The electron configuration will be:

1s2 … n s2  n p6
(4) For elements in the wall (the transition metals in

     Groups III B through II B)

(a) The (n ( 1) d sublevel is filled or is 

      filling.

(b) The electron configuration will be:

1s2 … (n ( 1) d?  n s2       

unless it is one of the exceptions.

(5) For elements in the moat (the inner transition 

     metals)

(a) The (n ( 2) f sublevel is filled or is

      filling.

(b) The electron configuration will be:




1s2 … (n ( 2) f ? (n ( 1) s2 (n ( 1) p6  (n ( 1) d10  n s2

unless it is one of the exceptions 

G. Writing electron configurations using the periodic table


1. Writing electrons configurations using standard notation.



a. Procedure





(1) Locate the element on the periodic table.





(2) List the completely filled subshells.

(3) Count and report the number of electrons in the

      last subshell – the one that is filled or filling.

b. Examples



Oxygen




1s2…then 2s2 …then 2p4




becomes 

1s2 2s2 2p4

Nickel

1s2 …then 2s2 …then 2p6 …then 3s2 …then 3p6 … then 4s2 …then 3d8
Put them in order of increasing principal energy level.

1s2 2s2 2p6 3s2 3p6 3d8 4s2
2. Writing electrons configurations using noble gas core notation




a. Procedure

(1) Locate the element on the periodic table.





(2) Locate the noble gas that comes just before it.

(3) Write the symbol for that noble gas n brackets.

(4) Count and report the electrons in the subshells 

     between the noble gas and the element, including

     the element itself.




b. Examples


Phosphorus



[Ne] …then 3s2…then 3p3

[Ne] 3s2 3p3


Chromium



[Ar] …then 4s2…then 3d4

Put them in order of increasing principal energy level.

[Ar] 3d4 4s2 

The d4 alerts you that this is one 

of the exceptions.

[Ar] 3d5 4s1


H. Valence electrons and the periodic table



1. Valence electrons




a. Definition





The electrons in the highest occupied energy level 

(the largest value of “n” ) of an element’s atoms.

b. Description

Valence electrons are the “s” and “p” electrons in the highest principal energy level (“n”) – the largest coefficient in the set of values

The maximum number of valence electrons is eight.

The maximum number of electrons in an orbital is two and there are one “s” orbital and three “p” orbitals for a given principal quantum number.

c. Importance 

(1) Valence electrons are the electrons involved in 

      chemical bonding.

(2) Valence electrons determine the chemistry of 

      the atom.

2. Determining the number of valence electrons from the electron 

    configuration




a. Procedure





(1) Do the electron configuration.

Do NOT forget to put the values in order of increasing “n” – the coefficient.

(2) The valence electrons will be the  “s” and “p” 

      values with the highest coefficient.

b. Examples

(1) From its electron configuration determine the  

      number of valence electrons in bromine.

From Aufbau:

1s2  2s2  2p6  3s2  3p6  4s2 3d10  4p5

In order of increasing “n”:

1s2  2s2  2p6  3s2  3p6  3d10  4s2  4p5

The “s” and “p” values with the highest coefficient are:

       1s2  2s2  2p6  3s2  3p6  3d10  4s2  4p5
Therefore bromine has seven valence electrons: 

the 4s2 and the 4p5
(2) From its electron configuration determine the 

      number of valence electrons in iron.

From Aufbau:

1s2  2s2  2p6  3s2  3p6  4s2 3d6

In order of increasing “n”:

1s2  2s2  2p6  3s2  3p6  3d6  4s2 

The “s” and “p” values with the highest coefficient are:

1s2  2s2  2p6  3s2  3p6  3d6  4s2
Therefore iron has two valence electrons: 

the 4s2
PERIODIC PROPERTIES



(Reminder: According to the periodic law, when the elements are

arranged in order to increasing atomic number, the physical and 

chemical properties repeat on a periodic basis.)


A. Atomic radius



1. Description

Since atoms have no definite boundaries we measure the distance between nuclei in compounds and use that to determine the atomic radius.




Cl(((((Cl




  |(  198  pm(|




atomic radius for Cl is 99 pm



2. Group trend ( atomic radius increases from top to bottom 

                down a group.




a. As you move from one period to another down a group, 

    the n value of the outermost electrons increases.




b. As n increases so does the distance from the nucleus.




c. As the distance of the outermost electrons from the 



    nucleus increases so does the size.



3. Period trend ( atomic radius decreases from left to right across 

   a period for the representative elements, and GENERALLY 

   decreases for the transition metals.




a. As you move from one group to another across a period, 

    an additional electron is added to the electron cloud, but 

    an additional proton is added to the nucleus.




b. As you move left to right the number of protons 

    increases, and the effective nuclear charge increases.




c. The effective nuclear charge is the positive charge that 

    an electron experiences from the nucleus, and is equal 

    to the nuclear charge reduced by any shielding of any 

    intervening electrons (usually the inner electrons).




d. The increasing effective nuclear charge pulls the 

    electrons inward, reducing the size of the atom.



