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Notice in the periodic table where iodine is at atomic wt 53. Iron is at 26 and iodine is about twice as 

heavy. Zinc wt 30, is a needed elemental trace element nutrient as is Selenium wt 34.   

Iodine is by far the heaviest trace nutrient needed by the body for health.  

Dr Issacs and I made an in-depth study of the trace elements in health and quantum biology.  

In quantum biology it is not just the presence of an element that is important but the power and 

placement of the quantum energy states of the electrons in the element.  

The minerals are foods for the plants, the plants are food for the animals, and other animals can be 

used ass food for animals.  

In the mineral kingdom, we find primarily ionic chemical bonds. These are weak bonds where two 

atoms are drawn together to fill an outer quantum energy state. These are weak bonds as that the 

outer electrons are in low energy states in the minerals we find in the ground.  

Plants take in these minerals thru their roots and thru the process of photosynthesis, photons from 

the sun gradually make the outer electrons go to higher levels. Then covalent bonds form more 

prevalently. These are stronger bonds as the atoms share an electron covalent.  

Mineral salt from the ground has weak ionic bonds, drop it into water and the bonds are weak as the 

salt dissolves. Bonds in a piece of celery are stronger covalent bonds, drop it into water and they do 

not dissolve so easily.  

Sodium in salt is not the same as sodium in the celery. So atoms we take in are much better if they 

are from plants where the outer electrons are in higher energy states.  

These higher energy are needed for energy transport thru the krebs cycle for ATP. And these higher 

energy states are needed for other things as well. 

Dr Issacs speculated that the 53 electrons of iodine were so complex that they could store vast 

amounts of data in the quantic states. Iodine might be a little computer chip for the body.  

This is a very complex situation and a major advancement for biology but it proves the synthetic 

chemical companies do not know what they are doing, so this work is not properly reviewed or 

discussed.  

Bottom line, nature and plants are better.  

http://i-am-flicks.com/


 

 

 

 

https://www.youtube.com/watch?time_continue=16&v=mh7cRRjbtJw 

https://www.youtube.com/watch?time_continue=7&v=8n8AsOswhpQ 

https://www.atmos-chem-phys.net/19/4025/2019/ 

 

 

 

Electron Configuration 
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The electron configuration of an atomic species (neutral or ionic) allows us to understand the shape 
and energy of its electrons. Many general rules are taken into consideration when assigning the 

"location" of the electron to its prospective energy state, however these assignments are arbitrary and it 

is always uncertain as to which electron is being described. Knowing the electron configuration of a 

species gives us a better understanding of its bonding ability, magnetism and other chemical properties. 

Introduction 

The electron configuration is the standard notation used to describe the electronic structure of an atom. 
Under the orbital approximation, we let each electron occupy an orbital, which can be solved by a single 

wavefunction. In doing so, we obtain three quantum numbers (n,l,ml), which are the same as the ones 

obtained from solving the Schrodinger's equation for Bohr's hydrogen atom. Hence, many of the rules 
that we use to describe the electron's address in the hydrogen atom can also be used in systems involving 

multiple electrons. When assigning electrons to orbitals, we must follow a set of three rules: the Aufbau 

Principle, the Pauli-Exclusion Principle, and Hund's Rule. 

The wavefunction is the solution to the Schrödinger equation. By solving the Schrödinger equation for 

the hydrogen atom, we obtain three quantum numbers, namely the principal quantum number (n), the 

orbital angular momentum quantum number (l), and the magnetic quantum number (ml). There is a 

fourth quantum number, called the spin magnetic quantum number (ms), which is not obtained from 
solving the Schrödinger equation. Together, these four quantum numbers can be used to describe the 

location of an electron in Bohr's hydrogen atom. These numbers can be thought of as an electron's 

"address" in the atom. 

Notation 

To help describe the appropriate notation for electron configuration, it is best to do so through example. 

For this example, we will use the iodine atom. There are two ways in which electron configuration can 

be written: 

I: 1s22s22p63s23p64s23d104p65s24d105p5 

 

or 

I: [Kr]5s24d105p5 

In both of these types of notations, the order of the energy levels must be written by increased energy, 

showing the number of electrons in each subshell as an exponent. In the short notation, you place 
brackets around the preceding noble gas element followed by the valence shell electron configuration. 

The periodic table shows that kyrpton (Kr) is the previous noble gas listed before iodine. The noble gas 

configuration encompases the energy states lower than the valence shell electrons. Therefore, in this 

case [Kr]=1s22s22p63s23p64s23d104p6. 

Quantum Numbers 

Principal Quantum Number (n) 

The principal quantum number n indicates the shell or energy level in which the electron is found. The 
value of n can be set between 1 to n, where n is the value of the outermost shell containing an electron. 

This quantum number can only be positive, non-zero, and integer values. That is, n=1,2,3,4,.. 

For example, an Iodine atom has its outmost electrons in the 5p orbital. Therefore, the principle quantum 

number for Iodine is 5. 

Orbital Angular Momentum Quantum Number (l) 
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The orbital angular momentum quantum number, l, indicates the subshell of the electron. You can also 
tell the shape of the atomic orbital with this quantum number. An s subshell corresponds to l=0, 

a p subshell = 1, a d subshell = 2, a f subshell = 3, and so forth. This quantum number can only be 

positive and integer values, although it can take on a zero value. In general, for every value of n, there 

are n values of l. Furthermore, the value of l ranges from 0 to n-1. For example, if n=3, l=0,1,2. 

So in regards to the example used above, the l values of Iodine for n = 5 are l = 0, 1, 2, 3, 4. 

Magnetic Quantum Number (ml) 

The magnetic quantum number, ml, represents the orbitals of a given subshell. For a given l, ml can 

range from -l to +l. A p subshell (l=1), for instance, can have three orbitals corresponding to ml = -1, 0, 
+1. In other words, it defines the px, py and pzorbitals of the p subshell. (However, the ml numbers don't 

necessarily correspond to a given orbital. The fact that there are three orbitals simply is indicative of 

the three orbitals of a p subshell.) In general, for a given l, there are 2l+1 possible values for ml; and in 

a n principal shell, there are n2orbitals found in that energy level. 

Continuing on from out example from above, the ml values of Iodine are ml = -4, -3, -2, -1, 0 1, 2, 3, 4. 

These arbitrarily correspond to the 5s, 5px, 5py, 5pz, 4dx
2-y2, 4dz

2, 4dxy, 4dxz, and 4dyz orbitals. 

Spin Magnetic Quantum Number (ms) 

The spin magnetic quantum number can only have a value of either +1/2 or -1/2. The value of 1/2 is the 
spin quantum number, s, which describes the electron's spin. Due to the spinning of the electron, it 

generates a magnetic field. In general, an electron with a ms=+1/2 is called an alpha electron, and one 

with a ms=-1/2 is called a beta electron. No two paired electrons can have the same spin value. 

Out of these four quantum numbers, however, Bohr postulated that only the principal quantum number, 
n, determines the energy of the electron. Therefore, the 3s orbital (l=0) has the same energy as the 3p 

(l=1) and 3d (l=2) orbitals, regardless of a difference in l values. This postulate, however, holds true 

only for Bohr's hydrogen atom or other hydrogen-like atoms. 

When dealing with multi-electron systems, we must consider the electron-electron interactions. Hence, 

the previously described postulate breaks down in that the energy of the electron is now determined by 

both the principal quantum number, n, and the orbital angular momentum quantum number, l. Although 
the Schrodinger equation for many-electron atoms is extremely difficult to solve mathematically, we 

can still describe their electronic structures via electron configurations. 