4. Examples



     
Put the following in order of increasing atomic radius:




a. K, Rb, Li, and Cs





Atomic radius increases down a group, therefore:






Li ( K ( Rb ( Cs




b. O, B, N, and C





Atomic radius decreases across a period from left to 

right,  so it increases from right to left, therefore:






O ( N ( C ( B


B. Ionization energy ( forming positive ions



1. Definitions




a. First ionization energy

The amount of energy needed to remove the highest energy (outermost) electron from a neutral atom in the gaseous state




b. Second ionization energy

The amount of energy needed to remove the highest energy electron of those remaining from a singly charged cation in the gaseous state




c. Subsequent ionization energies

The amount of energy needed to remove the highest energy electron of those remaining from the cation in the gaseous state



2. Group trend ( the first ionization energy decreases as you move 

    from top to bottom down a group.




a. As you move from one period to another down a group, 



    the size of the atoms increases.




b. As the size of the atoms increases, the outermost electron 

                is farther from the nucleus.




c. Because the outermost electron is farther from the 



    nucleus it is less strongly attracted to the nucleus and 

                                        is easier to remove.



3. Period trend ( the first ionization energy GENERALLY 

    increases from left to right across a period.    




a. As you move left to right the effective nuclear charge 



    increases.




b. The increasing effective nuclear charge pulls more 


                 strongly on the electrons.




c. This means that the outermost electron is more tightly

    held and is more difficult to remove.




d. The exceptions are explained by 





(1) The Aufbau principle

There is a decrease between Group II A and Group III A elements because the outermost electron is in a “p” orbital which is a little easier to remove than an electron from an “s” orbital.





(2) Hund’s rule






(a) There is a decrease between Group V A 

                              and Group VI A elements.






(b) In Group V A, the outermost electrons, 

      the three “p” electrons are all unpaired, 

      while in the Group VI A elements the 

      four “p” electrons force two electrons 

      into the same orbital.






(c) The proximity of the two electrons, and 

      their mutual repulsion, makes it easier 

      to remove one of them.



4. Examples



    
Put the following in order of increasing first ionization

energy:




a. K, Rb, Li, and Cs

The first ionization energy decreases as you move down a group, therefore:






Cs ( Rb ( K ( Li




b. F, B, N, and C

The first ionization energy GENERALLY increases as you move across a period from left to right (II A to III A, and V A to VI A are the exceptions, which does not apply here), therefore:






B ( C ( N ( F




c. Be and B

There is a decrease between Group II A and 
Group III A elements, therefore:






B ( Be




d. N and O

There is a decrease between Group VA and 
Group VI A elements, therefore:






O ( N



5. Second and subsequent ionization energies can be explained by 

    principal quantum levels.

a. Ionization energies for valence electrons are lower than 

    for inner electrons.

b. The decrease in second ionization energies between   

    Groups I A and II A is due to the second electron coming

    from an inner shell in the Group I A elements but from   

    the outer shell in the Group II A elements.


C. Electron affinity ( forming negative ions



1. Definition

Electron affinity is the energy change that occurs when an electron is accepted by an atom in the gaseous state.



2. Description




a. A positive sign 





(1) Means that energy is absorbed





(2) Means that the anion formed is less stable than 

      the atom.





(3) The more positive the electron affinity, the 

      larger the amount of work that must be done 

      to force the electron into the atom.




b. A negative sign





(1) Means that energy is released





(2) Means that the anion formed is more stable than 

     the atom.





(3) The more negative the electron affinity, the 

      greater the attraction between the atom and

      the added electron



3. Group trend ( GENERALLY a slight decrease from top to 

    bottom down a group.




a. Generally electron affinity decreases but does not change 

    very much within a group.




b. As you move from one period to another down a group a 

    lower electron-nucleus attraction (which would make the 

    electron affinity more negative) is almost 

    counterbalanced with a lower electron-electron repulsion 

    (which would make the electron affinity more positive).



4. Period trend ( GENERALLY electron affinity becomes more 

                negative as you move from left to right across a period.


D. Ionic size



1. The relationship between the size of atoms and their ions




a. Cations are always smaller than the atoms from which 

   they are formed.





(1) Cations lose electrons






(a) Cations can form by losing all of their 

     outermost (highest “n” value) electrons.

[1] As a result, the electrons that are 

      now outermost have a lower “n” 

      value.







[2] A lower “n” value means the new 

      outermost electrons are closer to 

      the nucleus. 