General Rules of Electron Configuration 

There are a set of general rules that are used to figure out the electron configuration of an atomic species: 
Aufbau's Principle, Hund's Rule and the Pauli-Exclusion Principle. Before continuing, it's important to 

understand that each orbital can be occupied by two electrons of opposite spin (which will be further 

discussed later). The following table shows the possiblenumber of electrons that can occupy each orbital 

in a given subshell. 

subshell number of orbitals total number of possible electrons in each orbital 

s 1 2 



p 3 (px, py, pz) 6 

d 5 (dx2-y2, dz2, dxy, dxz, dyz) 10 

f 7 (fz3, fxz2, fxyz, fx(x2-3y2), fyz2, fz(x2-y2), fy(3x2-y2) 14 

Using our example, iodine, again, we see on the periodic table that its atomic number is 53 (meaning it 
contains 53 electrons in its neutral state). Its complete electron configuration is 

1s22s22p63s23p64s23d104p65s24d105p5. If you count up all of these electrons, you will see that it adds up to 

53 electrons. Notice that each subshell can only contain the max amount of electrons as indicated in the 

table above. 

Aufbau Principle 

The word 'Aufbau' is German for 'building up'. The Aufbau principle, also called the building-up 

principle, states that electron's occupy orbitals in order of increasing energy. The order of occupation is 

as follows: 

1s<2s<2p<3s<3p<4s<3d<4p<5s<4d<5p<6s<4f<5d<6p<7s<5f<6d<7p 

Another way to view this order of increasing energy is by using Madelung's Rule: 
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Figure 1. Madelung's Rule is a simple generalization which 
dictates in what order electrons should be filled in the 

orbitals, however there are exceptions such as 

copper and chromium. 

This order of occupation roughly represents the increasing energy level of the orbitals. Hence, electrons 
occupy the orbitals in such a way that the energy is kept at a minimum. That is, the 7s, 5f, 6d, 7p 

subshells will not be filled with electrons unless the lower energy orbitals, 1s to 6p, are already fully 

occupied. Also, it is important to note that although the energy of the 3d orbital has been mathematically 
shown to be lower than that of the 4s orbital, electrons occupy the 4s orbital first before the 3d orbital. 

This observation can be ascribed to the fact that 3d electrons are more likely to be found closer to the 

nucleus; hence, they repel each other more strongly. Nonetheless, remembering the order of orbital 

energies, and hence assigning electrons to orbitals, can become rather easy when related to the periodic 

table. 

To understand this principle, let's consider the bromine atom. Bromine (Z=35), which has 35 electrons, 

can be found in Period 4, Group VII of the periodic table. Since bromine has 7 valence electrons, the 
4s orbital will be completely filled with 2 electrons, and the remaining five electrons will occupy the 

4p orbital. Hence the full or expanded electronic configuration for bromine in accord with the Aufbau 

principle is 1s22s22p63s23p64s23d104p5. If we add the exponents, we get a total of 35 electrons, confirming 

that our notation is correct. 

Hund's Rule 
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Hund's Rule states that when electrons occupy degenerate orbitals (i.e. same n and l quantum numbers), 
they must first occupy the empty orbitals before double occupying them. Furthermore, the most stable 

configuration results when the spins are parallel (i.e. all alpha electrons or all beta electrons). Nitrogen, 

for example, has 3 electrons occupying the 2p orbital. According to Hund's Rule, they must first occupy 

each of the three degenerate p orbitals, namely the 2px orbital, 2py orbital, and the 2pz orbital, and with 
parallel spins (Figure 2). The configuration below is incorrect because the third electron occupies does 

not occupy the empty 2pz orbital. Instead, it occupies the half-filled 2px orbital. This, therefore, is a 

violation of Hund's Rule (Figure 2). 

 
Figure 2. A visual representation of the Aufbau Principle and Hund's Rule. Note that the filling of electrons in each orbital 

(px, py and pz) is arbitrary as long as the electrons are singly filled before having two electrons occupy the same orbital. 
(a)This diagram represents the correct filling of electrons for the nitrogen atom. (b) This diagramrepresents the incorrect 

filling of the electrons for the nitrogen atom. 

Pauli-Exclusion Principle 

Wolfgang Pauli postulated that each electron can be described with a unique set of four quantum 

numbers. Therefore, if two electrons occupy the same orbital, such as the 3s orbital, their spins must be 
paired. Although they have the same principal quantum number (n=3), the same orbital angular 

momentum quantum number (l=0), and the same magnetic quantum number (ml=0), they have different 

spin magnetic quantum numbers (ms=+1/2 and ms=-1/2). 

Electronic Configurations of Cations and Anions 

The way we designate electronic configurations for cations and anions is essentially similar to that for 

neutral atoms in their ground state. That is, we follow the three important rules: Aufbau's Principle, 

Pauli-exclusion principle, and Hund's Rule. The electronic configuration of cations is assigned by 
removing electrons first in the outermost p orbital, followed by the s orbital and finally the d orbitals (if 

any more electrons need to be removed). For instance, the ground state electronic configuration of 

calcium (Z=20) is 1s22s22p63s23p64s2. The calcium ion (Ca2+), however, has two electrons less. Hence, 
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the electron configuration for Ca2+ is 1s22s22p63s23p6. Since we need to take away two electrons, we first 
remove electrons from the outermost shell (n=4). In this case, all the 4p subshells are empty; hence, we 

start by removing from the s orbital, which is the 4s orbital. The electron configuration for Ca 2+ is the 

same as that for Argon, which has 18 electrons. Hence, we can say that both are isoelectronic. 

The electronic configuration of anions is assigned by adding electrons according to Aufbau's building 
up principle. We add electrons to fill the outermost orbital that is occupied, and then add more electrons 

to the next higher orbital. The neutral atom chlorine (Z=17), for instance has 17 electrons. Therefore, 

its ground state electronic configuration can be written as 1s22s22p63s23p5. The chloride ion (Cl-), on the 
other hand, has an additional electron for a total of 18 electrons. Following Aufbau's principle, the 

electron occupies the partially filled 3p subshell first, making the 3p orbital completely filled. The 

electronic configuration for Cl- can, therefore, be designated as 1s22s22p63s23p6. Again, the electron 
configuration for the chloride ion is the same as that for Ca2+ and Argon. Hence, they are all isoelectronic 

to each other. 

Problems 

1. Which of the princples explained above tells us that electrons that are paired cannot have the same 

spin value? 

2. Find the values of n, l, ml, and ms for the following: 

a. Mg 

b. Ga 

c. Co 

3. What is a possible combination for the quantum numbers of the 5d orbital? Give an example of an 

element which has the 5d orbital as it's most outer orbital. 

4. Which of the following cannot exist (there may be more than one answer): 

a. n = 4; l = 4; ml = -2; ms = +1/2 

b. n = 3; l = 2; ml = 1; ms = 1 

c. n = 4; l = 3; ml = 0; ms = +1/2 

d. n = 1; l = 0; ml = 0; ms = +1/2 

e. n = 0; l = 0; ml = 0; ms = +1/2 

5. Write electron configurations for the following: 

a. P 

b. S2- 

c. Zn3+ 

Answers 

1. Pauli-exclusion Principle 

2. a. n = 3; l = 0, 1, 2; ml = -2, -1, 0, 1, 2; ms can be either +1/2 or -1/2 

b. n = 4; l = 0, 1, 2, 3; ml = -3, -2, -1, 0, 1, 2, 3; ms can be either +1/2 or -1/2 

c. n = 3; l = 0, 1, 2; ml = -2, -1, 0, 1, 2, 3; ms can be either +1/2 or -1/2 

3. n = 5; l = 3; ml = 0; ms = +1/2. Osmium (Os) is an example. 

4. a. The value of l cannot be 4, because l ranges from (0 - n-1) 

b. ms can only be +1/2 or -1/2 



c. Okay 

d. Okay 

e. The value of n cannot be zero. 

5. a. 1s22s22p63s23p3 

b. 1s22s22p63s23p6 

c. 1s22s22p63s23p64s23d7 
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