[3] This reduces the size of the 

       resulting cation.






(b) Cations can form with some of the 

      outermost electrons still remaining.







[1] The resulting ion has fewer







      electrons than the original 







      atom resulting in lower







      electron-electron 

      repulsion.







[2] In effect, the protons in the 







      nucleus have to spread their 

      control over fewer electrons  

      so that their attracting force 

      increases.




b. Anions are always larger than the atoms from which they

     are formed.





(1) The resulting ion has more electrons than the 




      original atom resulting in greater electron-

      electron repulsion.





(2) In effect, the protons in the nucleus have to 

      spread their control over more electrons so that 

      their attracting force decreases.



2. Group trends ( ionic radius increases from top to bottom down 

    a group.




a. This is true both for groups that form cations and for 

    groups that form anions.




b. As you move from one period to another down a group, 

    the “n” value of the outermost electrons increases and

                                        therefore the distance to the outermost electrons also 

    increases.



3. Period trends ( with one major EXCEPTION TO THE 

    PATTERN, ionic radius decreases from left to right across 

    a period.




a. As you move from one group to another across a period 

    the effective nuclear charge increases.




b. The increasing effective nuclear charge pulls the 

    electrons inward, reducing the size of the ion.




c. The exception comes between Groups IV A and V A 

    where there is a transition between cations and anions.



4. Examples

Put the following in order of increasing ionic radius:




a. Cs+ , Rb+, K+, and Na+

As you move from one period to another down a group, the “n” value of the outermost electrons increases, the distance to the outermost electrons increases, and the ionic radius increases, therefore:






Na+ (  K+ (  Rb+ ( Cs+




b. K+, Ca2+, Ga3+, and Ge4+

As you move from one group to another across a period the effective nuclear charge increases pulling the electrons inward, reducing the size of the ion.





These are all cations that have lost all of their 

outermost electrons, therefore:






Ge4+ (  Ga3+ ( Ca2+ ( K+




c. N, N(, N2(, N3(
As the number of electrons increases, the electron-electron repulsion increases, so the protons have to spread their control over more electrons; as a result their attractive force decreases, which increases the size of the ion.






N (  N( (  N2(  ( N3(



d. Al, Al+, Al2+, Al3+

As the number of electrons decreases, the electron-electron repulsion decreases, so the protons have to spread their control over fewer electrons; as a result their attractive force increases, which decreases the size of the ion.





Al3+ (  Al 2+ (  Al+ ( Al

5. Isoelectronic species

a. Definition

Isoelectronic species are atoms and ions, or ions, which have the same number of electrons and therefore have the same electronic configuration.



b.  Trend

As the atomic number increases (going from left to right, including “wraparound” at the noble gases) the ionic size decreases.




c. Examples




     
Put the following in order of increasing size:





(1) N3(, O2(, F(, and Ne






Size will increase as atomic number 

decreases, therefore:






Ne ( F(  ( O2( ( N3(



(2) S2(, Cl(, Ar, K+, Ca2+

Size will increase as atomic number decreases, therefore:





Ca2+  ( K+ ( Ar ( Cl( ( S2(

E. Electronegativity



1. Definition




A measure of the ability of an atom that is bonded to 

another atom in a molecule to attract electrons to itself.



2. Description




a. Is a relative not an absolute determination




b. Linus Pauling calculated relative electronegativities in 

    arbitrary units on the Pauling electronegativity scale.




c. These values took into consideration a number of factors, 

    including ionization energy and electron affinity. 

d. Differences in electronegativities can predict whether 

    ionic or covalent bonds will form.



3. Group trend ( electronegativities decrease from top to bottom 

                down a group for the representative elements, the transition 

                metals are not so regular.



4. Period trend ( electronegativities increase as you move from left 

    to right across a period for the representative elements, and 

    GENERALLY for the transition metals.



5. Examples

Put the following in order of increasing electronegativity:




a. Ba, Mg, Sr, and Ca





Ba ( Sr ( Ca ( Mg




b. F, C, O, and N





C ( N ( O ( F


F. Metallic character



1. Definition




The extent to which an element exhibits the physical and 



chemical properties characteristic of metals



2. Description




a. The trends in metallic character generally follow the 

    trends in ionization energy.




b. High metallic character is associated with low ionization 

    energy.




c. The character of nonmetals is associated with high 

    ionization energy.



3. Group trend ( the metallic character increases as you move from

                 top to bottom down a group.



4. Period trend ( the metallic character decreases as you move 

                from left to right across a period.



5. Examples



    
Put the following in order of increasing metallic character:




a. Pb, Ge, C, and Si





C ( Si ( Ge ( Pb




b. Al, Mg, Si, and P





P ( Si ( Al ( Mg
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